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:Now there’s a way to measure the shear 
properties of filled and unfilled rubbers.

Use the new
Melabs Dynamic Shear Rheometer

□ Uses parallel plate 
geom etry to analyze 
under conditions of pure 
shear. □  Rigidity range 
from 10s to 10° Newtons 
per square m eter. □
Wide frequency range—
1 to 1,000 Hz. □  Wide 
controlled temperature 
range—from —150°C 
to + 1 5 0 °C . □ Small 
sample size—less than 
100 mg. □  Small rela
tive strain— 10 s. □ Atmosphere control.
APPLICATION. The Mode] CSR-1 Shear Rheometer characterizes the shear properties of filled and unfilled rubbers. 
HOW IT WORKS. The oscillator-power amplifier delivers a sinusoidal voltage to drive trans- ducer; and, the transducer produces a shear strain in the sample. The physical properties of the material determine the

phase and amplitude of the force transmitted through the sample. The force is sensed by the monitor transducer, reconverted to electrical parameters, amplified by the high-impedance amplifier, and measured by the voltmeter j and phase meter. The 
* phase and amplitude measurements then can be used to calculate the shear rigidity and the shear viscosity of the sample.

For further information, write 
to MELABS, Scientific Instru
ments Department, Stanford 
Industrial Park, Palo Alto, Cali
fornia 94304. Phone (415)326- 
9500. TWX: (901) 373-1777. 
Cable: MELABS Palo Alto.
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HYPERFINE INTERACTIONS
edited by Arthur J. Freeman 

Richard B. Frankel
This unique collection of papers covers the entire 
range of basic principles, current status and latest 
advances in the field of hyperfine interactions and 
associated relaxation phenomena. Nuclear Mag
netic Resonance, Môssbauer Effect, Atomic Beams, 
Optical Hyperfine, Perturbed Angular Correlations, 
Electron Paramagnetic Resonance, Nuclear Spe
cific Heats and other topics are treated with text
book thoroughness and with a view towards clari
fying the general relationships between them. 
This presentation, based on the proceedings of a 
NATO Advanced Study Institute held at Aix-en- 
Provence, France, 1966, includes papers by such 
eminent authorities as A. Abragam, B. Bleaney, S. 
Geschwind, R. L. Môssbauer and A. Steudel.
1967, 758  pp., $16.00

revised edition
THERMODYNAMIC PROPERTIES OF 
ORGANIC COMPOUNDS
ESTIMATION METHODS, PRINCIPLES AND PRACTICE
by George J. Janz
Volume 6 of Physical Chem istry
Presents principles and methods for calculating 
thermodynamic properties of organic compounds 
and for predicting the feasibility of chemical sta
bility and reactivity from the thermodynamic point 
of view. Exact and estimated data tables are in
cluded for the thermodynamic analysis of a wide 
variety of problems.
1967, 249 pp., $10.50

FUNDAMENTALS OF 
GAS-SURFACE INTERACTIONS
edited by H oward Saltsburg, Joe N. Smith , Jr . 

and Milton Rogers
Air Force Office of Scientific Research, Arlington, 'Virginia 
An up-to-date survey of modern research in gas- 
surface interactions. Reports investigations of the 
properties of the surface itself—structure and forces 
between surfaces—and investigations of the gas- 
surface interaction using as a probe the properties 
of the gas phase-adsorption, chemical reaction on 
or with surfaces, molecular beam scattering and 
energy transfer in the gas-solid system.
1967, 555 pp., $14.50

A
NEW

SERIAL
PUBLICATION

Volume 1

ADVANCES IN
HIGH TEMPERATURE CHEMISTRY
edited by LeRoy Eyring

Reviews advances in knowledge of the high tem
perature behavior of materials and the latest ex
perimental techniques. Emphasis is placed on the 
complex and unfamiliar characteristics of matter 
at high temperature. The articles are contributed 
by established investigators.

Contents: P. G o l d f in g e r , A Definition of High Tem
perature Chemistry. C. J. C h e e t h a m  and R. F. 
B a r r o w , The Spectroscopy of Diatomic Transition 
Element Molecules. K. D. C a r l s o n  and C. R. C l a y - 
d o n , Electronic Structure of Molecules of High Tem
perature Interest. A. B u c h l e r  and J. B. B e r k o w it z -  
M a t t u c k , Gaseous Ternary Compounds of the Alkali 
Metals. R. J. T h o r n  and G. H. W i n s l o w , Valence 
States in High Temperature Chemistry; Energie Struc
tures in Transitional Elements. D. L. H i l d e n b r a n d , 
Bond Energy Relationships in Polyvalent Metal Fluo
rides. J. B. E z e l l , J. C. T h o m p s o n , J. L. M a r g r a v e  
and P. L. T i m m s , The Chemical Reactions of High 
Temperature Species. E. F. W e s t r u m , Jr ., High 
Temperature Adiabatic Calorimetry. T. B. R e e d , 
Plasmas for High Temperature Chemistry. Author 
Index. Subject Index.
1967, 334 pp., $14.50

ELECTRONIC ABSORPTION SPECTRA 
AN D  GEOMETRY OF 
ORGANIC MOLECULES
AN APPLICATION OF MOLECULAR ORBITAL THEORY
by H iroshi Suzuki
Describes aspects of the relation between elec
tronic absorption spectra of organic compounds 
and geometry of molecules. In terms of molecular 
orbital theory, special detailed emphasis is placed 
on basic concepts, various useful methods within 
its framework, and composite-molecule methods, 
and their application to interpretation of electronic 
spectra.
1967, 569 pp., $24.00

ACADEMIC PRESS

AN INTRODUCTION TO THE 
LIQUID STATE
by P. A. Egelstaff
Developed from a series of lectures given at the 
University of Reading, this volume gives a general 
introduction to the liquid state. Equilibrium and 
transport properties and microscopic behavior of 
liquids are covered. The basic theory involving 
pair potentials and pair distribution functions is 
presented in the earlier part of the book, and the 
more complicated space and time dependent cor
relation functions follow. Monotomic liquids, such 
as rare-gas liquids and liquid metals, are discussed 
in detail and their properties compared.
1967, 236 pp., $10.00
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Introduction to

Magnetic Resonance
With Applications to Chemistry 
& Chemical Physics
Alan Carrington, University of Southampton 
Andrew D. McLachlan, University of Cam 
bridge
“ This book has been written to provide a 
theoretical foundation in magnetic reso
nance phenomena for graduate students 
planning to work in these fields. It succeeds 
admirably. A serious student of chemistry 
or physics who has had an introduction to 
basic quantum formalism, including angular 
momentum, spin, and perturbation theory, 
can use this book for self-teaching. Nine 
appendices usefully delineate the general 
areas of required background. Most chap
ters are of 20 pages in length or less, thus 
enabling a specific topic to be easily handled 
at one sitting. The book is balanced in giv
ing equivalent treatment to the general 
principles of magnetic resonance before de
veloping, separately and equally, the more 
complete theories of nuclear magnetic 
(NMR) and electron spin resonance (ESR).
. . . One finds a selection of practical exam
ples carefully placed with respect to the 
theory. Use is also made of previous theo
retical developments by accurately giving in
ternal references, yet a chapter can be 
chosen at random and be readily understood 
with very little page-flipping.’’ E. Miller Lay- 
ton, Jr., American Scientist. 266 pp; $10.95

Introduction to 
Quantum Theory

Hendrik F. Hameka,
University of Pennsylvania
“ An extremely readable and useful book.
. . . The book is a very comprehensive intro
duction to formal quantum mechanics, 
especially for chemistry students . . . The 
first three chapters, covering the introduc
tory concepts are well set out, and the treat
ment of Hermite and Legendre Polynomials 
in Chapter 4 is particularly well done . . . .  
The section on perturbation theory has been 
included to advantage in the light of present 
applications . . . .  The book provides a good 
basic treatment of the subject and I should 
be pleased to recommend it.’ ’ P. G. Farrell, 
University of Saskatchewan. 276 pp; $12.00

HARPER & ROW, PUBLISHERS 
49 EAST 33D ST., N.Y.

Revised! Enlarged! 
up-Dated!

Phase Diagrams 
for Ceramists

(2066 Phase Equilibrium Diagrams—
1000 N EW , 1066 Revised or Repeated)

New 601 -page volume divides diagrams into seven sections: 
(1 ) Metal-oxygen systems; (2 ) Metal oxide systems; (3 ) 
Systems with oxygen-containing radicals; (4 ) Systems con
taining halides; (5 ) Systems containing halides with other 
substances; (6 ) Systems containing cyanides, sulfides, etc.; 
(7 )  Systems containing water.
Introductory section contains discussion of phase rule, in
terpretation of phase rule diagrams, experimental methods, 
glossary and selected bibliography. Two appendices: (a) 
Melting Points of Metal Oxides and (b) Molecular Weights 
of Oxides have been added.
Bound in blue buckram. 8J4" x 1 1 page size. Available 
at $18 per copy. Special price to Society Members $12, and 
to students $8. Add $1 for each copy to be mailed outside 
U.S.A. Ohio residents add 4% State Sales tax. Send check 
or money order.
*by Ernest M. Levin, Carl R. Robbins, 
and H oward F. M cM urdie: Compiled
at The National Bureau o f  Standards;
Margie K . Reser, Editor, 1864 Edi
tion; Published by The American 
Ceramic Society, Inc.

THE AMERICAN
CERAMIC SOCIETY, INC.

405 5 N . High St., Dept. D., Columbus, Ohio 43214

Ion-Molecule Reactions 
in the Gas Phase
ADVANCES IN CHEMISTRY NO. 58

Interactions between ions and molecules are more com
mon than had been suspected, as shown by new tools and 
techniques, such as tandem mass spectrometers and pulsed 
radiolysis. They are the cause of many chemical trans
formations in such energetic systems as:

•  flames
•  electrical discharges
•  high energy radiation
•  light

Eighteen papers survey the methods and results of studies 
on such systems.

336 pages with index cloth bound (1966) $8.50 postpaid 
in U.S., plus 20 cents in PUAS and foreign.

Set of L.C. cards free with library orders.

Order from: Dept. IV1
Special Issues Sales 
American Chemical Society 
1155 Sixteenth St., N.W. 
Washington, D. C. 20036
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The Partial Specific Volume of Bovine Plasma 

Albumin in the Presence of Potassium Chloride1

by Margaret J. Hunter
Institute of Science and Technology, Biophysics Research Division, and Department of Biological 
Chemistry, Medical School, University of Michigan, Ann Arbor, Michigan (.Received June 12, 1967)

The densities of various albumin-KCl solutions of known albumin and KC1 concentration 
were determined by the use of a calibrated glass diver in the manner described in a previ
ous communication.2 Specific volume data were obtained from the density data, and the 
specific volume of the albumin was found to be independent of protein and KC1 concentra
tion. The partial specific volume of apotransferrin was also determined.

Introduction
In a previous communication2 4 5 a method for the 

determination of protein-solution densities by means of 
a calibrated glass diver or float was described, and the 
partial specific volumes of three isoionic salt-free al
bumin preparations were determined from the density 
data. These studies have now been extended to an 
investigation of the effect of salt (KC1) on the partial 
specific volume of the protein. This information is of 
importance in the analysis of sedimentation data since 
most sedimentation velocity and sedimentation equilib
rium analyses on proteins are performed in the presence 
of dilute salt or buffer solutions.

Although many partial specific volume measure
ments on proteins in the presence of salts or buffers have 
been reported,3-7 no systematic investigation of the 
effect of salt on the partial specific volume has been 
undertaken. The more accurate specific volume studies 
(those of Dayhoff, et al.,6 7 and Ulrich, et al,6) do not give 
parallel data in the absence of salt. The variability of

the other published data is great enough that small salt 
effects would not be detectable.

Recently a study of the partial specific volume of 
ribonucléase in the presence of an uncharged solute, 
sucrose, has been undertaken by Kupke and his co
workers.8 These workers have shown the partial 
specific volume of the ribonucléase to be independent 
of sucrose concentration.

(1) This work was supported by National Institutes of Health 
Grant No. GM-11842.
(2) M. J. Hunter, J. Phys. Chem., 70, 3285 (1966).
(3) P. A. Charlwood, J. Am. Chem. Soc., 79, 776 (1957).
(4) V. L. Koenig, Arch. Biochem. Biophys., 25, 241 (1950).
(5) M. O. Dayhoff, G. E. Perlmann, and D. A. Maclnnes, J. Am. 
Chem. Soc., 74, 2515 (1952).
(6) D. V. Ulrich, D. W. Kupke, and J. W. Beams, Proc. Nail. Acad. 
Sci. U. S., 52, 349 (1964).
(7) J. L. Oncley, G. Scatchard, and A. Brown, J. Phys. Colloid 
Chem., 51, 184 (1947).
(8) D. W. Kupke, J. P. Senter, and P. F. Fahey, Jr., Abstracts, 11th 
Annual Meeting of the Biophysical Society, Houston, Texas, Feb 
1967, p 118.
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Experimental Section
Methods and Materials. The albumin used in these 

studies was crystalline bovine plasma albumin, Lot 
2267, Armour Pharmaceutical Co. Stock 5% albumin 
solutions were dialyzed extensively against glass- 
distilled water at 2°. The dialyzed solutions were 
filtered through Whatman No. 1 filter paper, passed 
through a mixed-bed deionizing column,9 and stored 
at 2°.

The human apotransferrin was a three times crystal
lized protein which had been prepared by Dr. E. Hazen 
from Cohn Fraction IV-7 of human plasma. The 
crystalline protein contained about 5% dimer. Apo
transferrin monomer was prepared by Mr. P. Eggena 
by passage of the apotransferrin through a column of 
Sephadex G-200. Isoionic salt-free apotransferrin 
monomer solution was prepared by the method de
scribed above for the preparation of isoionic salt-free 
albumin. No inhomogeneity of the apotransferrin 
monomer was detectable by electrophoretic or ultra
centrifugal analyses.

The equipment used in the solution-density and dry- 
weight determinations has been described in detail in 
a previous communication.2 In brief, the apparatus 
for the density determinations consists of a test tube 
suspended in a constant temperature bath. The glass 
diver, a platinimi stirrer, the solution whose density is 
to be determined, and a thermometer are placed in the 
test tube and the temperature of the bath varied until 
a temperature is reached at which the diver neither 
rises nor sinks. The temperature at which this equilib
rium occurs will be referred to as the solution-diver 
isopycnic temperature (or simply isopycnic tempera
ture). If the density-temperature profile of the diver 
has previously been determined by isopycnic-tempera- 
ture determinations on solutions of known density, 
the density of a solution of unknown density can be 
determined from the solution-diver isopycnic tempera
ture obtained with that solution.

The method employed in determining the isopycnic 
temperature has been modified in one particular since 
the previous paper was published. It has been ob
served on many occasions that, if the isopycnic tem
perature is approached rather rapidly, a false zero is ob
tained. The following procedure has therefore been 
adopted.

The temperature of the bath is adjusted rather 
rapidly until it is very close to that at which the diver 
neither sinks nor floats. The system is then allowed to 
equilibrate at this temperature for 20 min. The precise 
isopycnic temperature is then determined in the manner 
described previously.2 On many occasions two deter

minations of the isopycnic temperature have been per
formed on the solution; in one case the isopycnic tem
perature has been approached from lower temperature 
values while in the other case it has been approached 
from the high side of the temperature scale. Duplicate 
results obtained in this manner have agreed to within
0 .01° .

Calibration of Diver. The divers were calibrated by 
the use of KC1 solutions of known concentration. 
Concentration, density, and temperature correlations 
on these KC1 solutions were obtained by interpolation 
of the density data in the “ International Critical 
Tables”  10 in the manner described in the previous 
communication.

Three glass divers were used in the density determina
tions. Their density-temperature correlations are 
given in the equations

diver K : p =  1.000100 -  1.423 X 10~6i

diver B: p =  1.002248 -  1.312 X 10~6i

diver C: p =  1.010110 -  1.221 X HD5*

where p =  density and t =  temperature (°C).
Determination of Density of Protein Solutions. 

Weight dilutions of the protein solutions were obtained 
by weighing aliquots of the stock isoionic salt-free pro
tein solutions and glass-distilled water or standard 
KC1 solutions into weighing bottles. The diluted pro
tein solutions were mixed well and placed in the test 
tube with the diver, and the isopycnic temperature was 
determined. The density of the solution was obtained 
from the diver’s density-temperature calibration curve.

Determination of Protein Concentration by Dry-Weight 
Measurements. All dry-weight measurements were 
made on the stock isoionic salt-free protein solutions. 
The samples were heated at 110° in vacuo to constant 
weight in the manner described in the previous com
munication.2

Investigations on the variation of albumin dry 
weights with the conditions used to dry the albumin 
samples have been continued. The consistency of the 
dry-weight data obtained in vacuo at all temperatures 
studied (75-115°) is better than one part in a thousand. 
The day to day variation in the dry weights obtained 
after drying in air at 110° is considerably greater than 
this value. The air-dried weights have varied from
1.000 to 1.005 times that obtained in vacuo at 75°. 
This variability combined with the discoloration of the

(9) W. L. Hughes and H. M. Dintzis, J. Biol. Chem., 239, 845 
(1964).
(10) “ International Critical Tables,”  McGraw-Hill Book Co., Inc., 
New York, N. Y ., 1933.
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air-dried protein, the relatively high dry-weight value, 
and the fibrous character of the protein on the addition 
of water to the dried sample has led to the conclusion 
that drying in vacuo is the method of choice in the de
termination of the dry weight of albumin.

Determination o f Partial Specific Volume. The 
specific volumes of the proteins were calculated by the 
use of the relationship

* -  - ( t  -  '— Vs
n \ pt Po.t /

where <j> is the apparent specific volume. In the ab
sence of concentration dependence of the specific vol
ume, <j) is equal to the partial-specific volume, v. n is 
the weight fraction of the protein (g/g of solution), p, is 
the density of the solution at temperature t, and 
p0,t is the density of the solvent at temperature t. In 
the case of the protein-KCl solutions the solvent is com
posed of the nonprotein species present in the solution,
i.e., KC1 and water. The concentration units of the 
KC1 are g/100 g of water. Since p0it can be expressed 
as p h 2o , t +  p k c i. i, its value can be calculated from the 
tabulated water and KC1 increment density data. 
The specific volume of bovine plasma albumin in the 
presence and absence of KC1 was determined using 
each of the three divers. The individual datum points 
are shown in Figure 1. Mean data are presented in 
Table I. Eight density measurements were performed 
on isoionic salt-free albumin using diver K. A least- 
squares best-fit analysis of these data related the specific 
volume and the temperature in the following manner

v = 0.72596 +  0.00035f
The ¿¡26° value given in row 1 of Table I was obtained 
from the least-squares analysis. Apart from the data in 
row 1 of Table I, the mean data were obtained in the 
following manner. Since replicates were prepared by a 
weight-dilution procedure, the preparation of exact 
replicates was not possible. However the replicate 
samples were prepared at approximately the same pro
tein concentration and, in the case of the protein-KCl 
solutions, the same KC1 concentration. A mean tem
perature was chosen for the quasi replicates and the 
individual specific-volume values were converted to this 
temperature by use of a temperature coefficient of 
0.000366 ml/g deg. This value had been obtained pre
viously in the studies with isoionic salt-free albumin. 
The specific-volume data listed in column 6 of Table I 
are thus an average of the various individual specific- 
volume values, each of which had been corrected to the 
mean temperature given in column 5 of Table I. The 
number of data points used to obtain the average values 
are listed in brackets in column 2 of the Table. Aver-

Figure 1. Partial specific volume of bovine plasma 
albumin at various protein and KC1 concentrations:
•, albumin in H20; O, 0.20% KC1 and 4.0% albumin;
A ,  0.56% KC1 and 1.0% albumin; □ , 0.79% KC1 and 
0.58% albumin; V, 1.65% KC1 and 0.67% albumin;
+  , 0.19% KC1 and 0.34% albumin; A, 0.26% KC1 
and 1.5% albumin; X, 0.76% KC1 and 0.34% 
albumin; ■ , 0.81% KC1 and 2.6% albumin; and 
V, 1.67% KCI and 1.4% albumin.

age protein and KCI concentrations are given in col
umns 3 and 4. The v^0 data tabulated in column 7 
were obtained by standardizing the data in column 
6 to 25° by use of a temperature coefficient of 0.000366 
ml/g deg.

The values in the first three rows of column 7 indicate 
that no significant variation in the specific volume with 
concentration occurs. Specific volumes may therefore 
properly be equated with the partial specific volume. 
The lack of variation in the v^° values in column 7 
clearly demonstrates that the presence of KCI does 
not affect the protein partial specific volume. The tem
perature coefficient, dü/df, in the presence of a relatively 
high KCI concentration can be obtained from the data 
in rows 11 and 12 of Table I. A value of 0.000367 
ml/g deg is obtained from these data.
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Table I: Partial Specific Volume of Bovine Plasma Albumin at Various Protein and KC1 Concentrations

Protein KC1
concn, concn,

g/100 g g/100 g Temp, n, V26°,
No. Diver of aoln of H ,0 t, °C ml/g m l/g

1 K(8) 0.5-1.4 0 19.39-28.96 0.73468
2 B(3) 2.3 0 30.00 0.73651 0.73468
3 C(2) 4.5 0 22.33 0.73372 0.73470
4 K(4) 0.34 0.19 22.50 0.73398 0.73490
5 C(l) 4.0 0.20 22.37 0.73330 0.73426
6 B(3) 1.5 0.26 28.35 0.73593 0.73470
7 B(3) 1.0 0.56 30.00 0.73586 0.73403
8 B(5) 0.34 0.77 28.35 0.73592 0.73469
9 B(3) 0.58 0.80 31.10 0.73690 0.73467

10 C(l) 2.6 0.82 22.11 0.7335.3 0.73459
11 C(2) 0.67 1.68 22.50 0.73382 0.73474
12 C(2) 1.4 1.70 30.35 0.73670 0.73474

Six density determinations were performed on human 
apotransferrin. The resultant partial specific volumes 
are shown in Table II. A least-squares best-fit analysis

Table II : Partial Specific Volume of Human Apotransferrin

Diver

Protein
concn,

g/100 g 
of soln

KC1 
concn, 

g/100 g
of HaO

Temp, 
t, °C

vt,
ml/g

V2S°,
ml/g

B 1 .4 2 8 2 0 2 1 .3 6 0 .7 2 0 1 9 0 .7 2 1 3 5
B 1 .4 0 0 9 0 2 0 .9 9 0 .7 2 0 0 0 0 .7 2 1 3 0
B 1 .9 2 2 5 0 2 7 .1 9 0 .7 2 2 1 0 0 .7 2 1 3 9
B 1 .9 5 5 8 0 2 7 .5 4 5 0 .7 2 2 1 2 0 .7 2 1 2 9
C 1 .5 6 1 0 1 .2 4 1 9 2 2 .5 4 5 0 .7 2 0 4 6 0 .7 2 1 2 6
C 1 .57 51 1 .23 11 2 2 .4 1 0 .7 2 0 6 4 0 .7 2 1 4 8

of the four values obtained with the isoionic salt-free 
protein gave the following partial specific volume-tem
perature correlation

v = 0.71321 +  0.00033Ì
The partial specific volume data in column 5 of Table 
II were converted to 25° by use of the temperature 
coefficient obtained by the least-squares analysis of the 
salt-free data (i .e ., àv/àt = 0.00033 ml/g deg). As can 
be seen from the data in column 6 of Table II, the pres
ence of KC1 does not alter the partial specific volume 
of the protein.
Discussion

Of the many protein specific-volume determinations 
that have been published only one has shown a de
pendency of the partial specific volume on protein 
concentration. McMeekin and co-workers studied the

partial specific volume of casein at pH 6.4 and pH 3.1.11 
While the data at pH 6.4 showed no variation of the 
volume with casein concentration, the values at pH
3.1 showed a rather large dependency of the volume on 
concentration.

The accuracy of most of the published specific-volume 
data, however, is not great enough to permit the detec
tion of small specific-volume changes (±0.002). Ac
curate specific-volume data for two proteins in water 
(bovine serum albumin and ovalbumin) have been re
ported by Dayhoff, Perlmann, and Maclnnes.5 These 
authors found no variation in the specific volume with 
protein concentration in the concentration range of
0.2-0.8 g/100 g of solution. The method of density 
determination employed in the present studies is not 
really suited to specific-volume-concentration correla
tions since, for a particular diver, only one concentration 
of solute will give a particular density at a particular 
temperature. The use of three divers of differing 
density, however, does permit the determination of the 
specific volume at three protein concentrations at the 
same temperature. Measurements conducted in this 
manner showed no significant variation in specific vol
ume with concentration (rows 1, 2, and 3, Table I) in 
agreement with the findings of Dayhoff, et al.5

The accuracy of the partial specific volume data at 
low protein concentrations is greatly decreased since 
pt approaches p0,t; for example, an error of 0.01° in 
the determination of the isopycnic temperature would 
result in an error of 0.0007 in $ at a protein concentra
tion of 0.34 g/100 g of solution.

The value obtained for the partial specific volume of 
apotransferrin is in good agreement with literature
(11) T. L. McMeekin, M. L. Groves, and N. J. Hipp, J. Am. Chem. 
Soc., 71, 3298 (1949).
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values of 0.725 (37°),7 0.716 (presumably 20°),12 13 and 
0.72 (from amino acid analysis).18

Prior to undertaking these experiments, it had been 
thought that changes in the ionic environment of the 
protein might cause small variations in the volume of 
the protein. No such effect has been observed either 
with albumin or apotransferrin. The protein-salt 
density determinations were all conducted on solutions 
which had been prepared by adding known weights of 
standard protein solution to known weights of standard 
KC1 solutions. The KC1 and water were assumed to 
have the same density characteristics as they would 
have had in the absence of protein. The density of 
the KC1 and water fractions of the protein solution 
could thus be calculated from the KC1 and water density 
tables. The albumin partial specific volume obtained 
in the presence of salt, when calculated in this manner, 
was the same as that obtained in the absence of salt. 
Therefore, no measurable change in the volume of the 
protein or of the salt ions must have occurred on mixing 
the protein and salt solutions (unless of course the vol
ume of one solute increased while that of the other de
creased in a compensatory manner; however, this oc
currence is regarded as most unlikely). Furthermore, 
it is known that chloride ions are bound by both al

bumin14 and transferrin.15 * It therefore follows that 
chloride binding by the protein is not accompanied 
per se by any measurable change in the volume of the 
protein or of the bound chloride ions. Changes in 
électrostriction or excluded volumes must also be very 
small.

The lack of variation of the protein specific volume 
with protein and salt concentration simplifies investiga
tion of the specific volume of the protein component. 
Studies on albumin-KCl systems with and without the 
concomitant addition of HC1 or KOH, dialyzed and 
undialyzed, are being undertaken to obtain more exact 
information on the nature and volume of the protein 
species which obtains in sedimentation experiments.
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(12) H. E. Schultze, R. Sehmidtberger, and H. Haupt, Biochem. Z., 
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(13) A. Bezkorovainy, M . E. Rafelson, Jr., and V. Likhite, Arch. 
Biochem. Biophys., 103, 371 (1963).
(14) G. Seatchard, Y . V. Wu, and A. L. Shen, J . Am . Chem. Soc., 
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The Role of Hydrogen Peroxide in Oxygen Reduction at Rhodium Electrodes

by M. A. Genshaw, A. Damjanovic, and J. O’M. Bockris
The Electrochemistry Laboratory, The University of Pennsylvania, Philadelphia, Pennsylvania 19104 
{Received December 15, 1966)

The role of hydrogen peroxide in oxygen reduction at rhodium electrodes in acid and 
alkaline solution has been analyzed using the rotating disk electrode with the concentric 
ring. If hydrogen peroxide is formed at the rhodium disk electrode, it may diffuse away 
from it and be carried by forced convection to the ring electrode where it is detected. 
In purified 0.1 N  H2SO4 solutions, no H2O2 formation is detected. In insufficiently purified 
solutions, hydrogen peroxide is a reaction intermediate in a path parallel to that in which 
oxygen is reduced to water without peroxide intermediates. In 0.1 N  KOH solution, 
hydrogen peroxide is a reaction intermediate which partially reduces to water. Mech
anisms for oxygen reduction at prereduced and preoxidized rhodium electrodes are sug
gested.

Introduction
The use of the rotating disk electrode with a concen

tric ring1 -2 in the determination of the mechanisms of 
oxygen reduction and, in particular, in finding the role 
of hydrogen peroxide in the reduction has recently been 
discussed.3  4 5 6 7' 8 With this electrode assembly it was 
possible to discriminate between H20 2 formed as an 
intermediate or as a product in a parallel reaction path.9 

Thus, at Pt electrodes in H2SO4 solution, it was shown 
that H20 2 is formed in a reaction path parallel to that 
in which oxygen is reduced to water without H20 2 as an 
intermediate. 10 If, however, the solution is sufficiently 
purified to remove residual organic impurities, no H2C>2 

is formed either as an intermediate or in a parallel reac
tion path providing the electrode potential is anodic to
0.15 v vs. hydrogen electrode. In “insufficiently purified” 
acid solutions the rate of the further reduction of H20 2 
to water is lower than the rate by which H20 2 is formed 
at the same electrode. In alkaline solution at Pt elec
trodes, hydrogen peroxide is also an intermediate in a 
parallel path but it reduces at least partially further to 
water.11

To understand more fully the mechanism of oxygen 
reduction at a variety of electrode materials and the role 
of hydrogen peroxide in the reduction, oxygen reduction 
at rhodium electrodes was studied in acid and in alkaline 
solutions. For this study, the rotating disk electrode 
with a concentric ring is used along with some standard 
electrochemical techniques.

Analysis of the Parallel Reaction Paths
The application of the rotating disk electrode with a 

concentric ring in an analysis of parallel reaction paths 
was recently discussed9 and this electrode assembly was 
used to determine the role of hydrogen peroxide in 
oxygen reduction at platinum electrodes.10' 12

If hydrogen peroxide is formed in oxygen reduction at 
the disk electrode kept at a given potential, it may dif
fuse away from the disk and be carried by forced con
vection to a ring electrode which is coplanar with the
(1) A. N. Frumkin and L. N. Nekrassov, Dokl. Akad. Nauk SSSR, 
126, 115 (1959).
(2) V. G. Levich, ‘ ‘Physicochemical Hydrodynamics,”  Prentice- 
Hall, Inc., Englewood Cliffs, N. J., 1962, p 327.
(3) L. Muller and L. N. Nekrassov, Electrochim. Acta, 9, 1015 
(1964).
(4) L. Müller and L. N. Nekrassov, Dokl. Akad. Nauk SSSR, 154, 
437 (1964).
(5) A. N. Frumkin, L. N. Nekrassov, V. G. Levich, and Yu. B. 
Ivanov, J. Electroanal. Chem., 1, 84 (1959).
(6) L. Muller and L. N. Nekrassov, ibid., 9, 282 (1965).
(7) L. Müller and V. V. Sobol, Elektrokhimiya, 1, 111 (1965).
(8) E. Yeager, “ The Oxygen Electrode in Aqueous Fuel Cells,”  
in Bransleceller, IVA Meddelande NR 134, Stockholm, 1963.
(9) A. Damjanovic, M. A. Genshaw, and J. O’M. Bockris, J. Chem. 
Phys., 45 , 4057 (1966).
(10) A. Damjanovic, M. A. Genshaw, and J. O’M. Bockris, J. Elec- 
trochem, Soc., 114, 466 (1967).
(11) A. Damjanovic, M. A. Genshaw, and J. O’M. Bockris, J. 
Electrochem. Soc., in press.
(12) A. Damjanovic, M. A. Genshaw, and J. O’M. Bockris, J. Phya. 
Chem., 70, 3761 (1966).
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disk electrode. The potential of the ring electrode is 
kept high enough so that practically all H20 2 which is 
transported to it is oxidized while oxygen evolution does 
not yet occur with any significant rate.

Hydrogen peroxide can form in a reaction path 
parallel to that in which 0 2 is reduced to water without 
hydrogen peroxide as an intermediate. This is schemat
ically represented by eq 1 and 2. Hydrogen peroxide,

^ > h 2o (1)
h 2o2 h 2o 
1 -

(2)

to solution and ring electrode
formed as a reaction intermediate in path 2, is partially 
reduced further at the same disk electrode to water and 
partially carried away from the disk electrodes to the 
solution and ring electrode by convective diffusion. 
Ii, 72, and Iz are the respective currents. 74 represents 
the rate in current by which H20 2 diffuses away from the 
disk electrode.

With the rotating disk electrode with the concentric 
ring it is possible to distinguish between reaction inter
mediates and products in a parallel reaction path. For 
this distinction the diagnostic equation9

Id _  x +  1 1.61 (s +  2)D!/V /%
7r N +  Nw/2 {d)

is used. 7d and 7r are the currents which are detected at 
the disk and ring electrode, respectively, kz is the rate 
constant for the further reduction of H2Ch at the disk 
electrode, and w is the rate of disk rotation. N  is a 
geometric factor, which is calculable from the dimen
sions of the electrodes.2,13 D  is the diffusion coefficient 
for reaction intermediates and v is kinematic viscosity. 
In the equation, x  is defined as

x = h / h  (4)
From the intercepts of 7d/7r vs. oo~1/! plots with the 
7d/7r axis, x  can be determined and, hence, conclusions 
can be made concerning the presence of parallel reaction paths.

Since current at the disk electrode is given by
I d  — I \  +  72 +  I z (5)

and at the ring electrode by2
I r  = N h (6)

and since
72 = I z  +  I i (7)

it follows that

7d =  h  +  21 z -  ( I t/N ) (3)
With known x, and from eq 4 and 8, the current at the 
disk electrode due to the reaction path which does not 
involve the formation of hydrogen peroxide, h ,  and 
the current due to the reduction of 0 2 to hydrogen 
peroxide, 72, can be calculated.
Experimental Section

The rotating disk apparatus consists of a rhodium 
electrode in the form of a  rod (diameter 0.234 cm) which 
is pressed fit into a thin Teflon cylinder. The ring 
electrode is a hollow platinum cylinder (i.d. 0.29 cm,
o.d. 0.35 cm) which is concentric with the rhodium 
rod from which it is electrically isolated by the thin 
Teflon cylinder. Only the bases of the rhodium rod and 
platinum cylinder are exposed to the solution. These 
bases are coplanar. Details of the electrode assembly 
are much the same as given in a previous paper.10 
The area of the rhodium electrode (disk) is 0.17 cm2. 
The ring electrode is lightly platinized.

The cell consists of a spherical compartment (main 
cell) with a water-sealed connection to the mechanical 
assembly for the disk and ring electrodes. A hydrogen 
electrode compartment is isolated from the main cell by a 
water-sealed stopcock. An auxiliary vessel, which 
served for electrochemical purification of the solution, is 
also attached to the main cell. In Figures 1 and 2, the 
cell and the auxiliary vessel are shown.10 Between ex
periments, the cell was soaked in a HN03-H 2S04 mix
ture. Before an experiment it was thoroughly washed 
with conductivity water.

Sulfuric acid solution (0.1 N ) was prepared from H20 2- 
treated13 14 Baker Analyzed reagent H2S04 and conduc
tivity water. In some experiments, this solution was 
further electrochemically purified. The solution under 
nitrogen pressure was circulated from the main cell to the 
auxiliary vessel for purification. In the auxiliary vessel 
a large platinized platinum gauze was potentiostated at
0.3 v.15 At this potential, the residual impurities from 
the solution adsorb at Pt and a high purity of the solu
tion is achieved. The electrochemically purified solu
tion will be referred to here as “pure,” in contrast to 
H20 2-treated acid which will be called “insufficiently 
purified.” KOH solutions (0.1 N ) were prepared from 
Baker Analyzed reagent grade KOH diluted with con
ductivity water. Gases used in the work are purified in 
a standard way.
(13) W. J. Albery and S. Bruckenstein, Trans. Faraday S o c 62, 
1920 (1966).
(14) W. Visscher and M. A. V. Devanathan, J. Electroanal. Chem 
8 , 127 (1964).
(15) All potentials in this paper are referred to the reversible hydro
gen electrode in the same solution.
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Figure 1. The cell. Position of the disk 
electrode is indicated.

Figure 2. Auxiliary vessel for solution purification.
The vessel is attached to the cell.

Oxygen reduction at 1 atm pressure of 0 2 is followed 
at the disk electrode. The potential of the disk elec
trode was controlled by a potentiostat (Wenking 61R). 
The ring electrode potential was kept10 at +1.4 v. At 
this high anodic potential, essentially all H20 2 which 
reaches the ring electrode is detected. The oxygen 
evolution current at this potential is still negligible. The 
currents at the disk and ring electrode were measured 
using electrometers (Keithley 600 A). The rate of disk 
rotation was determined by comparing on an oscillo
scope the signal produced by a coil placed near a magnet 
in the shaft of the disk electrode assembly with a stand
ard frequency produced by an audio oscillator.

The rhodium disk electrode was washed with acetone, 
conductivity water, 10% HC1, concentrated H2S04, 
and conductivity water. For measurements in alkaline 
solution, this washing sequence was followed by soaking 
the electrode for a few minutes in KOH solution of the 
same concentration as used in experiments. Once in 
the test solution, the disk electrode was treated in one

Figure 3. Time dependence of disk current at 0.40 v:
---------, 60 r p s ; ---------, stationary electrode.
Insufficiently purified acid solution.

Figure 4. Steady-state disk current as a function of disk 
potential. The area of the disk electrode is 0.17 cm2.

of the two following ways: (1) it was potentiostated at
0.05 v for 1 min and measurements were then taken 
starting from the most cathodic potential and (2) the 
electrode was potentiostated anodic to 1 v for 1 min 
and the measurements were then taken starting from the 
most anodic potential. To the first electrode it will be 
referred here as “prereduced” and to the second as 
“preoxidized.”
Results

Prereduced Electrode in Sulfuric A cid  Solution. At a 
prereduced electrode in “insufficiently purified” acid 
solution, the current at the disk electrode for a potential 
cathodic to about 0.5 v is very much time dependent

The Journal of Physical Chemistry



Role of Hydrogen Peroxide in Oxygen Reduction at Rhodium Electrodes 3725

Figure 5. Initial disk current at 0.10 v after the disk electrode 
was kept at a given potential for 1 min.

Figure 6. Plot of I d / I r  vs. for the prereduced rhodium 
electrode in acid solution. Potentials of the electrode 
are given in the figure.

(cf. Figure 3). When an electrode is brought from 0.05 
to, say, 0.2 v, current initially decreases with time while 
the yield of hydrogen peroxide, as detected at the ring 
electrode, gradually increases. The time for establish
ing the steady state depends for a given solution on the 
rate of disk rotation (see below). The steady-state 
disk current for a given rate of disk rotation is shown 
in Figure 4. In the region 0.20-0.45 v the disk current 
increases with increasing potential.

The initial activity of the electrode can be restored, 
however, or the electrode can even be made more “ ac
tive”  than it had been after the reduction at 0.05 v, if it 
is brought to a higher potential for a short (order of 
minutes) time. In a series of measurements the lower 
limit of the potential is determined which is required to

Figure 7. Plot of Id/Ir vs. (sec1/ 2) for the 
prereduced rhodium electrode in acid solution.

restore the initial “ activity”  of the disk electrode. 
The current at the disk electrode was first allowed to 
decrease at 0.10 v to its minimum, steady-state value for 
this potential. After this, the electrode was brought to 
a more anodic potential for 1 min. The electrode poten
tial was then changed again to 0.10 v and the initial 
current was measured. In Figure 5 this initial current is 
plotted against the potential at which the electrode was 
kept for 1 min in order to be “ activated.”  An essen
tially complete restoration of the “ activity”  occurs when 
the potential of the electrode is made anodic to 0.50 v 
for 1 min.

For a given potential of the disk electrode, the ratio 
Id/IT of the steady-state current at the disk, Id, to that at 
the ring electrode, I T, is linearly dependent on u ” 1/1 
(Figures 6 and 7). The Id/h lines are dependent on 
the disk potential. The slope of the lines increases as 
the potential decreases. The intercepts of the lines 
with the Id/Ir axis are all clustered around the value of
18. When experiments were repeated in newly pre
pared solutions, similar results are obtained, though the 
magnitude of Id/Ir for a given co and electrode potential 
may change, particularly at low potentials. These dif
ferences are attributed to different purities of solutions 
(see below).

The observed time effect for the prereduced rhodium 
electrode in acid solution resembles that reported10 for 
Pt electrodes under similar experimental conditions and 
is evidently caused, as in the case of Pt, by adsorption
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Current ot disk electrode [a ]

Figure 8. Current-potential relationship for the prereduced 
rhodium electrodes in acid solution. The area of 
the disk electrode is 0.17 cm2.

of residual impurities from the solution. This is based 
on the following observations, (i) The initial change in 
the disk current is strongly dependent on the rate of disk 
rotation; when the electrode is made stationary this 
change is much less (Figure 3). (ii) The electrode can 
be “ activated”  if brought to a potential anodic to 0.50 v 
(presumably a desorption or oxidation of the adsorbed 
organic impurities). (iii) The electrochemical purifica
tion of the solution results in a great decrease in the time 
effects and eventually practically no time effect is ob
served.

With electrochemical purification of the solution, not 
only the time effects diminish but also the behavior of 
the electrode changes. Thus, in “pure” solutions only 
traces of H^O2 are detected at the ring electrode. Hence, 
no Id/It vs. co_ 1/2 plot could be made (7r «  0).

The current-potential relationship for the prereduced 
electrode in “ pure”  solutions is given in Figure 8. No 
minimum in the current at low electrode potentials is 
observed here, but only well-defined limiting current 
close to 10-3 amp (compare Figures 4 and 8). Tafel be
havior is observed between 0.70 and 0.8 v with a slope 
close to the ideal —RT/F. These results are in agree
ment with those previously reported for prereduced 
rhodium electrodes.16 Both in “ pure”  and in “ insuf
ficiently purified”  solutions, potential-current relation
ships for the prereduced electrodes are almost identical 
at potentials anodic to about 0.60 v.

“ Peroxidized”  Electrode in Sulfuric Acid Solution. 
At rhodium electrodes initially potentiostated anodic to 
1 v, the Tafel slope for oxygen reduction is close to
— 0.100 v (Figure 9). This is in a marked contrast to 
the prereduced electrodes for which d F /d  In i ~
— RT/F. The average value of the slope from six in
dependent measurements is 0.105 v. This is in agree
ment with a previously reported value.I6a At these pre
oxidized electrodes, the reproducibility is not as high as

Figure 9. Current-potential relationship for the preoxidized 
rhodium electrode in acid solution. The area of the 
electrode is 0.17 cm8.

w -1*  s ec1*

Figure 10. Plot of h / L  vs. u¡~1̂  for the preoxidized 
rhodium electrode in acid solution. Potentials of 
the electrode are given in the figure.

at the prereduced electrodes. If the potential of the 
electrode was brought below about 0.60 v, the same 
Tafel behavior could not be retraced.

At potentials anodic to 0.55 v, the diagnostic plots of 
Id/It vs. o r ,/! both in “ pure”  and in “ insufficiently 
purified”  solutions are nearly the same. Data of such 
an experiment are shown in Figure 10 for 0.55 v and 
more anodic potentials. Below 0.50 v in “ insufficiently

(16) (a) A. Damjanovic, A. Dey, and J. O’M. Bockris, J. Electro- 
chem. Soc., 113, 739 (1966); (b) V. Brusio in “ Reversible Oxygen
Electrodes,”  Report No. 11, U. S. Army Electronics Laboratories, 
Fort Monmouth, N. J., 1964.
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Figure 11. Plot of Ii/Ir vs. for the preoxidized 
electrodes in acid solution. Potentials of the 
electrode are given in the figure.

Figure 12. Plot of Ii/I, vs. for the preoxidized
rhodium electrode in acid solution.

purified”  solution, Id/It lines (Figures 11 and 12) 
resembled those for the prereduced electrodes. The 
intercepts of the lines with the Id/Ir axis cluster around 
20 (about the same value as for the prereduced elec-

Figure 13. Current-potential relationship for the prereduced 
rhodium electrodes in alkaline solution. The area of the 
electrode is 0.17 cm2.

Figure 14. Plot of I,i/I, vs. for the prereduced electrode 
in alkaline solution. Potentials of the electrode are given 
in the figure.

trodes). In “ pure”  solutions, no I d/ / r plot was possible 
below about 0.6 v (7r «  0).

Reduction in Alkaline Solution. A short Tafel region 
with a slope close to — 60 mv is observed for the prere
duced rhodium electrodes at potentials anodic to about
0.8 v (Figure 13). The dependence of Id/Ir on 
at various electrode potentials is shown in Figure 14. 
The intercept of the lines with the Id/Ir axis ranges from 
5 to 12. The slopes of the lines decrease as the potential 
is made more anodic. At the preoxidized electrode 
(Figure 15) less satisfactory reproduciblity of the results
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Figure 15. Plot of Id / Ir vs. u>~'^ for the preoxidized 
electrode in alkaline solution.

was obtained. I J h  plots vs. to- 1/2 have intercepts 
between 4 and 6. The slope of the 7d/7r lines changes 
with potential.

Discussion
Hydrogen Peroxide in Oxygen Reduction in Acid Solu

tion. In the diagnostic plot of 7d/7 r vs. a>“ 1/2 for the 
prereduced electrodes in “ insufficiently purified”  acid 
solution, the intercepts are clustered between 15 and 20. 
From eq 3, the intercept is given by

intercept =  (x +  1)/2V (9)

and with N =  0.3,1847 as calculated from the dimen
sions of the disk and ring electrodes, and with an aver
age value for the intercept of 18, x =  4.5. Since x is 
the ratio of current 7, and 72 (c/. eq 4), oxygen reduction 
at the prereduced rhodium electrodes in “ insufficiently” 
purified acid solution proceeds along two parallel paths. 
Hydrogen peroxide is formed in the path parallel to 
that in which 0 2 is reduced to water without hydrogen 
peroxide as an intermediate. The major reaction is the 
reduction to H20  without peroxide intermediate.

At the potentials cathodic to 0.60 v, slopes in the plots 
of 7a/7r against co~'/2 are positive. It follows that the 
rate constant fc3 in eq 3 is not zero and that hydrogen 
peroxide is at least partially reduced further to water. 
At potentials anodic to about 0.60 v, k3 =  0 and hence 
the reduction of hydrogen peroxide is slow in comparison

to its formation at the same electrode. In this respect 
rhodium resembles a platinum electrode. On the latter 
electrode, too, in “ insufficiently purified”  solutions the 
rate of further reduction of hydrogen peroxide is 
negligible in comparison to the rate by which it is pro
duced.

After the sulfuric acid is purified, only traces of hydro
gen peroxide are detected to form. In this “ pure” acid 
solution oxygen reduction at the prereduced rhodium elec
trodes proceeds along a single path which does not involve 
hydrogen peroxide formation.

The basically similar 7d/7 r vs. dependence to 
those at the prereduced electrodes, which are obtained 
at the preoxidixed electrodes for potentials cathodic to 
0.5 v, indicate that in either case the electrode surfaces 
are the same. This behavior is possibly due to gradual 
reduction of oxides initially present at the surface of the 
preoxidized electrodes. Once these oxides are reduced, 
at least over the most of the electrode surface,17 18 the 
electrode behaves as if it is prereduced (see below). 
Above 0.55 v, 7d/7 r lines are not as reproducible as those 
for more cathodic potentials. The slopes of 7d/7 r lines 
appear to be close to zero and the intercepts are less 
than in the case of the prereduced electrodes. Hence, 
two parallel reactions are present at the preoxidized 
electrodes.

Hydrogen Peroxide in A Ikaline Solution. For alkaline 
solution, the 7d/7r vs o>~'/! plots are similar to those in 
“ insufficiently purified”  acid solution. The yield of 
hydrogen peroxide in alkaline solution is, however, 
greater than in acid solution. With the intercept of 
5, x «  0.5. Hence, at the prereduced rhodium electrodes 
in alkaline solution, the main path for oxygen reduction is 
that in which oxygen is reduced to hydrogen peroxide. 
Hydrogen peroxide then reduces further to water. 
Were the intercept equal to 3.3, the only reaction path 
would be that in which hydrogen peroxide is an inter
mediate.

Prereduced and Preoxidized Electrodes. At platinum 
electrodes, it is known19'20 that oxides form rapidly at 
potential anodic to about 1 v. Below this potential, 
oxides gradually reduce. A similar situation is ex
pected for rhodium electrodes, except that probably 
oxides begin to form at lower potentials.18-19 If the 
rate of oxide formation or of their reduction is slow 
enough, it is possible to examine the kinetics of oxygen

(17) S. Bruekenstein, private communication.
(18) Below about 0.5 v, oxides become unstable and are reduced; 
F. G. Will and C. A. Knorr, Z . Elektrochem ., 64, 270 (1960).
(19) W. M. Latimer, “Oxidation Potentials,” Prentice-Hall, Inc., 
Englewood Cliffs, N. J., 1964, p 198.
(20) A. K. N. Reddy, M. A. Genshaw, and J. O’M. Bockris, J . 
Electroanai. Chem., 8, 406 (1964).
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reduction in a certain range of potential either on a pre
dominantly oxide-free or an oxide-covered electrode 
surface. This was previously illustrated for the case of 
platinum in acid solution,21 where, in the potential 
range of 0.8-1 v, oxygen reduction occurs either at pre
dominantly oxide-covered or oxide-free electrode sur
faces. The mechanisms of the reduction are different 
on these two types of surfaces as shown by different 
values of dF /d  In i on these surfaces. Here, for the 
reduction at rhodium electrodes, two reaction mech
anisms are evident, too, at least for the reduction in acid 
solutions. At the prereduced, oxide-free surface, the 
slope (dF /d  In i ~  —RT/F) is different from that at the 
preoxidized, and presumably oxide-covered, electrode 
surfaces (dF /d  In i »  —2RT/F).

Reduction at the Prereduced Electrodes in Acid Solution. 
The Tafel slope is close to the ideal —RT/F. In “ pure” 
solution, a plot of l / /d  vs. gives straight lines
(Figure 16), thus indicating22 that the reaction is first 
order with respect to oxygen. Though the path of 
oxygen reduction cannot be determined with this in
formation only, a number of paths can be eliminated.

Since the reaction is first order in oxygen, dissociation 
of the oxygen occurs in or after the rate-controlling step. 
Thus, any intermediates which would form before the 
rate-controlling step must contain two oxygen atoms. 
Since no hydrogen peroxide is detected as an inter
mediate in the reduction path in “ pure”  solution, species 
like H 02~ and H20 2 are not expected to form. Inter
mediates like 0 2~ and H 02 are possible. The rate
controlling step may either be the formation of these 
intermediates or a step in which they dissociate.

The similarity of the kinetics at this electrode with 
that at a prereduced Pt electrode in “ pure”  H2S0 4  

solution may indicate basically the same mechanism for 
the reduction of oxygen to hold for both electrodes. 
If so, then the rate-controlling step is the first discharge 
step under Temkin conditions of adsorption.10-23 The 
pH dependence of the reaction is required for a further 
analysis of the mechanism.

Reduction to Water at Preoxidized Electrodes in Acid 
Solution. In Figure 17, the values of T&/h at «  =  
380 sec-1, which reflect the value of the intercept since 
the slopes of the lines are low (c/. Figure 10), are plotted 
as a function of potential from three independent experi
ments. A variation with the potential is evident: the 
higher the potential, the lower is the relative yield in 
hydrogen peroxide. Hence, at the potentials at which 
Tafel relationship is observed, ~he major reaction at the 
preoxidized electrodes in acid solutions is the reduction 
to water.

The results of the present work are not sufficient to 
allow an analysis of this path. In a recent analysis of
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Figure 16. Plot of l/7d vs. Prereduced
rhodium electrodes in acid solution.

0.16

oxygen evolution and reduction at preoxidized Rh elec
trodes,163 it was suggested that in perchloric acid the 
following two paths are possible (S =  substrate metal or 
oxide)

S +  H20  SOH +  H+ +  e -  (10)

SOH +  H20  i/ZC SOHOH-  +  H+ (11) 

SOHOH-  SOHOH +  e-  (12)

SOHOH SO +  H20  (13)

2SO 2S +  0 2 (14)

and

S +  H20  SOH +  H+ +  e-  (10)

SOH ^  SO-  +  H+ (15)

SO-  SO +  e -  (16)

2SO ^  0 2 +  2S (17)

In the first path, step 11 is rate controlling at low over
potentials with a change to step 10 as the rate-con*rol-

(21) A. Damjanovic and J. O’M. Bockris, Electrochim . A cta , 11, 376 
(1966).
(22) A. C. Riddiford, Advan. Electrochem. Electrochem . E ng,, 4, 96 
(1966).
(23) A. Damjanovic and V. Brusic, Electrochem . A cta , in press.
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Figure 17. Three independent measurements of the plot 
of I i / I ,  vs. electrode potential; u  =  380 sec-1.

ling one at higher anodic overpotentials; step 12 is rate 
controlling at higher cathodic overpotentials. In the 
second path, step 15 is rate controlling at low over
potentials with steps 10 and 16 becoming the rate-con
trolling ones at higher anodic and cathodic overpoten
tials, respectively. These proposed mechanisms are 
consistent with the experimental results reported here. 
Neither mechanism has a hydrogen peroxide inter
mediate.

If in the potential region where 7d //r vs. is not 
changing appreciably with potential (cf. Figures 10, 11, 
and 12), the partial current due to the reduction of 
oxygen to water is nearly a constant fraction of the total 
current, then the Tafel slope for this partial current 
should be the ideal — 2RT/F slope. With this the prob
able mechanism is then

0 2 +  H+ +  e-  — >  H 02 (18)
H 02 +  H+ +  e -  H20 2 (19)

O2 +  e“  ^  O2 (20)

0 2 +  2H+ +  e“  H20 2 (21)

Other mechanisms would either require dissociation of 
the 0 2 or do not have a single electron transfer in the 
rate-controlling step.

The Mechanism of Oxygen Reduction in Alkaline

Figure 18. Dependence of rate constant k3 for hydrogen 
reduction in alkaline solution.

Solution. Insufficient data exist for a more complete 
discussion of the mechanism of reduction in alkaline 
solution. In the potential range where the path in which 
oxygen is reduced to hydrogen peroxide is the major one, 
the slope of —RT/F indicates that a chemical step 
which follows a charge-transfer step is the rate-control
ling one

0 2 -t~ e-  < Ti 0 2-  (22)

0 2-  +  H20  — >  H 02-  +  OH (23)

OH +  e~ O H - (24)

Further reduction of hydrogen peroxide appears to be 
little dependent on the electrode potential. Thus, the 
constant /c3 in eq 3 as calculated from slopes of the 
Id/Ir vs. lines changes by less than two orders of 
magnitude for an 0.8-v change in potential (Figure 
18). This indicates a chemical rate-controlling step 
as in the path

H20 2 — > 20H (25)

20H +  2e- 2 0 H - (26)

A similar situation was previously reported11 for Pt elec
trodes in alkaline solution.

Summary of the Conclusions
At prereduced rhodium electrodes in purified acid 

solutions, no hydrogen peroxide is formed either as a 
reaction intermediate or as a product in a path parallel 
to that in which oxygen is reduced to water. At this 
electrode in insufficiently purified solution, oxygen re
duction proceeds along two parallel paths. Hydrogen 
peroxide is formed in a path parallel to that in which 
oxygen is reduced to water without hydrogen peroxide
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as an intermediate. The major reaction is the reduc
tion to water.

At the prereduced rhodium electrodes in alkaline 
solution, the main path for oxygen reduction is that in 
which oxygen is reduced to hydrogen peroxide. Hy
drogen peroxide reduces further to water. Reduction 
to water without hydrogen peroxide is a minor reaction.

The mechanism of oxygen reduction at the preoxidized 
rhodium electrodes in acid solution (dF/d In i  ~

— 2R T/F) is different from that at the prereduced 
electrodes (ÒF/Ò In i  »  —R T /F ).
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Adsorption of Polar Organic Molecules on Chromium

by B. J. Bornong and P. Martin, Jr.
Rock Island Arsenal, Laboratory Branch, Rock Island, Illinois 61201 {Received January 30, 1967)

Ellipsometric and surface potential (AF) data were obtained, at 25° and 40% relative 
humidity, on retracted monolayers of the homologous series of amines, amides, acids, and 
alcohols on chromium. Curves of AF vs. N , where N  is the number of carbon atoms per 
adsorbed molecule, reached an asymptotic maximum at N  >  14 for the amines and at N  >  
18 for the acids and alcohols. AF was constant for the amides up to AT = 18. Surface 
dipole moments (¡xp) were calculated from the Helmholtz equation using AF and surface 
coverage data.

Introduction
Studies have been made using ellipsometry1-4 and 

surface potential techniques5-10 to measure the adsorp
tion of certain polar organic compounds on metals. A 
recent work11 combined the two methods to perform 
parallel experiments on the growth of oxide films on 
metals. The work reported here, using these methods, 
was intended to improve our understanding of molecular 
packing and dipole orientation :n adsorbed films and to 
develop specific models for the systems studied.
Experimental Section

Materials. The following reagent grade or White 
Label compounds were used in this investigation: 
acetic acid (Du Pont); formic, palmitic, and stearic 
acids, 1-octanol, butylamine (Fisher Scientific Co.); 
octanoic, decanoic, lauric, and myristic acids, butyl, 
decyl, and dodecvl alcohols, 1-tetradecanol, 1-octa-

decanol, hexylamine, stearamide (Eastman Kodak). 
Compounds of other purity designations were: docos- 
anoic acid 99%, cerotic acid of undesignated purity 
(Eastern Chemical Corp.); acetamide, butyramide, 
hexanamide, octanamide, lauramide, myristamide, pal- 1 2 3 4 5 6 7 8 9 10 11

(1) J. R. Miller and J. E. Berger, J. Phys. Chem., 70, 3070 (1966).
(2) L. S. Bartell and J. F. Betts, ibid., 64, 1075 (1960).
(3) W. T. Pimbley and H. R. MacQueen, ibid., 68, 1101 (1964).
(4) R. R. Stromberg, E. Passaglia, and D. J. Tutas, J. Res. Natl. 
Bur. Std., A 6 7 ,  431 (1963).
(5) K. W. Bewig and W. A. Zisman, J. Phys. Chem., 67, 130 (1963).
(6) C. O. Timmons and W. A. Zisman, ibid., 6 9 ,  984 (1965).
(7) M . H. Gottlieb, ibid., 64, 427 (1960).
(8) F. M. Fowkes, ibid., 64, 726 (1960).
(9) B. J. Intorre, T. K. Kwei and C. M. Peterson, ibid., 67, 55 
(1963).
(10) D. A. Haydon, Kolloid Z., 188, 141 (1963).
(11) J. E. Boggio and R. C. Plumb, J. Chem. Phys., 44, 1081 (1966).
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mitamide, and stearamide, 95-99% (K & K Labora
tories, Inc.); 1-hexadecanol, Fisher N.F. grade, and a 
commercial sample from Archer Daniels Midland Co. 
Hexyl alcohol, 1-eicosanol, octylamine, decylamine, 
dodecylamine, tetradecylamine, hexadecylamine, and 
octadecylamine were practical or technical grade (East
man Kodak).

All the alcohols, liquid acids, docosanoic, and cerotic 
acids were percolated through alumina or silica gel 
columns while molten or in their normal liquid state to 
remove more adsorbable impurities. The amides, ex
cept the White Label sample which was used as received, 
were recrystallized from ethanol after treatment with 
activated carbon. The remaining compounds were 
used as received. Amines used probably contained 
carbon dioxide because they melted over wide tempera
ture ranges. Other compounds used had melting points 
within 1-2° of their literature values.

Thickness Measurements. Ellipsometer measurements 
were made with a Rudolph Model 436/200 E with photo
electric attachments. Procedures for use of the ellipsom
eter have been described.12-14 The instrument was 
calibrated for this study with Langmuir-Blodgett 
barium stearate films deposited on chromium (ferro
type plate) surfaces.16,16 Polarizer and compensator 
were placed before reflection. A mercury light source 
giving the 5461-A line was used. The change in A, the 
phase difference caused by reflection, in going from film- 
free to film-coated surface was taken to be proportional 
to film thickness in the thickness range measured here.17 
Each thickness was obtained by a difference measure
ment on every chromium specimen; the calibration 
factor of 6.32 A/deg change in A was used. It was 
assumed that refractive indexes of calibration films and 
measured films were the same. Comparison of the 
calibration procedure writh the Drude linear approxima
tion18,19 gave the same film thickness when a film re
fractive index of 1.52 was substituted into the approxi
mate equation. The angle of incidence was 70°.

Surface Potential Measurements. The vibrating con
denser method as originally described by Zisman20 was 
used to make surface potential measurements. A dia
gram of the apparatus is shown in Figure 1. The 
reference electrode of platinum (1 cm diameter) was 
above the test electrode and vibrated at 500 cps by a 
permanent magnet speaker cone energized by a General 
Radio audio oscillator, Type 1311-A. The metal to be 
measured was placed on a metal platform. A bakelite 
holder for the platform could be made parallel to the 
upper electrode by three leveling screws. In addition, 
the entire leveling device holding the lower electrode 
could be raised or lowered by means of a large screw 
at the bottom of the chamber. The entire assembly

SPEAKER

Figure 1. Diagram of the vibrating condenser apparatus.

was housed in a heavy metal chamber to minimize any 
electrical interference.

The signal generated by the vibrating condenser was 
fed into a Keithley decade isolation amplifier, Model 
102-B, followed by a General Radio amplifier and null 
detector, Type 1232A, which filtered out all frequencies 
except 500 cps. The amplified and filtered signal was 
registered on the null detector or observed on a Dumont 
oscilloscope 304H as a sine wave.

To measure a potential, the metal specimen studied 
was placed on the platform directly under the platinum 
electrode. The specimen was raised to within approxi
mately 0.5 mm of the reference electrode. The sen
sitivity of the condenser could be improved by decreas
ing the distance between the electrodes without affect
ing the potential.

The magnitude of the potential was obtained by ap
plying an opposing voltage across the two electrodes by 
using a 1.5-v battery and a ten-turn potentiometer. 
When the null detector indicated zero or the sine wave 
on the oscilloscope disappeared, the potential was 
measured with a Precision Scientific titrometer, Model 
8860. Measurements could be made within 2 mv. A 
reversing switch was used to indicate the presence of any 
additional electrical fields. Using this switch, the 
polarity of the potential would be reversed but its 
magnitude would not.

In this work, the surface potential (AF) represented 
the change from the initial to the final potential which is 12 13 14 15 16 17 18 19 20

(12) A. B. Winterbottom, “ Optical Studies of Metal Surfaces,”  The 
Royal Norwegian Scientific Society, Report No. 1, F. Bruns, Trond
heim, Norway, 1955, Chapter 3.
(13) A. Rothen, Rev. Sci. Instr., 28, 283 (1957).
(14) F. L. McCrackin, E. Passaglia, R. R, Stromberg, and H. L. 
Steinberg, J. Res. Natl. Bur. Std., A67, 363 (1963).
(15) K. B. Blodgett, / .  Am. Chem. Soc., 57, 1007 (1935).
(16) K. B. Blodgett and I. Langmuir, Phys. Rev., 51, 964 (1937).
(17) See ref 12, p 42.
(18) P. Drude, Ann. Physik, 36 (3), 865 (1889).
(19) A. C. Hall, J. Phys. Chem., 69, 1654 (1965).
(20) W. A. Zisman, Rev. Sci. Instr., 3, 367 (1932).
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produced when a film is adsorbed on an initially clean 
surface. Electrical interference was minimized by 
using shielded cables throughout, enclosing the loud
speaker and potentiometer in metal boxes, and con
necting the entire shielding system to a common ground. 
The aged platinum reference electrode was checked 
periodically with a second platinum specimen. The 
potential difference did not change by more than 10 mv 
over a period of several weeks. The aged platinum was 
considered suitable since it did not vary during the time 
for a measurement.

Procedures. Commercial ferrotype plates, chromium 
plated steel (Apollo Metal Works), were sheared into 
20 X 25 mm pieces. Residual organic films were re
moved from the chromium surface by dipping the metal 
pieces in chromic acid and flaming, as previously de
scribed.14 This procedure probably produces a chro
mium-chromium oxide surface. Ellipsometer readings 
were taken on each surface immediately after flaming. 
The average A value for these film-free surfaces was 
133.69° and was reproducible to within 0.48°. For a 
given chromium specimen, A could be reproduced to 
within 0.1°. Potential measurements were made within
6-8 min after flaming; the average potential value was 
265 mv and was reproducible to within 5 mv. The 
organic film was applied immediately after these mea
surements were made. Retraction from the melt was 
the usual method of application of a film.21 The 
chromium specimen was placed on the heating stage of a 
melting point apparatus; the retraction temperature 
was 5-10° above the melting point of the compound. 
Liquids were applied at room temperature. Homo
logs with less than six carbons did not retract; these 
compounds were placed on the chromium and allowed 
to evaporate for 3-5 min. Final potential and ellipsom
eter readings were taken immediately after applica
tion of the films. Additional retracted films of octadec- 
ylamine and stearic acid were applied at higher tempera
tures to determine the effect of retraction temperature 
on film thickness and surface potential. All potential 
and ellipsometric measurements were made at 25 ±  1° 
and 40 ± 10% relative humidity.
Results and Discussion

All the experimental and calculated data for the ad
sorbed organic films on chromium are shown in Table I. 
Surface potential data from Table I are shown in Figure 
2, plotted against N , the number of carbon atoms for the 
homologous series of fatty acids, alcohols, amines, and 
amides. Markers on the graph represent the arithmet
ical mean for each compound. The curves rise to an 
asymptotic maximum at N  >  18 for the acids and 
alcohols and at N  >  14 for the amines. The amides

Figure 2. Surface potentials for homologs 
adsorbed on chromium.

gave a horizontal line indicating surface potential in
dependent of chain length.

The behavior of amines on platinum as reported by 
Bewig and Zisman6 is analogous to that obtained here. 
AF for stearic acid adsorbed on chromium agrees with 
that obtained by Timmons and Zisman.6 However, 
they obtained an asymptote at N  >  14 for the adsorp
tion of acids on Pt and NiO. This difference may be 
caused by the dissimilar metals, different surface prep
arations, and dipole orientation.

Ellipsometric data from Table I on the homologous 
series of compounds are plotted in Figure 3. Data for 
the acids and amines are joined by the longest curve, 
the alcohols by the lower curve, and the amides by the 
dotted line. The curves show thicknesses somewhat 
lower than expected for close-packed monolayers. For 
example, stearic acid has a measured thickness of 18.4 A, 
which is less than the expected value of 24.4 A.15'16 
Thinning of the monolayers is taken to indicate that the 
films are not close packed. The ellipsometer, then, 
measures the average thickness of partially depleted 
films. Previous work has shown that film thicknesses 
of monolayers measured ellipsometrically are propor
tional to the number of adsorbed molecules.1'2

That the monolayers studied here are not close 
packed is in part caused by their method of application. 
Figure 4 shows the effect of the retraction temperature

(21) W. A. Zisman, Advances in Chemistry Series, No. 43, R. F. 
Gould, Ed., American Chemical Society, Washington, D. C., 1964,
pp 8-11.
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Table I : Properties of Adsorbed Films on Chromium

Film Av dipole Surface
N o. of N o. of A V No. of thickness Surface moments, dipole
carbon measure (av dev),° measure (av dev),a coverage, lit. values, b moment,
atoms ments mv ments A e » ,  D. » » •  D.

Amines
4 l 220 1 4.7 0.69 1.4 0.17
6 6 316 (± 5 ) 6 4.6 (±1 .8 ) 0.57 1.3-1.6 0.29
8 4 380 (±20) 6 6.5 ( ±0.9) 0.60 1.4 0.34

10 2 400 (±25) 2 8 .4 (±1 .6 ) 0.62 1.3 0.34
12 3 505 (±30) 4 11.4 (±1 .1) 0.70 0.38
14 4 565 (±30) 4 13.7 (±0 .5 ) 0.72 0.42
16 4 560 (±20) 4 14.2 (± 1 .7) 0.66 0.45
18 4 560 (±30) 6 18.5(±0.8) 0.76 0.39

Amides
2 1 450 3.6
4 1 390 3.5
6 2 385 (±5 ) 2 4.5 ( ±0.9) 0.56 0.36
8 4 415 (±35) 4 6 .5 (±0 .3 ) 0.60 0.37

12 8 359 (±40) 8 11.8 (±1 .5 ) 0.72 0.26
14 12 377 (±40) 12 12.1 (±1 .1 ) 0.64 0.31
16 11 385 (±30) 11 13.2(±0.7) 0.61 0.33
18 21 398 (±10) 23 14.6 ( ±0.9) 0.60 0.35

Acids
2 3 20 (±10) 3 2.3 (±1 .8) 0.85 1-1.5 0.012
8 3 47 (± 7 ) 3 5.9 ( ±0.9) 0.55 1.2 0.045

10 2 105 (±5 ) 2 8.6 (±1 .5) 0.63 0.088
12 5 125 (±20) 8 9.6 (±1 .0 ) 0.59 0.8 0.11
14 2 140 (±10) 6 13.1 (±0 .9 ) 0.69 0.11
16 2 217 (±7 ) 5 16.0(±0.6) 0.74 0.16
18 14 270 (±10) 18 18.4 (±1 .5 ) 0.75 0.19
22 2 292 (±8 ) 18 23.5 (±1 .4 ) 0.79 0.20
26 6 290 (±10) 15 28.4 (±1 .9 ) 0.80 0.19

Alcohols
4 2 0 ( ±5) 3 4.0 (±1 .2 ) 0.74 1.7 0
6 2 0 (±10) 3 2.8 (±1 .1) 0.35 1.65 0
8 2 25 4 4.4 (±1 .1) 0.41 1.7 0.032

10 5 40 (±10) 7 5.7 (±0 .9 ) 0.42 1.65 0.050
12 4 75 (± 5 ) 4 8.1 (±0 .6 ) 0.50 1.5 0.080
14 6 90 (±10) 7 11.1 (±1 .5 ) 0.58 0.082
16 2 130(±10) 2 15.1 ( ±0.1) 0.70 0.098
18 3 240 (±10) 4 19.1 (±2 .6 ) 0.78 0.16
20 3 240 (±10) 6 21.6 (±3 .0) 0.80 0.16

° Average deviation from the mean shown. b A. L. McClellan, “Tables of Experimental Dipole Moments,” W. H. Freeman and 
Co., San Francisco, Calif., 1963.

on ellipsometric film thickness for stearic acid and 
octadecylamine. The rapid initial drop in thickness 
shows that close-packed monolayers could not be ob
tained when films were applied at 5-10° above the 
melting points of the compounds. That the curves 
shown level out at higher temperatures suggests a 
strong adsorption under these conditions, probably 
chemisorption, on the chromium-chromium oxide sub

strate. Incomplete desorption has also been reported 
for stearic acid on NiO.6

Estimates of surface coverage (6) in Table I were 
made by taking the thickness (24.4 A) to correspond to 
a close-packed film of vertically oriented molecules for 
the 18-carbon compounds. It is assumed that thick
nesses for close-packed monolayers of lower and higher 
straight chain homologs fall on a line from the origin
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Figure 3. Ellipsometric film thicknesses of 
homologs adsorbed on chromium.

through the 24.4-A thickness value. The stearic acid 
film, then, contains about 75% of the number of mole
cules of a close-packed monolayer.

The Helmholtz relation can be used to correlate the 
data shown in Table I. This relation is

AF = 4tt?i/Ip
where n  is the number of molecules per unit area and 
Up is the total perpendicular component or surface 
dipole moment. Changes in AF from one member of 
the series to another should reflect differences in mo
lecular packing and dipole orientation. AF increases 
with chain length for the amines, acids, and alcohols. 
This increase indicates an increase in the number of 
molecules adsorbed and an increase in dipole orienta
tion. The constant AF for the higher homologs is 
indicated by both constant coverage and maximum 
orientation. For the amides, both the surface coverage 
and AF are constant; therefore, these homologs have 
the same packing and orientation.

The last column in Table I shows the experimental 
surface dipole moments calculated by the Helmholtz 
equation using n  equal to 6/A , where A  is the molecular 
area. The molecular area for a close-packed molecule 
was assumed to be 20 A2. The moments obtained were

o'--------- 1--------- 1--------- 1---------
50 100 150 200 250

Temperature, °C.
Figure 4. Effect of retraction temperature on adsorbed 
monolayers of stearic acid and octadecylamine.

less than the known values available for the compounds 
in the gaseous state. This is probably due to the in
duced polarization caused by the metal and other ad
sorbed molecules.22 Since is derived from AF and 9, 
relationships between it and chain length can also be 
explained by molecular packing and orientation.

It can be seen in Table I that pp for the amides and 
amines at about 60% coverage is three times larger 
than np for the acids and alcohols at the same coverage. 
For the amides, these large differences can be explained 
by the average dipole moments (ji) being about three 
times higher than for the acids and alcohols. However, 
this explanation does not satisfy the gp values shown for 
the amines. An alternative is that the relatively large 
differences may be associated with the more basic prop
erty (the electron-donating capacity) of the NH2 group 
as compared to the OH group. Therefore, interactions 
of these groups with the metal-metal oxide surface 
appears to be more important in determining AF than 
does surface coverage for the compounds studied.

The variation of pp with chain length, as shown in 
Table I, requires some discussion. The surface dipole 
moment is composed of the folio wing dipole vector terms: 
those of the head group in its adsorbed state, those 
of adsorbed atmospheric gases, and that of the methyl 
group. The increase in pp observed for the amines, 
acids, and alcohols from the lower to higher homologs 
was about 0.15 D. This increase may be attributed to 
changes in the vertical components of the three dipole 
vector terms. Variations in these vectors can be 
brought about by changes in the angle of tilt, rearrange
(22) C. O. Timmons and W. A. Zisman, J. Phya. Chem., 68, 1336 
(1964).
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ments of dipoles in the substrate surface layer, changes 
in bonding of the adsorbed head group to substrate, and 
changes in lateral interactions between adsorbed mole
cules. Each of these terms can be expected to vary 
when the chain length and surface coverage change.

The apparently constant orientation of the amides, 
reflected by their constant AT, can perhaps be inter
preted as follows. Stuart-Briegleb models show that 
the aliphatic carbon chain can exist in a spiral vertical 
form which occupies about one-third greater surface 
area than the straight chain model. If the amide films 
were in this configuration, they would be nearly “close

packed” at 60% coverage as calculated from a straight- 
chain model. At other surface coverages, the amides 
would be expected to behave like the other homologous 
series studied.

The results of this study show that ellipsometric and 
surface potential measurements can be used to obtain 
reproducible surface dipole moments. More work is 
needed to separate the various dipole vector terms in
volved before the data can be analyzed further.

Acknowledgment. The authors thank Dr. L. G. 
Wiedenmann for helpful discussions on molecular 
structure.

Photodecomposition of a-Lead Azide in the Solid State

by Y. R. Pai Verneker1 and A. C. Forsyth
Explosives Laboratory, Picatinny Arsenal, Dover, New Jersey (Received March 6, 1967)

The kinetics of nitrogen evolution from a-lead azide during irradiation with ultraviolet light 
from a low-pressure mercury lamp has been investigated as a function of the intensity, tem
perature, and time of the irradiation, the method of preparation, and the age of the sample. 
The data clearly demonstrate the dependence of the initial photolytic decomposition rate 
on the method of preparation. It is further concluded that, during the aging process, 
the defects (resulting from the incorporation of impurities) which participate in the photo- 
decomposition disappear irreversibly. The efficiency of the photolytic process is seen to 
be greater at +10° than at +25°. This is discussed in the light of possible electron traps 
and intermediate free radicals.

Photodecomposition of Lead Azide in the Solid State
The thermal decomposition of a-lead azide under 

vacuum and in air has been extensively studied.2 3 
The mechanism, which assumes that the final product 
of decomposition, lead, catalyzes the reaction, has been 
shown to be valid by the experiments by Reitzner, et al.3a 
Acceleration of the thermal decomposition of a-PbNs 
as a result of prior irradiation has also been demon
strated experimentally.311 Recently Jacobs, et al.,* 
have shown how the photodecomposition of BaNe is 
affected by its prior partial thermal decomposition. 
On the other hand, no work on the photolysis of PbXe 
is reported in the literature.

Experimental Section
PbNe was contained in a small boat so as to keep 

constant the surface area exposed to the light source.
(1) Research Institute for Advanced Studies, Baltimore, Md. 21227.
(2) W. E. Garner and A. S. Gomm, J. Chem. Soc., 2123 (1931); W. E. Garner, A. S. Gomm, and N. R. Hailes, ibid., 1393 (1933); W. E. Garner, Proc. Roy. Soc. (London), A246, 203 (1958); W. E. Gamer, “Chemistry of the Solid State,” Butterworth and Co. Ltd., London, 1955, Chapters 7 and 9; G. Todd, Chem. Ind. (London), 1005 (1958); M. Stammler, J. E. Abel, and J. V. R. Kaufman, Nature, 185, 456 (1960); B. Reitzner, J. Phys. Chem., 65, 948 (1961).
(3) (a) B. Reitzner, J. V. R. Kaufman, and E. F. Bartell, ibid., 66, 421 (1962); (b) J. V. R. Kaufman, Proc. Roy. Soc. (London), A246, 
219 (1958); W. Groocock, ibid., A246, 225 (1958); J. Jach, J . Phys. Chem. Solids, 24, 63 (1963).
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The boat was in turn placed in a transparent silica cell 
with a flat window connected via a B-24 standard 
joint to a vacuum line. This consisted, in sequence, 
of a trap immersed in liquid nitrogen, a standard vol
ume, a Pirani gauge, a McLeod gauge, a cutoff, a 
second trap, a diffusion pump, and a backing pump. The 
temperature of the azide was measured with a cali
brated copper-constantan thermocouple in the sample. 
The intensity of the light (X ~2o37 A) was changed 
whenever desired by changing its distance from the 
sample. The PbN6 used throughout the course of the 
work, except when the effect of different preparations 
was being studied, was prepared as follows. PbO as 
supplied by Messrs. Johnson and Matthey, United 
Kingdom, was converted to lead nitrite by bubbling 
nitrous oxide through an aqueous suspension of PbO. 
Gaseous HN3 prepared from a Reitzner generator5 was 
collected in alcohol and the alcoholic solution of HN3 
was added to the solution of lead nitrite to obtain 
PbN6. X-Ray and chemical analyses revealed the 
product to be <x-PbN6. Three other preparations, as 
follows, were also investigated. Instead of using spec
troscopic grade PbO, reagent grade PbO was used as 
the starting material. A solution of lead acetate was 
allowed to react with a solution of NaN3. PbN6 as 
supplied by Du Pont [prepared from Pb(N03)2] is also 
used. Fresh PbN6, prepared as described above, was 
stored in the dark in a vacuum desiccator (pressure 
10-2 mm). Before the start of any photolysis experi
ment, the pressure was always less than 1 X 10~6 
mm. The low-pressure mercury lamp was allowed to 
warm up for a minimum of 20 min before a run. The 
nitrogen gas evolved was measured with a Pirani gauge.
Results

The rate of nitrogen evolution from a freshly pre
pared sample of a-PbN6 plotted against the time of ir
radiation is shown in Figure 1. The rate decreases and 
then attains a constant value. Figure 1 also shows how 
different preparations behave when photolyzed. Ex
cept for the Du Pont material, the samples show ap
proximately the same final, constant rate although the 
initial rates vary. If the light is switched off after the 
photolytic rate has attained a constant value, gas 
continues to be evolved. The rate of this reaction 
(termed hereafter the dark rate) falls off gradually and 
ultimately becomes zero, as shown in Figure 2. The 
total gas collected after the light is switched off is 
directly proportional to the total time of irradiation, 
as can be seen in Figure 3. If the sample is reirradiated 
after the postirradiation gas evolution stops, i.e., the 
dark rate becomes zero, the rate starts at a lower value. 
This rate is lower than the constant rate in the initial

Figure 1. Decomposition rate vs. time of irradiation (X 
~2537 A) for various preparative methods of a-PbN«.

Figure 2. Dark rate vs. time.

(4) P . W . M . Ja cob s, F . C . T o m p k m s, an d  V . R . P a i V erneker. J. 
P h y s . Chem ., 6 6 , 1113 (1962).
(5) B . R e itzn er  and  R . M a n n o , N ature, 198, 991 (1 9 6 3 ).
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Figure 3. Dark rate as a function of irradiation time.

Figure 4. Subsequent rate-time plots on the 
same sample of <*-PbN6.

run and increases to attain approximately the same 
value as that of the constant rate in the initial run. 
Figure 4 presents plots of these curves. The starting 
point of the Yth run depends on the time that has 
elapsed between the Yth and the (N  — l)th runs. If 
the initial rate is R x and the final constant rate Ri, 
then (Ri — R x) is dependent on the time elapsed be
tween the two runs if the time is of the order of 10 min. 
This is shown in Figure 5. From Figure 6 it can be

Figure 5. Plot of final rate minus the subsequent 
starting rate (R2 — /£,) vs. time.

Figure 6. Final constant rate vs. light intensity.

seen that the constant rate is directly proportional to 
the intensity of the light. Finally, the activation 
energy for the process is found to be negligible between 
30 and 80°.

If 2% of the sample is thermally decomposed prior to 
photolysis, the behavior of the sample does not change,
i.e., the photolytic rates are the same as those of an 
untreated sample, shown in Figure 1. The total decom
position caused by photolysis amounts to less than 10~6 
%•During the first photolytic run the sample turns 
brown. If a few millimeters of oxygen is then ad
mitted into the system and kept in contact with the 
sample for about 24 hr the sample turns white and, on 
reirradiation, behaves as if it were a fresh sample (Fig
ure 7).
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Figure 7. Rate-time plot: •, fresh sample of a-PbN«; O, the 
same photolyzed sample of a-PbNs on exposure to oxygen.

Figure 8. Effect of long-term storage at 50-60° on the 
photolytic decomposition of a-PbNe.

Figure 8 shows how samples not exposed to any light 
and preserved in vacuo behave when photolyzed after 
different storage times. Storage at different tempera
tures (—196 to +55°) does not seem to have an ap
preciable effect. When kept at —196° the aging proc
ess (the falling off of the initial photolytic rate with 
storage time) seems to slow down slightly, particularly
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Figure 9. Irradiation of a-PbNe at —30° and subsequent 
gas evolution on warm-up at higher temperatures.

during the first week. A sample which has aged for 
several months does not show any change in behavior 
even when exposed to oxygen (compared with Figure 7). 
Photolysis of PbN6 in the temperature range —40 to 
0° does not produce any gas during irradiation but, if 
the irradiation is stopped and the sample warmed up, 
a burst of gas is given off at +10°. On further warming 
another burst is observed at +25° (Figure 9). The 
total gas collected at +10° is double that collected at 
+  25°.

Irradiation of a sample at a constant lamp intensity 
and for a constant time at both +10° and also at 
+  25° shows a marked difference. Irradiation at +10° 
produces a certain quantity of gas, but on warming to 
+  25° more gas is evolved. The total gas thus col
lected is about 15% greater than the volume of gas 
evolved when the irradiation is done only at +25°. 
Figure 10 is a plot of the gas collected on warm-up vs. 
the time of irradiation at —40°. It can be seen that 
for short irradiations the gas evolved depends on the 
time of irradiation but for long irradiations the gas 
volume is independent of the time of irradiation and is 
constant. Furthermore, during the initial part of the 
curve in Figure 10, the rate of gas evolution is propor
tional to the intensity of the light.
Discussion

In all azides studies thus far,6 the photolytic rate 
(rate of gas evolution) decreases and then attains a
(6 ) V . R . P a i Verneker, su bm itted  fo r  p ublication .
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Figure 10. Total gas collected on warming to room 
temperature as a function of irradiation time at —40°.

constant value. The behavior of a-PbNe is in con
formity with the other azides. There are certain de
fects, e.g., negative ion vacancies, impurity ions acting 
as electron traps, etc., present in a crystal of PbN6 and 
these defects are assumed to be consumed in the proc
ess of photolysis; hence, the original rate decreases. 
Metal, present in the form of nuclei or small specks and 
produced during the photolysis presumably initiates a 
new process. The photolytic reactions in sequence 
are

trapN3_ +  hv — +■ (AN3- )* exciton trapped (1)
(AN3- )* +  N3_ -— 3N2 +  (eAe) +  2 vacancies (2)

Pb2+ +  (eAe) — >  Pb° +  aggregate of traps (3)
Repetition of eq 1, 2, and 3 will produce Pbn having a 
metallic character.

Pbre +  hv —> Pb„+ +  e (4)
Pb„+ +  N ,- —> Pb„ +  N3 (5)

N3 +  Nj~ — >  3N2 +  e +  vacancies (6)
As photolysis proceeds more metallic specks are pro
duced and the constant rate might be expected to in
crease steadily. However, the small specks aggregate 
and thus have proportionately fewer neighboring azide 
ions to ionize. Thus, on one hand metallic lead of re
quisite size is formed and on the other hand its in
fluence is destroyed as larger aggregates develop. The 
constant rate can, therefore, be considered as the steady- 
state rate resulting from these opposing reactions. 
The mechanism described above requires the photo
lytic rate to be proportional to the intensity. This is 
indeed the case (Figure 6). Details of the rate-inten
sity relationship are discussed by Jacobs, et al.4

Different preparations incorporate different impuri
ties into the lead azide crystals and the variation in the 
initial rates is, therefore, not surprising. The mecha
nism of the dark rate, however, is difficult to envisage. 
It is possible that at the end of a photolytic run there 
are inside the crystal charged lead specks which con
tinue reaction 5 after the light is switched off. Jacobs, 
et al.,4 have explained the postirradiation gas evolution 
in BaNe in this way. It is also found that irradiated 
samples hold within the crystals a considerable amount 
of gas which can be liberated by dissolution.7 It is 
possible that during the aggregation of small metallic 
specks some of this gas is released. This process 
would also show an exponential decay. The fact that 
the dark rate increases with the fraction of the salt de
composed, however, would favor the mechanism put 
forth by Jacobs, et al.4

Although the subsequent runs show the same con
stant photolytic rate, the initial rate of photolysis of the 
Ath run depends on the time elapsed between the Yth 
and (N  — l)th runs. This can also be understood on 
the basis of the aggregation of metallic specks. If the 
time elapsed between the runs is more than 10 min the 
initial rate is relatively independent of the elapsed time. 
This indicates that the aggregation is a fast process.

Experiments on the aging of lead azide samples point 
out that the defects which are present are steadily 
destroyed in an irreversible manner. Cunningham and 
Tompkins8 have reported a decrease in the F center 
concentration in KN3 after aging. A fresh sample of 
PbN6 which has been irradiated and then subjected to 
oxygen suggests that the defects which were destroyed 
during the photolysis may be regenerated. However, 
an aged sample, even on exposure to oxygen, does not 
regenerate these defects. In the first case, during 
photolysis metallic lead is produced and it is possible 
that oxygen reacts with the lead and, in so doing, recre
ates the original defects (perhaps negative ion vacan
cies). In the second case no metallic lead is produced 
and hence the oxygen has nothing with which to react.

The low-temperature experiments also revealed some 
interesting findings which are subject to several specu
lative interpretations. It is possible that intermediates 
like N4-  and N2- , which have been found in other azides,9 
are formed. The stability of these intermediates varies 
from azide to azide. The decomposition of N4~ to 
give N2 at +10° and of N2-  to give N2 at +25° would
(7) V. R. Pai Verneker, submitted for publication.
(8) J. Cunningham and F. C. Tompkins, Proc. Roy. Soc. (London), A251, 27 (1959).
(9) A. J. Shuskas, C. G. Young. O. R. Gilliam, and P. W. Levy, 
J. Chem. Phys., 33, 622 (1960); G. J. King, B. S. Miller, F. F. 
Carlson, and R. C. McMillan, ibid., 35, 1442 (1961).
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explain the present results. However, it is possible to 
have different types of traps characterized by different 
trapping stabilities. If the starting reaction is repre
sented as

h v  N 3
t r a p  A ------ (A N ,-)* (7)

h v  +  J N  3 ---— > (B N ,- )* (8)

and if one of the traps, say A, empties rapidly above 
+  10°, then the efficiency of the backward reaction

would be greater at higher temperatures. This is a 
possible reason why there is a 15% difference in the 
total gas evolution when experiments are done at 
+  10 and +25°. The possibility that the two bursts 
are due to one state and caused by the method of 
heating cannot be ruled out. Finally, experiments car
ried out at —40° show that either (1) the traps are 
limited in number or (2) the crystal has a finite capacity 
to accommodate the intermediates produced. In either 
case one would observe a saturation effect, as observed 
in these experiments.
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Self-Association of Alcohols in Nonpolar Solvents

by Aaron N . Fletcher and Carl A. H eller
Chemistry Division, Research Department, Naval Weapons Center, 
China Lake, California 98555 (Received March 10, 1967)

Studies were made of solutions of 1-octanol and 1-butanol in n-decane using the infrared 
absorption of the first overtone of the O-H stretch vibrations of the monomer and self
association polymers. Evaluation was made on 1-octanol solutions from 5 to 100°, without 
making use o f a priori self-association models. Evaluations were performed by three meth
ods involving comparisons of: (I) the monomer absorbance and the total alcohol concen- 
tion, (II) the monomer absorbance and the polymer absorbance, and (III) a combination 
of I and II. The following new assignments were made: (1) the end O-H of linear self
association polymers do not contribute significant absorbance at the monomer peak in the 
first overtone region; (2) the monomer molar absorptivity is constant with temperature; 
(3) the usual “dimer” peak at 1.528 y. cannot be due to a O-H ■ • • O-H dimer as its absorb
ance varies directly proportionally to that of the monomer (it is tentatively assigned to an 
alcohol-solvent interaction); (4) the remainder of the polymer absorption is assigned 
solely to tetramers; and (5) the tetramers give partially overlapping peaks which are due 
to O-H bonds in two different tetramers. Thermodynamic values indicate a linear and a 
cyclic tetramer. The linear with three bonds has a AH  of —16.5 kcal/mole and the cyclic 
with four bonds has a AH  of —20.3 kcal/mole. Thus within the limits of error, all O-H 
first overtone absorption is explained by assigning a monomer in equilibrium with two 
tetramers. This holds from 10 ~1 2 3 4 M  to neat 1-octanol over a 95° temperature range. 
Data from other workers for other alcohols in CCk are evaluated and found to be consistent 
with the present assignments. Much more self-association of alcohols was observed in 
w-decane than was observed in CCk. In particular, kinetic data involving alcohols are 
explained by the physical model described.

Introduction
The literature on the self-association of alcohols in 

nonpolar solvents does not present a uniform picture.1-3 
In general, alcohols are considered to associate into a 
series of n-mers.3 There have been many attempts at 
classifying the n-mers and at evaluating the equilibrium 
constants between the monomer and each n-mer. 
Ultrasonics,4 dielectric,5 spectrophotometric,2’3 vapor 
pressure,6 equation of state,7 methyl radical abstrac
tion,8 and nmr9 have been used with ambiguous results.

Infrared spectra show a monomer O-H stretch 
peak at low concentrations and polymer peaks which 
grow with concentration. Quantitative measurements 
have been made of the association of the monomer as 
shown by the monomer peak height. Assignments of 
polymer absorbances to dimer, trimer, and higher Ti
mers have been made. Both linear (acyclic) and

cyclic n-mers have been postulated. At the present 
time there is no agreed physical picture, much less 
quantitative constants, which can be used to describe 
an alcohol solution.

(1) F. Franks and D. J. G. Ives, Quart. Rev. (London), 20, 1 (1966).
(2) D. Hadzi, “ Hydrogen Bonding,”  Pergamon Press, New York, 
N. Y ., 1959.
(3) G. C. Pimentel and A. L. McClellan, “ The Hydrogen Bond,”  
W. H. Freeman and Co., San Francisco, Calif., 1960.
(4) R. S. Musa and M. Eisner, J. Chem. Phys., 30, 227 (1959).
(5) J. Malecki, ibid., 43, 1351 (1965).
(6) E. Steurer and K. C. Wolf, Z. Physik. Chem. (Leipzig), B39, 101 
(1938).
(7) N. S. Berman and J. J. McKetta, J. Phys. Chem., 66, 1444 
(1962).
(8) I. V. Berezin, K. Vatsek, and N. F. Kazanskaya, Dokl. Akad. 
Nauk SSSR, 144, 139 (1962).
(9) V. S. Griffiths and G. Socrates, J. Mol. Spectry., 21, 302 (1966).
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Our interest arose through studies of an alcohol- 
catalyzed autoxidation of tetrakis(dimethylamino)- 
ethylene10 in w-decane. The oxidation rate was found 
to be fourth order in alcohol monomer over four orders 
of magnitude of the rate constant and first order at 
the lower concentrations. We monitored the monomer 
by the absorbance at 1.405 p. We interpreted these 
results as indicating that the tetramer was the major 
alcohol polymer in the solution. Alcohol dimers and 
trimers should also have shown a catalytic effect, 
yet we found negligible evidence of their existence.

A preliminary spectrophotometric evaluation11 of 
a tetramer equilibrium constant for 1-octanol was 
made at 30° on the basis that only monomers and 
tetramers were present. The equilibrium constant 
was used to evaluate Stern-Volmer fluorescence 
quenching constants.12 From the kinetic study10-11 
we found that the tetramer had a much larger catalytic 
effect for the autoxidation than did the monomer. 
In the present work a detailed examination has been 
given to the self-association of alcohols where we start 
with no a priori assumption with respect to the combina
tion of n-mers. In particular, 1-octanol has been 
studied since it was used in the autoxidation kinetic 
work. Through examination of the near-infrared 
absorption of the monomeric and polymeric species 
we now find evidence for only the monomer and two 
tetramers. This is in sharp contrast with a number of 
recent papers13-16 where experimental evidence is 
attributed to the presence of O-H • • • O-H dimers. We 
hope that our experimental evidence will correct the 
widespread concept that the self-association O-H • • •
0 -  H dimer is present in appreciable quantities in 
nonpolar solutions. It has become rather common 
practice to assume the presence of a dimer at the start 
of alcohol self-association studies. Without a measur
able dimer, these evaluations have no meaning.

We have evaluated the extent of self-association of
1- octanol over a wide range of concentrations and 
temperatures. Through a short study of the self
association of 1-butanol in w-decane and the réévalua
tion of self-association data of other alcohols in carbon 
tetrachloride, we believe that the results of the present 
study can be extended to give approximate equilibrium 
quotients for alcohols in hydrocarbon or carbon tetra
chloride systems.

Experimental Approach
Because of its chemical reactivity, we could not 

use carbon tetrachloride as a solvent in our autoxi
dation studies.10 Instead, we used n-decane because 
of its high boiling point and its chemical inertness. 
Since n-decane absorbs heavily in the fundamental

WAVELENGTH,M

Figure 1. Varying concentrations of 1-octanol in n-decane at 
45° with n-decane in the reference beam, 1-cm cells. The 
n-decane absorbance measurements were made with 
CCU in the reference beam.

O-H stretch region, we were forced to use the region 
of the first overtone from 1.4 to 1.65 p for spectro
photometric examination. As can be seen in Figure 1, 
n-decane also absorbs in this region. However, the 
hydrocarbon functional groups which cause the ab
sorption by n-decane also exist in n-aliphatic alcohols. 
Thus it is possible to physically replace one for the 
other, as shown in Figure 1 by the near-isosbestic 
point at 1.39 p for varying concentrations of n-decane 
and 1-octanol. By using a double-beam technique 
with n-decane in the reference, we cancel almost all of 
the absorbance due to the CH2 groups of the hydro
carbon solvent. Complete cancellation is not neces
sary as we do not measure peak heights from the zero 
absorbance line but rather perform measurements 
from selected base points in the absorption spectra. 
Some type of cancellation is necessary in order to 
evaluate alcohol polymerization in the overtone 10 11 12 13 14 15 16

(10) A , N . F letcher and C . A . H eller, J. Catalysis, 6 , 263 (1966).
(11) A . N . F letcher an d  C . A . H eller, presented at th e  S ym p osiu m  
on  C hem ilum inescence, M a rch  3 1 -A p r il 2, 1965, a t  D u rh am , N . C .
(12) A . N . F letcher an d  C . A . H eller, Photochem. Photobiol., 4 , 1041 
(1965).
(13) L . J. B ellam y and R . J. P ace , Spectrochim. Acta, 22 , 525 (1966).
(14) A . B . L itt lew ood  an d  F . W . W illm ott, Trans. Faraday Soc., 62, 
3287 (1966).
(15) D . A . Ib b itso n  an d  L . F . M o o re , J. Chem. Soc., 76 (1967).
(16) (a) S. S ingh and  C . N . R . R a o , J. Phys. Chem., 71, 1074 (1 967 ); 
(b ) A . K iv inen  and  J. M u rto , Suomen Kemistilehti, B40, 6 (1967).
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region. The results of Ens and Murray,17 for example, 
who looked at a number of alcohols in carbon tetra
chloride in this region, are invalid at higher concen
trations since they did not correct for the effect of the 
CH2 groups of their alcohol polymers.

Most of the attempts to evaluate quantitative 
equilibrium constants for alcohol self-association using 
spectrophotometric techniques make use of the varia
tion of the monomer concentration, Alt with respect 
to the formal (added) alcohol concentration, A0, in order 
to determine the extent of polymerization. The maj ority 
of the workers, however, use concentrations of alcohol 
only up to a few tenths formal. Most of the previous 
infrared papers covered the fundamental region where 
the large molar absorptivity of the species requires 
very small path lengths and where the polymer has 
a higher absorbance relative to the monomer18'19 
(and consequent possible interference with monomer- 
absorbance measurements) than it does in the overtone 
region. By working in the overtone region and by 
using a Beckman DK-2 spectrophotometer with full 
scale ranges from 90 to 100% transmission up to 1-2 in 
absorbance, it was possible to use only a single 1-cm 
path length for a range of concentrations of 10~3 M  up 
to above 6 M for pure 1-octanol or above 10 M  for 1- 
butanol.

Measurement of Absorbances. We make the hy
pothesis that the absorbance peak at 1.405 n is due 
solely to the monomer. We measure the 1.405-g 
peak from the solution absorbance at 1.39 ju. The 
CH2 absorption at 1.39 g is almost an isosbestic point 
below 50° for solutions of 1-butanol and 1-octanol in 
n-decane. Mecke20 has shown an approximate 1-1 
relationship between the 1.405-g overtone absorbance 
and the 2.76-p. fundamental absorbance associated 
with the monomer. We measure the absorbance of 
a polymeric species at 1.43 a from the 1.39-g base 
point since 1.43 p also corresponds to a large amount 
of n-decane absorption. For regions that have a low 
n-decane absorption such as at 1.61 p, we use the 
minimum solution absorption near 1.30 p where n- 
decane has another area of low absorption.

The problem of considering whether polymeric 
species absorb at the same region as the monomer is 
very vital to the mathematical evaluation. Pimentel 
and McClellan3 conclude that the absorbance associated 
with the monomer cannot be directly related to the 
concentration of the monomer if linear polymeric 
species are present. This conclusion is based upon the 
assumption that an O-H group with a hydrogen- 
bonded oxygen will absorb at or near the wavelength 
of the monomer. There is, indeed, a large absorbance 
at wavelengths only slightly higher than the 1.405-^

peak. However, none of the polymer absorbance is 
observed to extend lower than the 1.405-g peak as 
shown in Figure 1 for even neat alcohol, and the mono
mer peak remains at essentially the same wavelength.

Figure 2 shows the variation of the absorbance of 
neat 1-octanol with temperature. It is obvious that 
the relative shape of curves in the polymer region 
(1.42-1.65 p) vary considerably with temperature 
changes. Yet when the concentration changes for 
any specific temperature, the relative proportions of 
the curves change similarly to that found in Figure 1. 
Since the relative shapes (Figure 2) do not change from 
1.61 to 1.65 p, we have concluded that absorbance in 
this region is due only to one species while we shall 
test whether the absorbance at 1.43 p is due only to a 
second species.

By using the above working hypothesis, we shall 
evaluate monomer and polymer absorbances. The 
mathematical consistency of the results will be used 
to test the stated working hypothesis and to assist in the 
assignment of the absorption bands.

Experimental Details
Apparatus. A Beckman DK-2 spectrophotometer 

was used to determine the absorption spectra. A 
Beckman No. 92527 temperature-regulated cell holder 
was used to control the temperature of the sample and 
reference solutions to within ± 1 °  above 45°. The 
solutions were controlled to ±0.10° at 30°, and to 
±0.5° at the remaining temperatures by circulating 
a tempering solution to the cell holder from a thermistor- 
controlled external source. The temperature of the 
solutions were measured in their cells by means of 
a Digitec digital thermometer.

Chemicals. The 1-octanol was reagent grade ob
tained from J. T. Baker Chemical Co. It was dried 
by Linde molecular sieve 4A and distilled under an 
atmosphere of purified helium. The n-decane was 
95 mole %  obtained from the Phillips Petroleum Co. 
It was digested with 30% fuming sulfuric acid, 
washed with concentrated sulfuric acid, water, and 
sodium hydroxide solution, and dried with activated 
alumina. It was then distilled from sodium under an 
atmosphere of purified helium. The 1-butanol was 
A.C.S. grade obtained from Allied Chemical Co. 
Methanol and toluene were Spectroquality reagent

(17) A . E ns and F . E . M u rray , Can. J . Chem., 35 , 170 (1957).
(18) F . A . Sm ith  and  E . C . C reitz, J. Res. Naît. Bur. Std., 46 , 145 
(1951).
(19) S. C . S tan ford  and  W . G ord y , J. Am. Chem. Soc., 62 , 1247 
(1940).
(20) R . M eck e , Discussions Faraday Soc., 9 , 161 (1950).
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Figure 2. Neat 1-octanol in the sample beam 
and n-decane in the reference beam at various 
approximate temperatures in 0.5-cm cells.

grade from Matheson Coleman and Bell. The last 
three chemicals were used without further purification.

Results
The absorbances assigned to distinct species are 

calculated by the differences

Ri =  «h.406 — a\. 39 (1)

fli.43 — a'l.a — a,'i. 39 (2)

Œi.ei =  flh.ei +  d'l.io (3)

where primed values indicate values measured from 
the zero absorbance line. The absorbance ax is 
considered as representing the monomer at concen
tration A i; where the formal (added) alcohol concen
tration is A0. Tables of our data are available else
where.21 Figure 3 shows the spectra of solutions of 
methanol in toluene at about 30°. Here an example 
of the scale expansion of the Beckman DK-2 can be seen.

Calculations
Method I—Graphical. A molar absorptivity, ei, 

can be calculated for the alcohol monomer from the 
relationship, dAo =  ax since a plot21 of ax/A0 vs. A 0 
gives a constant value as A0 -*■ 0. For 30° we found tx
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Figure 3. Methanol in toluene solutions at about 30°. 
Concentrations are: A, 2.5 F; B, 0.5 F;  C, 0.25 F; D, 0.1 F; 
and E, 0.0 F. A prime is used for spectra of the solution when 
it is examined using the 75-125% transmission mode.

to be 1.65 as reported earlier.10-12 Using this d we 
can calculate the monomer concentration, A x, in any 
sample from the relationship Ax =  ax/tx. The total 
polymer will be (A0 — A,) formal. The concentration 
of each n-mer, A n, will be given by the thermodynamic 
equilibrium constant

K l ,n (4)

If any one n-mer is predominant it will show on a log 
plot of (A0 — Ai) vs. Ai. When such a plot is made21 
we find a fourth-order relationship between Ai and 
(A0 — Ai) for concentrations down to the region where 
A i approaches the value of A0, making the value of (A0 — 
Ai) inaccurate. Since this method does not yield 
easily accessible information concerning small amounts 
of other n-mers, we tested our data further in the fol
lowing section.

Method I—  Computer Fit. One can also express the

(21) T ab les  con ta in in g  data  su pp lem en tary  to  th is  article  h a ve  been  
deposited  as D o cu m e n t N o . 9555 w ith  th e  A D I  A u x ilia ry  P u b lica tio n s  
P ro ject, P h otod u p lica tion  S ervice, L ib ra ry  o f  C ongress, W a sh in g ton , 
D . C . 20540. A  c o p y  m ay  b e  secured b y  c itin g  the  d o cu m e n t  n u m ber 
and  b y  rem ittin g  $2 .50 for  p h otop r in ts  o r  $1 .75  fo r  35 -m m  m icro film . 
A d va n ce  p a ym en t is required. M a k e  ch eck s  or  m on ey  orders p a y a b le  
to  C h ief, P h otod u p lica tion  Service, L ib ra ry  o f  C ongress.
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Table I : Variation of the Coefficients“ of the Regression Equation With Some Terms Set to Zero for 30°

A o  =» Culi + Culi1 • ■ ■ + Cnainc. Cs Co C i Co C i A

0.25 X 104 -0 .2 2  X IO4 0.90 X 103 -0 .6 2  X 102 0.23 X 10‘ 0.5866 0.0482
0.32 X 104 0.0 0.32 X 103 -0 .1 5  X 1C2 0.81 X 10-' 0.6055 0.0492
0.0 -0 .29  X 104 0.40 X 103 -0 .1 2  X 1Û2 0.51 0.6017 0.0490
0.0 -0 .18  X 103 0.34 X 103 0.0 -0 .14 0.6085 0.0492
0.30 X IO4 0.0 0.31 X 103 0.0 -0 .12 0.6065 0.0493
0.0 0.0 0.24 X 103 0.16 X 102 -0.91 0.6156 0.0500
0.0 0.0 0.26 X 102 0.59 X 101 0.0 0.6022 0.0509-
0.0 0.0 0.27 X 103 0.0 0.43 0.5981 0.0521
0.0 0.0 0.28 X 103 0.0 0.0 0.6127 0.0545
0.0 0.0 0.0 0.11 X 1C3 -0 .83  X 101 0.7079 0.1013

a Ct = iKhi/ti'. b Average relative standard deviation. c Best fit with no negative coefficients.

Table II : Best-Fit Equations with No Negative Coefficients from 5 to 100° for 1-Octanol

A o  =» Ciai +  C2Ö1* • • • 4* C na in

Temp,
°C Ci Ci

100 0.84 0.0
75 0.53 X 101 0 .0
45 0.62 X 102 0.0
30 0.26 X 103 0.59 X 101
15 0.12 X 104 0.11 X 102
5 0.30 X 104 0.13 X 103

Co Ci o a t *

0.26 0.6176 0.0463 30
0.21 0.6227 0.0578 25
0.34 0.5908 0.0611 31
0.0 0.6022 0.0509 38
0.0 0.6811 0.1298 20
0.0 0.5381 0.1079 23

° Average relative standard deviation, 
ai.

b j  = number of paired values of added alcohol concentration, A0, and monomer absorbance,

relationship between A0 and the monomer absorbance, 
ah in an algebraic equation. First we write

Ao — Ai 2Az -(- 3 A 3 +  • • • +  nA„ (5)

where A„ is the molar concentration of the n-mer or 
the sum of several subforms of the n-mer. Then by 
making use of eq 4 between the monomer and each ri
mer, it is possible to rewrite eq 5 as

Ao = Ai +  2tf1yL12 • • • +  nK\̂ nA\ (6)
Substituting the absorbance and molar absorptivity 
for the concentration of the monomer, we obtain

A o  =  c t i /  ei +  2A i,2 fiii2/ ( e i ) 2 +  • • • +  n i t i , nOi”/ ( ei ) n
(7)

The coefficients, Ci; of the power series in a\ were ob
tained by fitting a regression line to the data in which 
the square of the relative difference between the sum
mation of j  observed and calculated values of the added 
alcohol

2 ([A0(obsd) — Ao(calcd) ] /A 0(obsd))2 1

was minimized. The program was written so that it 
was possible to set any coefficient equal to zero or to 
some other fixed value. This made it possible to 
eliminate results which yielded negative coefficients, 
and also to evaluate results from different tempera
tures using the same molar absorptivity for the monomer.

We searched for the mathematical best fit of eq 7, 
using an IB M  7094 computer, using the chemical cri
terion that no coefficient could be negative. Of the 
valid (no negative coefficients) solutions, we used the 
one with the smallest average relative standard deri
vation

<T = (t [(F„bsd -  FoaJed)/ Fobsd]2/j) ̂  A (8)
as the closest approach to the correct polymer picture. 
This search was done at each temperature for which 
we had data, using as high as sixth-order terms. Table 
I shows an example of how the coefficients varied at 
one temperature as we searched for a best solution. 
Table II shows the coefficients for the valid best-fit 
equations for each temperature. The predominance 
of the fourth power is evident from this table.
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Table III: Equilibrium Quotients for 5-100° Polymerization 
of 1-Octanol Using l/n Equal to 0.6065. Only All 
Positive Combinations of K ’s Are Shown

Am Al,3 K 1,2
100°

1.887 0.0 0.0 0.0776
0.968 0.940 0.0 0.0618
1.523 0.0 0.408 0.0478
0.0 0.188 X 101 0.0 0.0784
0.0 0.0 0.149 X IO1 0.2093

75°
1.064 X 101 0.0 0.0 0.0743
0.801 X 101 0.165 X IO1 0.0 0.0638
0.966 X 101 0.0 0.396 0.0597
0.0 0.622 X IO1 0.0 0.1276
0.0 0.0 0.236 X IO1 0.3153

45°
1.179 X 102 0.0 0.0 0.0643
1.106 X 102 0.241 X IO1 0.0 0.0628
1.157 X 102 0.0 0.234 0.0629
1.106 X 102 0.237 X IO1 0.416 X io -2 0.0628
0.0 0.331 X IO2 0.0 0.2028
0.0 0.0 0 464 X IO1 0.4087

30°
0.518 X 10s 0.0 0 0 0.0550
0.480 X 103 0.774 X IO1 0 0 0.0511
0.507 X 103 0.0 0 397 0.0526
0.0 0.843 X IO2 0.0 0.2340
0.0 0.0 0.608 X IO1 0.4257

15°
0.241 X 104 0.0 0.0 0.1444
0.209 X 104 0.459 X IO2 0.0 0.1352
0.229 X 104 0.0 0.226 X IO1 0.1360
0.0 0.280 X IO3 0.0 0.3220
0.0 0.0 0.1821 X IO2 0.5680

5°
0.701 X 104 0.0 0.0 0.1323
0.611 X 104 0.994 X IO2 0.0 0.1224
0.692 X 104 0.0 0.875 0.1315
0.0 0.590 X IO3 0.0 0.3145
0.0 0.0 0.167 X IO2 0.5709

“ Average relative standard deviation.

We next looked at the values of 1/ei (— Ci). The 
values of Table II indicate no specific drift with temper
ature, so we decided to use one value at all tempera
tures. To do this we used ¿-weighted averages of the 
values of 1/ei in Table II and obtained an average of
0.6065. This value compares closely with the 30° value 
of 0.60606 we obtained by measurement of the 30° molar 
absorptivities at low alcohol concentrations.10-12 Fixing 
this coefficient we again solved for the valid combination 
of eq 7. Table III shows the calculated value of K i,„

Figure 4. van’t Hoff plot of method I equilibrium quotients 
of 1-octanol. Curve A represents the least-squares line for 
the monomer-tetramer equilibrium quotient, Ki,t, calculated 
by considering the tetramer as being the only polymer 
while curve B represents Ki ,4 from the best-fit data where 
other polymers are allowed. Curves C and D represent 
the monomer-trimer and the monomer-dimer equilibrium 
quotients, respectively, from best-fit equations.

obtained in this fashion, making use of a constant value 
of 0.6065 for 1/ti at all temperatures.

The mathematical fit of the data in Table III can be 
given an additional chemical restraint by a comparison 
of the various chemically valid equilibrium quotients 
with changing temperatures. Figure 4 shows a van’t 
Hoff plot of the equilibrium constants for the best-fit 
data of Table III. The dimer values are obviously 
scattered and yield a positive AH. The trimer line 
looks good but the slope is almost the same as that of 
the tetramer and probably represents just errors from 
the tetramer line.

General Evaluation of AH Values Determined from 
Method I  Type Calculations. Values of AH from 
method I type calculations have been used to support 
a particular equilibrium model if the All/bond value 
falls near values found in other studies. W e started 
to use this approach by dividing AH by either n or n — 1. 
Surprisingly, we found that the A ///bon d  values varied 
from —4 to — 6 kcal for almost all of the alcohol self
association models which gave positive equilibrium 
quotients from our data.

In order to test the validity of this type of evaluation, 
we took the absorbance values from our 5, 45, and
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100° data, and used the K i,4 equilibrium quotients 
for the monomer-tetramer(only) model from Table III  
to calculate synthetic formal 1-octanol concentrations 
to 10 significant, digits. These values would thus cor
respond closely to the actual concentrations and yet 
would represent a precise tetramer(only)-monomer 
equilibrium with the same number of data points and 
absorbance values as the real data. We then fit second- 
through sixth-order equations where we evaluated 
only the constant of the highest order terms and the 
monomer terms from the synthetic data. Sixth-order 
equations evaluating all terms were calculated which 
gave very good checks on the computer. A t 100°, 
for example, we obtained

Ao =  - 0 .2 8  X 10- V  +  0.24 X 10“V  +
0.1021 X IQ1« /  +  0.14 X 10-8<zi3 -

0.15 X 1 0 -1(V  +  0.6064999983m (9)
where only tetramer and monomer values are signifi
cant.

The average relative standard deviation values for 
these calculations were on the order of 10~8%  for the 
tetramer (only) model and varied from 8 %  up to 55%  
for the wrong-order models. This is, of course, to be 
expected. The equilibrium quotients from these data 
were then used to determine AH/bond as shown in 
Table IV. Here we again find very reasonable values

Table iV : AH/Bond Values Calculated From 
Synthetic Tetramer(Only)-Monomer Values

Model
------A ///b on d ,'1 kcal m ole-1—
Cyclic Linear

Hexamer-monomer 
Pen tamer-monomer 
Tetramer-monomer 
Trimer-monomer 
Dimer-monomer

4.44 ±0.01 
4.47 ±  0.02 
4.46 ±  0.02 
4.13 ±  0.004 
2.89 ±  0.07

5.32 ±  0.02 
5.87 ±0 .02  
5.94 ±  0.02 
6.19 ±0.006 
5.76 ±  0.14

* Total AH divided by n for cyclic n-mer and by n — 1 for
linear n~mer.

calculated from any of the models, just as we had ob
served from our real data (where we also tested tetramer- 
trimer-monomer and tetramer-dimer-monomer mod
els) . 11 would appear that one can fit data to polynomials 
of the wrong-order models, even though there may he a very 
poor goodness-of-fit, and yet obtain very reasonable AH/ 
bond results. One must consequently look with skep
ticism upon conclusions based upon AH values obtained 
from equilibrium quotients which in turn required an 
a priori decision in the establishment of a mathematical

relationship for their determination. An example of 
this type of situation can be seen in the work of Liddel 
and Becker22 where they argue for a cyclic dimer.

Data and Calculations for 1-Butanol. Our data21 
for the system consist of 11 points at 30° in n-decane. 
The results of our calculations are shown in Table V.

Table V : 1-Butanol Self-Association at 30°

A o  =  C ia i ±  CVn2 
Cj

• +  C g o i 6 

Co CiC P

0.238 X 103 
0.218 X 10s 
0.155 X 10s 
0.720 X 102 
0.107 X 103

0.0
0.0
0.298 X 102 
0.758 X 102 
0.558 X 102

0.0
0.259 X 101 
0.0

-0.561 X 101 
-0.294 X 101

0.6095 0.1185 
0.5125 0.0985 
0.5542 0.0803 
0.6794 0.0642 
0.6061e 0.0691

“ Average relative standard deviation. 6 Sixth- and fifth- 
order coefficients were negative when reduced in the manner for 
1-octanol. 0 Fixed in order to calculate using the same molar 
absorptivity as that of 1-octanol.

With these few points at one temperature we cannot 
show that the tetramer (only) model is valid as we did 
for 1-octanol. However, the results are not too much 
different from a single temperature evaluation of 1- 
octanol, and it is possible to assume the tetramer(only) 
model and calculate the equilibrium constant Ki,4 for 
1-butanol.

The butanol values fall on the same line as 1-octanol 
for a graphical method I plot. The computer value 
for Ki,t is 432, which is close to the 530 value for 1- 
octanol.

Method I Values from Other Studies. We have also 
tried our method I computer technique on the alcohol 
self-association data of other workers. Unfortunately, 
the amount of data reported in the literature is rather 
limited. We examined the results for carbon tetra
chloride solutions of ethanol,23 2-propanol,24 25 and 
phenol26 where the monomer absorbance had been 
measured by the fundamental O -H  stretch peak. The 
results of these calculations are shown in Table VI.

None of the calculations showed the strong evidence 
for the lack of fifth- and sixth-order valid equilibrium 
quotients as we found for 1-octanol. The results often 
indicated negative tetramer equilibrium quotients for 
many of the 5- and 6-mer self-association models. To

(22) U . L idd el and E . D . B eeker, Speclrochim . A cta , 10, 70 (1 9 5 7 ).
(23) W . C . C obu rn , Jr., and E . G runw ald , . / .  A m . Chem . Soc., 80. 
1318 (1958).

(24) H . D u nk en  and H . F ritzsch e, Speclrochim . A cta , 20 , 785 (1964).
(25) N . D . C oggeshall an d  E . L . Saier, J.  A m . C han. Soc., 73 , 54>4
(1951).
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Table V I : Self-Association of Other Alcohols in Carbon
Tetrachloride Measured by the O-H Fundamental 
Absorption Peak. Calculation by Method I—Computer

K i a ■Ki,« Kl,2 c a

Ethanol® at 25°
14.3' 0.0 0.64°
42.7 0.0 0.14 0.0538
41.0 0.97 0.0 0.0545
44.6 0.0 0.0 0.0552

2-Propanold at 20°
65.7 2.24 0.88 0.0167
71.7 0. 0 1.01 0.0172
42.7 11.4 0. 0 0.0247
87.9 0. 0 0.0 0.0648

Phenol6 at Room Temperature
45.9 0.0 1.87 0.0155
5.9 17.2 0. 0 0.0452

69.8 0. 0 0.0 0.1038

Average relative standard deviation. h From the data of
Cobum and Grunwald.23 Seven different concentrations, includ
ing their 1.03 M  data, were used for these calculations. 1/ei 
equal to 0.026676 was used for all of these results except for 
Coburn and Grunwald’s own calculations where they used 
0.02645. Other <r values for higher valid n-mer models were: 
0.041 (6/4/2), 0.054 (6/4), and 0.045 (5/3/2). Some higher 
n-mer models result in negative tetramer terms. The notation 
(x/y/z) indicates a model which includes only x-, y-, and z-mers 
in addition to the monomer. '  Results reported by Cobum and 
Grunwald where they omitted their datum for 1.03 M. d From 
the data of Dunken and Fritzche.24 Five different concentra
tions up to and including 1.0 M, were used. Also valid was the 
6/4/2 n-mer with a a of 0.017. Most higher n-mer models 
result in negative tetramer terms. * From the data of Coggeshall 
and Saier.25 Seven concentrations were used for these com
putations. Maximum concentration was 0.67 F. Other valid 
higher n-mer models resulted in the following <r values: 0.0079 
(6/4/3/2), 0.0096 (6/4/6), and 0.0102 (5/4/2). Some of the 
higher n-mer models resulted in negative tetramer terms. A 
1/ei value of 0.462 was used for all of these calculations.

some extent this is due to the lower values of A 0 used 
for these calculations, but other factors also have a 
strong bearing as will be discussed later. If the models 
are restricted to the tetramer and lower w-mers, how
ever, the <r values for ethanol again indicate that the 
tetramer (only)-monomer model gives about as good 
a fit as the tetramer-trimer-monomer and the tetramer- 
dimer-monomer models. The preference for the tetra
mer is not as evident from the a values for 2-propanol 
and phenol. This may be due either to the fewer data 
points or else to the fact that the monomer peak for the 
latter alcohols were not corrected for the neighboring
absorption of the “dimer” as Coburn and Grunwald did 
for ethanol.23

We had anticipated the reduction of the data of

others to show a more distinct fourth order. However, 
we now feel that there is in the data of other workers 
an inherent problem in the choice of the region of the 
fundamental to measure O-H monomer absorbance 
values and the almost universal choice of carbon tetra
chloride as a solvent. This shall be discussed later.

Method I I .  A  Comparison o f Monom er and Polymer 
Absorbances. The results of method I indicated that 
all of the polymer absorbance might be due to just the 
tetramer. This means that the absorbance in the 
polymer region should not change shape with concen
tration at a fixed temperature. Measurements every
0.02 y  for the 100° results21 showed this to be essen
tially correct. In Figure 1 this can also be seen to be 
true except for the small peak near 1.528 n. This will 
be considered below but neglected here as only a small 
portion of the total area.

If the base point corrected absorbances at 1.61 and
1.43 ix are divided by the fourth power of the monomer 
absorbance, we have absorbance equilibrium quotients 
even though we do not make use of, nor yet know the 
molar absorptivity of, the species involved. In Figure 
5 we have tested this ratio for the 1.61/(1.405)4 ab
sorbance quotient and in Figure 6 for the 1.43/(1.405)4 
absorbance quotient for all six temperatures.

Figure 5. Test for tetramer at 1.61 ix at 
varying temperatures and concentrations of 
1-octanol. Lines are least-squares plots.
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Figure 6. Test for tetramer at 1.43 p at varying 
temperatures and concentrations of 1-oetanol. 
Lines are least-squares plots.

These results show that the polymer absorbance at 
two widely separated wavelengths are fourth order with 
respect to the monomer. The fourth-order absorbance 
relationships not only confirm the existence of the 
tetramer as an important species, but they give very 
strong support to the working hypothesis presented 
in the Experimental Approach section. The variation 
in the absorbance quotients at 5° is probably due to the 
errors in measurement associated with the small mon
omer peak. Any errors after being raised to the fourth 
power are, of course, quite magnified.

Next we considered the effect of temperature on the 
polymer absorbance region. From Figure 2 it is ob
vious that the shapes of the absorption curves change. 
Since the absorbance of the polymer region is fourth 
order with respect to the monomer, a temperature 
dependence indicates two forms of tetramer. The two 
absorbances at 1.43 and 1.61 p were chosen in the hope 
that they could be shown independent and each repre
sent a measure of only one structural isomer of the 
tetramer.

The first test was a van’t Hoff plot of ai.^/ai* and
ai.ei/ai4 as shown in Figure 7. The enthalpies were 
calculated by least squares to be —16.48 ±0.11 kcal 
mole-1 for the 1.43-/t quotient, and —20.32 ±  0.13 kcal

Figure 7. van’t Hoff plot of absorbance 
equilibrium quotients of method II.

mole-1 for the 1.61-m quotient. The linear correlation 
coefficients26 were 0.9989 and 0.9990, respectively. 
The magnitude o f these enthalpies justifies assigning 
a linear structure to the tetramer at l . jS  p and a cyclic 
structure to that at 1.61 p since the average bond enthalpy 
for the linear tetramer is — 5.5 kcal mole for three bonds and 
— 5.1 kcal mole fo r  four bonds for the cyclic tetramer.

Method I I . M inor Peak at 1.528 p.  The small peak 
at 1.528 p appears to have less than a fourth-order de
pendence on the monomer. It is considered3 as being 
the dimer peak since it is the first noticeable new ab
sorbance peak observed as the concentration is raised 
(it corresponds to the 2.86-p peak in the fundamental 
region). We measure this peak from an almost flat 
polymer absorbance base line when the polymer absorb
ance is low as in curves B' and C' of Figure 3. Mea
surements can be made at low temperatures only within 
a small range of concentrations before the tetramer 
peak interferes. In Figure 8 we have plotted the 1.528-p  
peak as a function of the 1.405-m peak. As can be seen, 
the 1.528-p peak varies linearly with respect to the monomer 
peak, independent o f temperature. The 100° results, 
at high concentrations, are somewhat off the line but 
in the wrong direction to show a dimer. These 100° 
high absorbance values were included to show the 
trend when measurements were made on top of signifi-
(26) P. G. Hoel, “ Introduction to Mathematical Statistics,” 2nd 
ed, John Wiley and Sons, Inc., New York, N. Y., 1954, p 117.
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Figure 8. Variation in 1-octanol 1.528-m peak 
with the 1.405-ju monomer peak from 15 to 100°.

cant tetramer absorbance. These results indicate that 
the “ dinner”  peak is unequivocally not due to an O -H ■ ■ ■ 
O -H  dimer, but is due to some species whose concen
tration is directly proportional to the concentration 
of the monomer, possibly an alcohol-hydrocarbon com
plex.

The temperature independence shows a very small 
AH  of formation for an alcohol-hydrocarbon complex.

Method I I I . By using all the data we can now cal
culate the actual amount of each tetramer. This will 
depend upon the fact that only the monomer and two 
tetramers need be considered. The results of methods 
I and II permit this assumption within a few per cent. 
We can consider the base-point corrected absorbance 
at 1.43 u as being due to the linear tetramer (a )̂ and 
that at 1.61 m as being due to the cyclic tetramer 
(a4o). Mathematically we can write

Ao — A i — 4 A4 = 4(A4l +  A4c) (10)
where A ’s are concentrations of added alcohol, monomer, 
total tetramer, linear tetramer, and cyclic tetramer, 
respectively. This can be expressed in terms of ab
sorbances of o41 and a4c.

Ao — A l _  «41 «4c /, , v

4 ”  e4l e4c 1 j

Rearranging this, we get
iZ4C

( A 0 —  A j ) e4c/4
64c Ö4I

tu (Ao — Ai)
( 12)

By plotting a4c/(A0 — Ax) vs. a4l/(A 0 — Ax) we can get the 
molar absorptivities. It may be noted that these 
terms are the apparent formal absorptivities which, 
in the limits (when all the tetramer is either all linear 
or all cyclic), become the formal absorptivities. Figure 
9 shows the data plotted. The least-square calculation 
has a linear correlation coefficient26 of 0.967. Thus 
there is a slight curvature which is probably due to 
errors in measurements plus a breakdown in some of 
our assumptions. In general, however, the linearity 
of this method of plotting data that depends on so many 
of our parameters on one graph lends validity to the 
general picture. It should be noted that this type o f plot 
does not include an a priori assumption o f a tetramer in 
that no fourth-order terms are used.

From the slope and intercept of Figure 9 we get 
e4i = 0.6786 and c4c = 0.7476 at 1.43 and 1.61 u, respec
tively, where there is an a priori assumption of two 
tetramers (as we use the value 4 in eq 12). These can 
be used with the temperature data of a4l/ax4 and a4c/  
ai4 to calculate values of K 1A1 and K 1AC which are 
shown in Table VII. A comparison of the results of 
methods I and III is also given in Table VII. Thermo
dynamic calculations from the data of Table VII are 
given in Table VIII after conversion of the data to 
mole fractions.

Table VII: Equilibrium Quotients for Linear
and Cyclic Tetramers of 1-Octanol

Temp, K i m K l . i o

%
rel diff 

methods
°c ( M ~ 3) (M-p I and I I I “

100 1.17 7.36 X 10-' -1 .1 %
75 5.46 4.89 2.8
45 4.72 X 10 7.02 X 10 0.5
30 1.63 X 102 3.24 X 102 6.5
15 6.41 X 10s 1.75 X 103 0.7
5 1.73 X 10s 5.98 X 103 -9 .1

Sum 0.3%

“ Using K ia values by method I for monomer-tetramer(o:ily) 
model listed in Table III, % rel diff = 100 [K,,4 — (K\x_ +  
Kl,4c)]/(Ai,4l T F x,4c ) .

D iscussion  and Conclusions
By starting with a general sixth-order equation, we 

find that our method I computer technique reduced to 
polymer models of a tetramer and either a dimer or a
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0.04 0.06 0.08 0.X0 0.12
ai.43/(Ao — A i).

Figure 9. Determination of formal absorptivities by plotting 
the apparent formal absorptivities at 1.61 and 1.43 m-

Table VIII: Thermodynamic Values for 
1-Octanol Self-Association

Reaction
— A G ° 2 9 8 ,

kcal/mole
—  A / 7 ° 2 9 8 ,

kcal/mole
—  A iS ° 2 9 8 ,
cal/mole 

deg
4-Ai Â \ 5 .9 1 1 6 .5 3 5 .6
4:Al Â c 6 .3 7 2 0 .3 4 6 .8
A 41 Ate 0 .4 6 3 .8 1 1 .2

trimer for 1-octanol-n-decane solutions. Only at 
45° was it found possible to obtain values for both 
dimers and trimers along with the tetramer. In all 
other cases either the dimer or the trimer yielded the 
chemically impossible negative equilibrium quotient. 
However, whenever a tetramer-dimer-monomer model 
is determined as having the lowest error, only a slight 
increase in the error function can befit to a different model, 
the tetramer-trimer-monomer and vice versa. Further
more, the best-fit models indicate that these K i 2 and 

values do not yield chemically significant results 
when evaluated by van’t Hoff plots to get AH.

When a priori decisions are made as to a specific 
polymer model, Dunken and Fritzsche24 have also 
shown that a number of other models can be fit to the 
same data. Thus it must be concluded that the evi
dence for dimers and trimers found by other workers 
who had to determine coefficients in a two-parameter 
polynomial expression (for fewer points, and usually 
over a smaller concentration range) cannot be accepted

as proof or evidence of these species. In addition, 
AH/bond evidence from the polynomial expressions 
is also invalid as we have demonstrated in Table IV 
by obtaining almost identical AH/bond values for a 
number of linear or cyclic models fit to synthetic tet
ramer (only) data.

The “ Dim er”  Peak. Most workers who have 
determined dimer equilibrium constants have made a 
priori decisions that the dimers existed and then set 
up their mathematics to determine the constant. Their 
major justification for the presence of the dimer has 
been that a polymer peak at 2.86 p or its overtone at 
1.528 p disappears after the major 2.96-m polymer peak 
upon dilution of the alcohol. Since we find a 1-1 re
lationship independent of temperature between the 
monomer peak and the 1.528-m “dimer” peak in n-dec- 
ane, the formation of either linear or cyclic dimers 
through the formation of O-H • • • O-H bonds does not 
appear to be the cause of the “dimer” peak.

We at first pictured the 1.528-m peak as being due to 
another vibrational mode related to the O-H in alcohols. 
However, Van Theil, Becker, and Pimentel27 find a 
variation in the intensity of the “dimer” peak with 
respect to the monomer peak by the matrix isolation 
technique. Since we do not observe this, we conclude 
that the “dimer” band in ?i-decane is due to the inter
action of the O-H with the solvent but can be an inter
action with the hydrocarbon “tail” of the alcohol in 
the matrix isolation technique. Thus the alcohol- 
hydrocarbon complex will be pseudo first order in a 
1-octanol-n-decane solution since the concentration of 
the CH2 and CH3 groups will be constant. In an VY 
matrix, this complex will be between two alcohols and 
the “dimer” peak will be second order with respect 
to the monomer absorbance. We do not know the 
nature of this interaction; however, hydrogen bonding 
is a likely suspect.28

It should be noted that our equilibrium quotients 
have been calculated using a concentration of the mon
omer which also includes any solvated monomer. Thus 
our values for should be multiplied by (1 +  AUs)4 
where K l ls is the equilibrium quotient between the 
monomer and the solvated monomer. Our data were 
not sufficiently accurate nor amenable to the calculation 
of K l:ls. Since the size of the 1.528-/U peak is so small, 
we treat our data as if Khls were negligible.

M olar Absorptivity of the Monomer. Other work- 
ers3,i6b,22 Aave reported that the molar absorptivity of 
the monomer in carbon tetrachloride solutions changes

(27) M. Van Thiel, E. D. Becker, and G. C. Pimentel, J. Chem. 
Phys., 27, 95 (1957).
(28) D. J. Sutor, J. Chem. Soc., 1105 (1963).
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with the temperature. Using either method I—graph
ical or method I—computer, we find the same molar 
absorptivity for the monomer in n-decane independent 
of the temperature.

If the variation of the molar absorptivity of the 
monomer with temperature is due to an interaction 
of the alcohol monomer with carbon tetrachloride as 
was suggested by Liddel and Becker,22 then we must 
conclude that this interaction in n-decane is not seen 
in the region of the first overtone or else that the degree 
of solvent interaction is less (or both).

Polym er Absorbance at Wavelength o f Monomer. 
Bellamy and Pace13 have recently used a double-beam 
cancelling technique to look at the polymer peaks in the 
region of the fundamental O-H stretching mode. They 
use a dilute solution in the reference beam to cancel the 
monomer absorption while leaving most of the polymer 
absorption. They find a polymer peak which is close 
to and overlaps that of the monomer. They assign 
this peak as being due to the “free” O-H at the end of 
the linear dimer.

If such a peak were significant for the 1-octanol 
system in the overtone region, we should not have 
obtained the clean relationships by methods II and III, 
as we would not have had a good measure of the monomer 
concentration. Their technique, if compensation were 
exact, should have shown no “dimer” peak if the
1.528 n peak is due to a monomer-solvent interaction 
as we have postulated.

We were thus forced to examine closely the paper of 
Bellamy and Pace. A comparison of their results in 
carbon tetrachloride with the spectra for methanol29 
and other alcohols18-20'23 indicated that at the concen
trations used by Bellamy and Pace, there was present 
an appreciable amount o f n-mers larger than the dimer. 
This can be seen by the presence of absorption bands 
of the higher polymers at concentrations where Bellamy 
and Pace consider only the dimer to be present. We 
further checked the overtone region with solutions of 
methanol in toluene as shown in Figure 3.

There are several important observations to be made 
from Figure 3. First, a comparison of the 0.25 F  
spectra with the spectrum of *he same solution shown 
by Bellamy and Pace shows the reduced intensity of the 
polymer in the overtone region as compared to the 
monomer. Second, the reduced intensity of the polymer 
allows us to see that the “dimer” peak is split to form 
peaks at 1.523 and 1.546 y  for methanol in toluene. 
We attribute this to interaction of the O-H with both 
the methyl and the x electrons of the aromatic ring of 
toluene if the “dimer” peak is due to a monomer- 
solvent complex. Third, by examination of the 2.5 F  
methanol spectrum or the 1-octanol spectra in Figures

1 and 2, the higher polymer absorption can be seen to 
be still present in the 0.25 F  solutions. We interpret 
Bellamy and Pace’s “ associated O -H  of the dimer” in 
our Figure 3 and in their Figure 1 as representing minor 
monomer-solvent peaks on top of the linear tetramer 
and cyclic tetramer peaks for the 0.25 and 0.5 F meth
anol solutions. We feel that the free O -H  band of the 
“ dimer” as assigned by Bellamy and Pace is really due 
to the linear tetramer which can be seen in Figure 3 at
1.45 p.

Assignment o f O -H  Polym er Absorbance Areas in the 
First Overtone Region. If one considers that the elec
tronic nature of the O -H  group is distorted whenever 
the oxygen is hydrogen bonded, it can be seen that the 
linear tetramer contains three different hydrogen bonds 
and four different 0 - I i  groups

(I) (II) (III) (IV)
H—O- • -H—O-• H—0- - -H—0

I I I I
R R  R  R

The O -H  (IV) group corresponds to what has been 
called13 “ associated”  while O -H  (I) has been called 
“ free.” Groups (II) and (III) are not identical since, 
for both, the H and the 0  are hydrogen bonded to 
slightly different species. For the cyclic tetramer, 
however, all four O -H  groups and hydrogen bonds are 
equivalent.

R
| (V)

0 — H - • - 0 — R
I (V)

H
H

(V) |
R— 0 -  • H — 0

(V) |

R.
The O -H  groups of the cyclic tetramer can be considered 
as being type (V) since the hydrogen bonds are formed 
between groups different from those joining O -H  (II) 
and (III) of the linear tetramer.

Now, although these O -H  groups can be geometri
cally identified as being different, the question arises 
as to whether they are physically and chemically dif
ferent. There is little question that O -H  (I) differs 
from O -H  (IV), but what about the difference between 
O -H  (II-IV ) and O -H  (V)? We believe that the 
uniformity of the curve shape between i.61 and 1.65 n

(29) M. S. Smith, P. A. D. de Maine, and M . M . de Maine, J. Miss. 
Acad. Sci., 8, 244 (1962).
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as found in Figure 2 is an indication that O-H (V) is 
distinct from the other O-H groups. The O-H (II-IV) 
groups appear to absorb at slightly shorter wavelengths 
and thus involve weaker hydrogen bonds.13

Since O-H (I) of the linear tetramer is the only group 
without its H being involved in a hydrogen bond, it is 
more distinct from the others and is more like the mon
omer. It can be seen at 1.45 u for methanol in toluene 
(Figure 3). For 1-octanol, 1.43 u appears to be a good 
place to measure the O-H (I) bond free from the 
monomer and the other O-H groups. The remaining 
four groups of the linear and cyclic tetramer absorb at 
higher wavelengths in the order of the increase in their 
designation numbers, (II-V) with the type V of the 
linear tetramer being distinct at 1.61 m and higher.

The ability to obtain similar AH/bond values at
1.43 and 1.61 u supports the argument above. It 
should be noted that we do not place significance on 
the relative magnitude of these values since we do not 
feel the accuracy of our results warrants this comparison. 
Also, since the bonds are different, one would not expect 
the values to be exactly the same.

The gradual shift with increasing temperature of the 
maximum of the polymer near 1.6 u can now be ex
plained on the basis of the increased proportion of the 
linear tetramers type (II-IV) O-H groups in respect to 
the type (V) of the cyclic tetramer.

Comparison o f Results from  the Three Methods. 
Method II independently confirms the tetramer (only) 
self-association model which had been suggested by the 
results of method I. The temperature data from 
method II have been incorporated into the values of 
Table VII so that major comparison is between the 
constants of method I and method III. These can be 
compared on the basis that

K 1A = K 1ai +  K 1Ac (13)
Table VII shows the small per cent relative difference 
in the K\ti values calculated by method I with the 
values computed by eq 13.

It is interesting to note that although we obtained a 
linear van’t Hoff plot of log K 1A (only) in Figure 4, the 
line should have shown a slight curvature since two 
species with different AH  were involved.

Method II plots of the polymer absorbance divided 
by the fourth power of the monomer absorbance had 
lower concentration limits of about 0.2-0.5 F  due 
to the limited absorbance of the polymer. Our autox- 
idation studies10 led to fourth-order plots from 0.02 
to 0.5 F  and first order down to 10~4 F. Thus we have 
examined the concentration range 10~4 to 6 F  (neat 1- 
octanol) without finding evidence of significant amounts 
of dimeric species.

Carbon Tetrachloride as a Solvent fo r  the Study o f  
Alcohol Polymerization. Since so much work has been 
performed in carbon tetrachloride, we believe a special 
evaluation should be made concerning the use of this 
solvent for the study of alcohol polymerization.

In the fundamental region, not only has the mono
mer’s molar absorptivity in CC14 been observed to 
change with temperature,22 but the polymer is found to 
absorb at almost the same wavelength as the monomer.13 
In the region of the first overtone of O-H, the CH2 
groups of the polymer also add to the absorbance of the 
monomer and interfere in its measurement.

There is an additional problem for those who use 
other than aliphatic hydrocarbons as solvents. As 
indicated by our Figure 3, methanol is almost pure 
monomer in toluene at 0.1 F. In decane, however, the 
concentration would have to be much lower (0.02 F) 
before no polymer is observed. Even in carbon tetra
chloride the extent of polymerization of 1-octanol30 is 
found to be less than that found in n-decane. This 
can also be seen in the smaller equilibrium quotients 
of Table VI as compared to those of Table III (at a 
comparable temperature). When one performs a 
method I log plot of (A0 — A f) vs. Ax, two different 
lines with the same fourth-order slope are found for 
low concentrations of 1-octanol in the two solvents. 
However, as the concentration of the alcohol is in
creased, the solution finally must revert to neat alcohol. 
Thus a method I  graphical log plot using carbon tetra
chloride or some other nonhydrocarbon as the solvent will 
bend at high alcohol concentrations30 in order to intersect 
the linear relationship found in the hydrocarbon solvent 
(which was valid up to neat alcohol) even when one has 
a good measure of the monomer concentration. Con
sequently, the values of the equilibrium quotients will 
change at the higher concentrations. For this reason 
we limited our computer fit of data to concentrations 
not greater than 1 F  in the analysis of the 2-propanol 
self-association given in Table VI.

It is thus not too surprising that so many workers 
have fit so many polymer models to data obtained using 
carbon tetrachloride.

Alcohols as Reactants. Alcohols as reactants return 
us to our original interest. Some important mechanistic 
conclusions have been based on the change in order for 
alcohol at increasing concentrations.31'32 We agree 
with the conclusions33-39 that the changing order with

(30) A. N. Fletcher, unpublished work.
(31) C. G. Swain and E. E. Pegues, J. Am. Chem. Soc., 80, 812 
(1958).
(32) S. W. Benson, “ The Foundations of Chemical Kinetics,’ ’ 
McGraw-Hill Book Co., Inc., New York, N. Y ., 1960, p 551.
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concentration is due to polymers. Earlier workers 
plotted rate vs. added alcohol (formal concentration). 
This gives an S-shaped curve with a third-order portion 
on a log plot. The correct plot is rate vs. monomer 
concentrations which leads to a fourth-order relation
ship. 10 The monomer concentration of an alcohol 
solution either may be determined experimentally 
or else it may be calculated from known equilibrium 
constants. 10 In the latter case, we prepare log plots 
of A 0 vs. A i which are calculated from eq 6  using arbi
trary monomer values.

The question was raised34 as to why a polymer should 
be a better catalyst than a monomer. The difference 
can be quite strikingly a factor of 100-1000. The 
linear and cyclic tetramer equilibrium we have found 
shows there can be an available proton on one of the 
two tetramers. The higher rates are probably due to 
this being a more acidic proton. 13 This also explains 
why no dimers and trimers are found. These lower 
linear n-mers rapidly combine with monomers.

Assocation Model. The picture of alcohols existing 
mainly as tetramers in pure alcohols and concentrated 
solutions demands some explanation. A thermody
namic picture would be better if we could actually 
measure dimer and trimer so as to obtain K i,t and K i ,3 
and related thermodynamic properties. All we have 
is the difference between the two tetramers which shows 
only a slightly larger stability for the cyclic form.

A kinetic explanation can give an idea of why the 
tetramer is present in such large concentrations. In 
such a picture, dimers, trimers, and pentamers must 
all disappear with higher rate constants than for their 
formation. The tetramers must be formed in re
actions involving large rate constants (or alternatively 
disappear in slow reactions).

A higher acidity of the terminal hydrogen on all 
polymers provides a strong driving force toward higher 
polymers. This would normally lead to pentamers 
and higher polymers. Even a cyclizing reaction of the 
tetramer does not provide a satisfactory answer by 
itself. However, if the pentamer can react to give 
cyclic tetramer plus monomer, the observed model is 
explained by the assignment of reasonable rate con
stants. The suggested reaction scheme is shown below.

ROH +  ROH ^  ROH • • • OH (14)
IR

ROH-• -OH +  ROH ^  ROH-• -OH-- OH (15) 
R R R

ROH- ■ -OH- • -OH +  ROH
I IR R

ROH- - OH- - OH- - OH (16) 
R R R

w
R (17)
O—H- • -0—R

IH H
I :R—O -H—O 

R
- R O H ^  + ROH (18)

ROH- • -OH- • -OH- • -OH +  ROH 5*^
I I IR R R

ROH-• -OH-• - OH- - OH- • -OH (19) 
R R R R

Here the broad arrows represent reactions with large 
rate constants. Thus each linear n-mer adds another 
monomer rapidly. Losing a monomer is a slower reac
tion since there will be an activation energy at least 
equal to the enthalpy.

The reaction of the linear pentamer to lose a monomer 
and form the cyclic tetramer must be rapid. Since 
a bond is formed at the same time one is broken, the 
enthalpy change should be small. The difference in 
rate constants is therefore ascribed to an entropy 
change for the reaction intermediate.

We know of no kinetic measurements which may 
have any bearing on this mechanism. It does explain 
the observed results.
Summation

Although dimeric and trimeric species must occur in 
the self-association of alcohols, we can find no evidence 33 34 35 36 37 38 39
(33) R. F. Hudson and B. Saville, J. Chem. Soc., 4130 (1955).
(34) E. D. Hughes, C. K. Ingold, S. F. Mok, and Y . Pocker, ibid., 
1238 (1957).
(35) R. F. Hudson, ibid., 761 (1966).
(36) R. F. Hudson and G. W. Loveday, ibid., 766 (1966).
(37) R. F. Hudson, G. W. Loveday, S. Fliszâr, and G. Salvadori, 
ibid., 769 (1966).
(38) S. K. De and 8. R. Pâlit, J. Indian Chem. Soc., 43, 679 (1966).
(39) S. K. De and S. R. Pâlit, J. Phys. Chem., 71, 444 (1967).
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of their existence in sufficient quantity to be considered 
in the material balance equations. We can find evidence 
for only monomer, a possible monomer-solvent species, 
and linear and cyclic tetramers. Our limited results 
indicate that the equilibrium quotient for total tetramer, 

probably does not vary to a very great extent 
for similar nonsterically hindered alcohols in the same 
solvent. Our 30° values of 490 for 1-octanol 
and 430 for 1-butanol compare well with the value 
of 312 obtained by Musa and Eisner4 for the 
slightly hindered ¿-butyl alcohol in cyclohexane using 
an ultrasonic technique. Sterically hindered alcohols 
would of course have lower self-association constants. 18 

In carbon tetrachloride, the self-association is found 
to be significantly lower than in m-decane, yet again 
does not appear to change to any great extent for the 
three different alcohols which were evaluated. Although 
the more acidic phenol shows a higher degree of self
association (ITi,4 = 70) than ethanol (K iti = 45), the 
equilibrium quotients are still within a factor of 2  while 
the change in solvent involves a factor of 1 0  change. 40
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(H. C. Van Ness, J. Van Winkle, H. H. Richtol, and H. B. Hollinger, J.  Phys. Chem., 71, 1483 (1967)) gives valuable support to our work 
even though we are in disagreement with many of their initial hypoth
eses and conclusions. Their heat of mixing for ethanol in n-heptane 
of 5.2 keal/mole of bonds is intermediate to our values of 5.6 and 5.1 
for the two tetramers. Their evidence for an appreciable solvation 
energy gives support to our alcohol-hydrocarbon interaction species. 
Their spectrophotometric results and their conclusions that toluene 
(and carbon tetrachloride) interacts with the monomer and thus re 
duces further polymerization are in agreement with our observations.
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A Nuclear Magnetic Resonance Investigation of Molecular Motion in

Urea-d4-n-Hydrocarbon and Urea-d4-Fatty Acid Adducts

by Kimiko Umemoto and Steven S. Danyluk1 2 3 4 5 6 7 8
Departm ent o f  C hem istry, U niversity o f  Toronto, Toronto, Canada (.Received M arch 1 0 ,1 9 6 7 )

The wide-line proton magnetic resonance spectra have been measured for urea-d4 adducts of 
even-numbered straight-chain hydrocarbons from Ci2H26 to Ci«H38 and for urea-d4 adducts of 
stearic and palmitic acids from 80 to 300°X. For the n-hydrocarbon adducts, marked de
creases are noted for the line widths and second moments over relatively narrow tempera
ture ranges at low temperatures. The transition temperatures for these changes increase 
in a regular manner with increasing chain length of the n-hydrocarbon. For the fatty 
acid adducts, three distinct regions are noted in both the line-width and second-moment 
curves. In the temperature range 80-200°K the parameters decrease at a moderate rate; 
in the range 200-240°K the changes are much more marked, and, finally, above 240°K ~he 
changes are again gradual. The line-width and second-moment changes for the adducts 
have been attributed to the onset of specific motional processes of the enclathrated mole
cules. From a comparison of observed and calculated second moment values it is con
cluded that the methyl groups of n -Ci2H26, n-Ci4H30, stearic acid, and palmitic acid are 
rotating freely, based upon the nmr time scale, about the threefold axis at 95°K. Under 
the same conditions the motion of a significant fraction of the methyl groups in the n-Ci6H34 
and n-C48H38 adducts is more restricted. It is also concluded that the large second-moment 
transitions observed at low temperatures for the n-hydrocarbon adducts, and at higher 
temperatures for the fatty acid adducts, result in each case from the onset of rotational 
motion of the long-chain derivatives about their longitudinal axes. The much higher 
transition temperatures of the fatty acid adducts have been attributed to the hindering 
effect of intermolecular hydrogen-bonding interactions.

Introduction lous heat absorption was noted in the heat capacity 
curves for adducts of isomeric branched-chain hydro
carbons.12 Both the nmr and heat capacity measure-The structural stabilities and motional properties of 

urea adducts of n-hydrocarbon derivatives have been 
studied by a variety of techniques.2-13 From wide- 
line proton magnetic resonance measurements of n- 
Ci3H2s and n-Ci4H34-urea-d4 adducts Gilson and Mc
Dowell9 10 concluded that the hydrocarbon molecules were 
able to rotate more or less freely about their longi
tudinal axis at temperatures well below the decom
position points of the adducts. The onset of rotational 
motion is further confirmed by recent calorimetric 
studies11'12 which show the presence of an anomalously 
high heat absorption for urea adducts of straight-chain 
hydrocarbons at temperatures roughly corresponding 
to the regions in which second-moment transitions are 
observed in the nmr spectra. In contrast, no anoma

(1) Address all correspondence to this author at Argonne National 
Laboratory, Argonne, 111.
(2) (a) R. J. Meakins, T rans. Faraday Soc., 51, 953 (1955); (b) A. 
A. V. Stuart, R ec. Trav. Chim ., 75, 906 (1956).
(3) G. Caroti and B. Casu, Riv. Combust., 12 , 451 (1958).
(4) G. B. Barlow and P. J. Corish, J . Chem. Soc., 1706 (1959).
(5) R . Mecke and W. Kutzelnigg, Z . A n al. Chem ., 170, 114 (1959).
(6) P. H. H. Fischer and C. A. McDowell, Can. J . Chem ., 38, 187 
(1960).
(7) G. Geiseler and P. Richter, Chem. B er., 93, 2511 (1960).
(8) R. A. Durie and R. J. Harrisson, Spectrochim . A cta , 18, 1505 
(1962).
(9) D. F. R. Gilson and C. A. McDowell, M ol. P h ys ., 4, 125 (1961).
(10) H. G. McAdie, Can. J . Chem ., 40, 2195 (1962).
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ments also indicate that the onset of rotational motion 
of the straight-chain hydrocarbon molecules occurs at 
much lower temperatures in the adducts than in the 
corresponding solid hydrocarbons. This suggests that 
the intermolecular forces between hydrocarbon mole
cules and the urea lattice and between hydrocarbon 
molecules in different channels are much weaker than 
in the hydrocarbon alone.

Although fewer comparable data are available for 
urea adducts of straight-chain hydrocarbon deriva
tives with polar groups such as OH or COOH, it might 
be expected that the rotational motion of these mole
cules would be hindered because of intermolecular 
hydrogen bonding with urea molecules and with hydro
gen-bonding groups on adjacent molecules in the urea 
channel. An indication that this is the case is provided 
by recent epr measurements13 of urea-decanoic acid 
and urea-sebacic acid adducts which show a much 
smaller rotational amplitude for the ¡3 protons of the 
acid radicals than for corresponding protons of ester 
radicals.

In view of the continuing interest in the theoretical 
and practical aspects of urea adducts,14 additional in
formation pertaining to the motional properties of the 
enclosed molecules would be desirable. In this con
nection we have measured the proton resonance spectra 
for urea-ch adducts of the even-numbered straight- 
chain hydrocarbons from n-Ci2H26 to n-Ci8H38 and for 
the adducts of stearic and palmitic acids, over a wide 
range of temperature. The line-width changes and 
second-moment curves for these adducts are discussed 
in terms of the various modes of motion possible.

Experimental Section
Materials. The n-hydrocarbons were of high purity 

(99%) and were used in the adduct preparation without 
further treatment. Palmitic and stearic acids were of 
reagent grade and were also used without further purifi
cation. Urea-di, CH3OD, and (CH3)2CHOD were 
prepared according to procedures described elsewhere.15

Preparation of Adducts. The urea-dr n-hydrocarbon 
and urea-drfatty acid adducts were prepared following 
procedures described in the literature.10'16 All of the 
preparative steps and handling procedures were car
ried out in a drybox and the adducts were stored at 
low temperature in stoppered tubes in a desiccator until 
use.

Measurement of Spectra. The proton spectra of 
powdered samples, packed into 8-mm nmr tubes, were 
measured with a Varían DP 60 spectrometer equipped 
with a variable-temperature dewar assembly.16 All 
of the spectra were recorded in both forward and re
verse directions at least four times and an average

derivative signal, corrected for a small contribution 
(<5% ) from residual proton impurities of the probe and 
insert, was obtained. The line widths were measured 
as the separation between maximum and minimum 
points of the derivative curves and second moments 
were evaluated numerically. Modulation amplitudes 
ranged from 0.60 to 1.7 gauss and appropriate correc
tions17 were applied to the experimental second mo
ments. The measured line widths and second moments 
are accurate to ±0.20 gauss and ±0.50 gauss2, respec
tively, while the temperatures are accurate to ± 2 °K .

Results
Urea-di-n-Hydrocarbon Adducts. Observed Line 

Widths and Second Moments. The line-shape changes 
with temperature follow essentially the same pattern 
for the four urea-d4—«-hydrocarbon adducts over the 
temperature range investigated. Typical derivative 
spectra are illustrated in Figure 1 for the n-octadecane 
adduct at a number of representative temperatures. 
At low temperatures (<100°K) the spectra for all of 
the adducts consist of two components, a broad com
ponent with AH in the range 9-12 gauss, and a narrow 
component with AH ranging from 2.1 to 2.9 gauss. A 
progressive narrowing of the broad component is noted 
in the temperature range 100-160°K for all of the ad
ducts. Above 160°K the broad components show only 
a slight additional narrowing with increasing tempera
ture up to 298°K. The narrow components decrease 
only slightly in width over the entire temperature 
range (AH values for the narrow signals are uncertain 
in the range 110-150°K because of overlap with the 
broad component).

A sharp line, with AH <  0.10 gauss, is observed to 
form in all of the adducts except urea-d4-n-Ci2H26, at 
approximately 160°K. This signal cannot be at
tributed to residual host or n-hydrocarbon protons 
and is most probably due to small amounts of occluded 
CH3OD molecules. A graphical representation of the 
line-width variation with temperature for all of the ad
ducts is given in Figure 2.

Figure 3 shows the second-moment variation with 
temperature for the n-hydrocarbon adducts. At 95°K 11 12 13 14 15 16 17

(11) R. C. Pemberton and N. G. Parsonage, Trans. Faraday Soc., 61, 
2112 (1965).
(12) R. C. Pemberton and N. G. Parsonage, ibid., 62, 553 (1966).
(13) O. H. Griffith, J. Chem. Phys., 41, 1093 (1964).
(14) L. Mandelcorn, Ed., “Non-Stoichiometric Compounds,” Aca
demic Press, New York, N. Y., 1964, Chapters 8 and 10.
(15) K. Takahashi, Ph.D. Thesis, University of Toronto, 1965.
(16) W. G. Schneider, H. J. Bernstein, and J. A. Pople, J . Chem. Phys., 28, 601 (1958).
(17) E. R. Andrew, Phys. Rev., 91, 425 (1953).

The Journal o f  P hysical Chem istry



An Investigation of Molecular Motion in Urea-ĉ  Adducts 3759

Figure 1. Wide-line proton magnetic resonance spectra for 
the ureâ d4-re-Ci8H38 adduct at a number of temperatures.

the magnitudes of the second moments vary in the 
order n-Ci2H26 ^  n-Ci4H30 <  w-Ci6H34 <  n-Ci8H38. 
As the temperature is increased the second moments for 
all of the adducts decrease markedly with the curves 
for the individual adducts being displaced to higher 
temperatures in a regular manner with increasing chain 
length. A leveling-off of the curves is noted at 130- 
150°K, depending upon n. Small inflections in the 
curves for the n-CieH34 and n-Ci8H38 adducts are ob
served at 115 and 122°K, respectively; no inflections 
are present in the curves for the other adducts. Fur
ther small, but measurable, discontinuities are ob
served in the second-moment curves for all of the ad
ducts at temperatures ranging from 184 to 236°K, 
Figure 3. Above these temperatures, the second 
moments decrease gradually, with no further abrupt 
changes up to the highest temperature studied, 298°K.

Calculated Second Moments. Intra- and inter- 
molecular contributions to the rigid lattice second 
moments of the four urea-d4- «.-hydrocarbon adducts 
have been calculated on the assumption that the crystal 
structure and internuclear distances are the same as 
in the corresponding fully protonated adducts.18-20

Figure 2. Line-width variation with temperature for 
derivative spectra of urea-di-w-hydrocarbon adducts.

The C-C and C-H  bond lengths were taken as 1.5421 
and 1.094 A ,22 respectively, and an angle of 109° 28' 
was assumed between the carbon atoms. A summary of 
the calculated values is given in Table I along with the 
experimental values observed at a number of tem
peratures. The largest errors in the calculated mo
ments are due to uncertainties in bond angles and bond 
lengths for the hydrocarbons and are of the order of 
±0.40 and ±0.20 gauss2 for intramolecular and inter- 
molecular contributions, respectively. Since the urea 
is better than 96% deuterated, the intermolecular con
tribution from this source is estimated to be less than
0.10 gauss2.

The reductions in inter- and intramolecular second 
moments resulting from a reorientation of the methyl 
groups (with the rest of the chain fixed) have been 
calculated by the method of Gutowsky and Pake,23 and 
the Si values are summarized in Table I. Also in- 18 19 20 21 22 23

(18) A. E. Smith, J. Chem. Soc., 2416 (1951).
(19) A. E. Smith, A cta  C r y s t 5, 224 (1952).
(20) H. V. Lenne, ibid., 7, 1 (1954).
(21) A. Müller, P roc. R oy. Soc. (London), A120,437 (1928); A127,477 
(1930).
(22) G. Herzberg, “Infrared and Raman Spectra of Poly-Atomic 
Molecules,” D. Van Nostrand Co., Inc., New York, N. Y ., 1945, p 45.
(23) H. S. Gutowsky and G. E. Pake, J . Chem. P h y s ., 18, 162 (1950).
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Figure 3. Variation of second moments with temperature 
for the spectra of urea-d4-n-hydrocarbon adducts.

Table I :  Calculated and Observed Second Moments“ for
Urea-d4-n-Hydrocarbon Adducts

71-C12H28 ra-CuHso 71-C16H34 n-Ci8H38 

Calculated Second Moments
Rigid lattice

Intramolecular 20.21 20.02 19.88 19.77
Intermolecular 0.97 0.97 0.97 0.97
Total second moment 21.18 20.99 20.85 20.74

Methyl group rotation
Intramolecular 14.84 15.37 15.78 16.10
Intermolecular 0.24 0.24 0.24 0.24
Total second moment 15.08 15.61 16.02 16.34

Rotational oscillation
Amplitude 30° 10.92 11.40 11.77 11.99

60° 5.49 5.77 5.98 6.16
Observed Second Moments 

95°K 12,0 11.6 17.5 18.5
150°K 3.2 3.0 2.2 4.0
200 °K 2.4 3.0 2.0 3.3
240 °K 2.2 2.5 1.5 2.9

° In gauss2.

moment caused by such reorientations was calculated 
following the procedure of Andrew.24

Urea-di-Fatty Acid Adducts. Observed Line Widths 
and Second Moments. Figure 4 illustrates spectra ob
served for the urea-d4-palmitic acid adduct at a num
ber of temperatures. Similar spectra were obtained 
for the urea-d4 - stearic acid adduct. In both adducts 
two superimposed components with different line 
widths were resolved in the derivative spectra over the 
entire temperature range, 80-298°K. At 80°K, the 
broad components have line widths of 12.8 and 12.3 
gauss for the palmitic acid and stearic acid adducts, 
respectively, while the narrow components have line 
widths of 2.3 and 2.6 gauss. The line widths of the 
broad components decrease steadily with increasing 
temperature until approximately 190°K, where the 
rate of decrease increases sharply. Above 220°K, the 
broad components for both adducts appear to level 
off at 6.5-7.0 gauss while the narrow components de
crease gradually to ~0 .5  gauss at 298 °K. The line

eluded in Table I are the S2 values calculated for the 
case of rotational oscillation of the n-hydrocarbon chain 
about its longitudinal axis. The reduction in second

Figure 4. Wide-line derivative spectra for the 
urea-d4-palmitic acid adduct at a number of temperatures.

(24) E. R. Andrew, J. Chem. P h y s ., 18, 607 (1950).
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Figure 5. Line-width variation with temperature for 
urea-tfi adducts of palmitic acid and stearic acid.

width-temperature dependence for both adducts is 
summarized in Figure 5.

Figure 6 illustrates the second-moment variation 
with temperature for the adducts. At 80°K, the ex
perimental second moments are 17.0 and 17.3 gauss2 
for the palmitic acid and stearic acid adducts, respec
tively. As the temperature is increased, the second 
moments for both adducts decrease uniformly until 
approximately 200°K, where the rate of decrease in
creases sharply. In the region 200-220°K, iS2 de
creases from 9.3 to 3.1 gauss2 for urea-d4-palmitic acid 
while S2 for the stearic acid adduct changes from 10.0 
to 3.4 gauss2 in the range 200-235°K. The second- 
moment curve for the stearic acid adduct is displaced in 
the transition region by approximately 15° to higher 
temperature relative to the curve for the palmitic acid 
adduct. At temperatures above the sharp transition 
region, the second moments show a more gradual de
crease with increasing temperature up to 298 °K, with 
small inflections noted in both curves at 270° K. The 
second moments at 298°K are 0.3 and 0.4 gauss2 for the 
palmitic and stearic acid adducts, respectively.

Calculated Second Moments. Rigid-lattice second- 
moment values for the acid adducts have been cal
culated on the assumption that (i) the crystal structure

Figure 6. Second-moment variation with temperature for the 
urea-di adducts of palmitic acid and stearic acid.

and internuclear distances are the same as for the 
corresponding urea-n-hydrocarbon adducts; (ii) the 
acid molecules are aligned in the urea channel in a head- 
to-head arrangement, i.e., with the carboxyl groups 
adjacent to each other; (iii) the methylene groups are 
arranged in a planar zigzag configuration. Assumption 
(i) is reasonable since X-ray diffraction studies have 
shown that the crystal structure and dimensions of the 
urea channels do not differ significantly for a wide range 
of adducts from straight-chain hydrocarbons to paraffin 
derivatives with polar groups such as esters (a small 
distortion of the urea channel is noted, however, in 
adducts containing a short branch chain).18■10-25'26 

A head-to-head arrangement of the acid molecules 
has been indicated by heat of reaction studies27 and 
X-ray measurements28 for a number of urea-di- and 
monocarboxylic acid adducts, and a similar arrangement 
is most likely in the present systems. Previous X-ray 
studies have also shown that the planar arrangement 
of the methylene groups is the most favored configura

(25) W. Schlenk, Jr., Ann., 565, 204 (1949).
(26) A. E. Smith, J. Chem. Phys., 18, 150 (1950).
(27) L. C. Fetterly, Ph.D. Thesis, University of Washington, 1950.
(28) L. C. Fetterly, “ Non-Stoichiometric Compounds,”  L. Mandel
kern, Ed., Academic Press Inc., New York, N. Y ., 1964, Chapter 8, 
ref 28.
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tion in a wide variety of urea-paraffin adducts at room 
temperature.18'19'26-26 The bond lengths used in the 
calculations were C-C bond,211.54 A, C-H bond, 1.094 
A,22 and all bond angles about the carbon atoms were 
assumed to be 109° 28'. A summary of the calcu
lated rigid lattice second moments is given in Table II 
along with the experimental second-moment values ob
tained at a number of temperatures. The errors in the 
theoretical second moments are estimated to be ±0.40 
gauss2.

Table II also includes second moments calculated 
for the cases of methyl group rotation23 and rotational 
oscillation of the methylene chain24 of the acid mole
cules. The second-moment reductions for these types 
of motion were calculated by the same methods as for 
the hydrocarbon adducts.

Table II : Observed and Calculated Second Moments“ for 
Urea-di-Fatty Acid Adducts

Palmitic Stearic
acid acid

Calculated Second Moments
Rigid lattice

Intramolecular 18.83 18.92
Intermolecular 1.01 1.01
Total second moment 19.84 19.93

Methyl group rotation
Intramolecular 16.12 16.41
Intermolecular 0.25 0.25
Total second moment 16.37 16.66

Rotational oscillation
Amplitude 30° 12.01 12.23

60° 6.18 6.36
Observed Second Moments
95°K 16.4 16.4

150°K 12.2 12.0
200 °K 9.4 10.0
240°K 2.6 3.6

“ In gauss2.

Discussion
Urea-df-^n-Hydrocarbon Adducts. The general fea

tures of the spectra for the hydrocarbon adducts are 
similar to those observed previously9 for the n-Ci3H28 
and n-Ci6H34 adducts and for shorter chain n-hydro- 
carbons at low temperatures.29 Slight differences be
tween the present results for the n-Ci6HM adduct and 
the earlier data of Gilson and McDowell9 can be at
tributed to an overlap of the narrow and broad com
ponents in the ranges 120-140 and 220-290°K.

Comparison of the line-width variation with tem
perature for each of the n-hydrocarbon adducts with 
the line-width behavior for the corresponding pure n- 
hydrocarbons24'29 shows that marked line-narrowing 
transitions occur at much lower temperatures for hydro
carbon molecules in the adducts. In the pure n-hydro- 
carbons the main line-width transitions occur typically 
within a few degrees of the melting points, while in the 
adducts the transitions are approximately 250° below 
the decomposition temperatures. Accordingly, the 
onset of extensive motional freedom associated with 
the transition occurs more readily in urea channels 
than in the hydrocarbon phase. An indication of the 
nature of the motional processes is provided by a 
comparison of observed and calculated second-moment 
values.

For urea-n-hydrocarbon adducts the various mo
tional processes possible include (i) rotation of the 
terminal methyl groups about their threefold axis, (ii) 
rotational oscillation of the main paraffin chain about 
the longitudinal axis (the methylene groups are as
sumed to be rigidly oriented in their planar zigzag 
form), (iii) translational motion of the chains along the 
channel, (iv) flexing and twisting of the hydrocarbon 
chain (giving rise to out-of-plane motion for the methy
lene groups), and (v) intra- and interchannel dif
fusion. Qualitatively, it is reasonable to expect the 
motional processes to occur in sequence (i) to (v) with 
increasing temperature. Processes (iv) and (v) pre
sumably involve some rearrangement of the host mole
cules and are unlikely to be of importance much below 
(< 10-20°) the decomposition temperatures. Accord
ingly, the second-moment reductions have been calcu
lated for (i) and (ii) only, Table I. The intramolecular 
second moments calculated for methyl group rotation 
are 3.6-5.4 gauss2 lower than the corresponding rigid 
lattice values and are in good agreement with the values 
reported recently by Anderson and Slichter,29 S2 =
18.5 — 46.3/ {n +  1). Satisfactory agreement is also 
noted between the total second moment for the n- 
Ci6H34 adduct, 16.0 gauss2, and the value given by Gil
son and McDowell,9 15.8 gauss2. With respect to mo
tion of type (ii) the total second moments calculated 
for a rotational oscillation of amplitude 60° for the 
hydrocarbon chain (i.e., freely reorienting chains) range 
from 5.5 gauss2 for the w-Ci2H26 adduct to 6.2 gauss2 
for the n-CisH38 adduct. These values are comparable 
to the intramolecular second moments calculated by 
Andrew,24 <S2 = 6.8 — 11.6/(n +  1) for free rotation of 
the pure n-hydrocarbons.

(29) J. E. Anderson and W. P. Slichter, J. Phys. Chem., 69, 3099 
(1965).
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From Table I it is evident that the hydrocarbon mole
cules are not immobile in the urea channels even at the 
lowest temperature studied. For the n-Ci2H26 and 
n-Cx4H3o adducts it seems likely that the methyl groups 
are reorienting freely (on the nmr time scale) at 95 °K 
while for the n-Ci6H34 and n-Ci8H38 adducts the methyl 
group reorientation is apparently more hindered. 
There is also a strong indication that hydrocarbon 
molecules are undergoing at least a partial rotational 
oscillation (ii) in the C22 and CH adducts at 95°K. No 
motion of this type is indicated for the higher hydro
carbons.

The sharp decrease in second moment observed for 
the adducts at higher temperatures can be explained 
most readily by the onset of rotational oscillation of the 
hydrocarbon chains in the urea channels. However, 
the second moment values at temperatures immedi
ately above the transition regions (~150°K) are from 
2 to 3 gauss2 smaller than the values calculated for free 
rotational oscillation (Table I). It is possible that these 
differences arise because of limitations in the model 
adopted for the calculations.24 Alternatively, the ob
served Si values may indicate the presence of additional 
modes of motion such as (iii) and (iv). A calculation 
of the second-moment reduction due to (iii) and (iv) is 
precluded, however, by the complexity of the present 
systems. Of the various possibilities the most reason
able, at the temperatures involved, would apear to be 
a small translational motion of the hydrocarbon mole
cules along the channels.

It is interesting to note that the main second-moment 
transitions occur over roughly the same temperature 
ranges and vary with increasing chain length in the same 
manner as the anomalous transitions in the heat ca
pacity curves11-12 for the adducts (Table III). It is 
reasonable to conclude that the same motional proc
ess, namely, rotation of the hydrocarbon molecule in

Table HI: Transition Temperatures for Urea-n-ITydrocarbon 
Adducts from Second Moment and Heat Capacity Measurements

Urea-n-Hydrocarbon
T,

(C curves)11-12
T ia

(S2  curves)

7I--C10H22 110.9
71-C12IÍ26 123.2 114
71-C14H30 1366 126
Tl-Ci 5H32 158.4
7I-C16H34 151.8 132
7I-C18H38 1661' 144
W-C20H42 189.3

0 Errors in the second moment transition temperatures are 
estimated to be ±4°. b Estimated from Figure 4 in ref 12.

the channel, is responsible for the changes in both 
cases.

Urea-df-Fatty Acids. The line-width and second- 
moment curves for the fatty acid adducts differ mark
edly from the curves for the corresponding «-hydro
carbon adducts. In particular, the second-moment 
curves for the acid adducts show a steady decrease 
from 80 to 200°K and the main S2 transitions at 200- 
230°K occur approximately 100° higher than for the 
hydrocarbons. These differences can be attributed in 
part to the effects of hydrogen-bonding interactions 
in the acid adducts. Such interactions could take the 
form of head-to-head hydrogen bonds between adjacent 
carboxyl groups within a channel (to form in effect a 
dimer with twice the chain length of the monomer) and/ 
or hydrogen bonds between carboxyl groups and the 
urea molecules. In either case the motion of the acid 
molecules would be more hindered than for correspond
ing hydrocarbon molecules, and a shift of the main line- 
width and second-moment transitions to higher tem
peratures would be expected. Some support for such 
interactions is provided by recent epr results13 for urea 
adducts of several fatty acid and ester free radicals 
which showed that at room temperature the amplitude 
of the motional process averaging the /3-proton coupling 
constant is significantly less for acid radicals than for 
ester radicals.

As in the case of the hydrocarbon adducts a qualita
tive indication of the motional processes can be ob
tained from a comparison of observed and calculated 
second moments. In the temperature range covered 
the two types of motion most likely are (i) rotation 
of the methyl groups and (ii) rotational oscillation of 
the molecule about the longitudinal axis; <S2 values 
calculated for these cases are given in Table II. At 
95°K the close agreement (Table II) between observed 
Si values and those calculated for motion of type (i) 
strongly indicates that the methyl groups are rotating 
freely in the adducts at this temperature. This can 
be contrasted with the results for acid salts,30'31 where 
the methyl groups were found to be rigidly oriented 
under the same conditions.

The steady decrease in second moment with in
creasing temperature from 95 to ~200°K can be at
tributed to the onset of rotational oscillation of the 
acid molecules. However, the sharp drop in Si values 
above 200°K cannot be explained solely in terms of 
freely rotating molecules since the observed moments 
are more than 3 gauss2 lower than values calculated for 
free rotational oscillation. This difference is greater
(30) R. F. Grant and B. A. Dunell, Can. J. Chem., 38,1951 (1960).
(31) R. F. Grant and B. A. Dunell, ibid., 38, 2395 (1960).
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than any experimental or computational errors involved 
and another motional process must be invoked to ex
plain the decrease. Of the various possibilities the one 
which would appear to be the most reasonable is a 
rotation of the methylene groups about the C-C bonds. 
A calculation of the decrease expected from such a 
motional process superimposed upon a rotation of the 
main chain has not been attempted, however.

Comparison of the present adduct spectra with 
proton spectra for a number of fatty acids30-33 shows a 
number of distinct differences. Previous studies had 
shown that the line widths and second moments for 
anhydrous sodium and potassium stearates30'31 vary 
only slightly with temperture until approximately 390 
and 330°K, respectively, where sharp decreases are ob
served for both. These decreases, which can be as
sociated with the onset of extensive oscillating motion 
of the molecules, occur at much higher temperatures 
(~120° higher) than in the urea-di-stearic acid adduct,

Figures 2 and 3. As in the case of the hydrocarbon 
adducts, the shifts of the transition to lower tempera
ture indicates that intermolecular forces hindering 
motion in the urea channels are considerably weaker in 
the adducts than in the pure acids.
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The unusual electrochemical behavior of previously described asymmetric membranes is 
explained using a model system as reference. It is concluded that these membranes act 
as microcells made of elements with different permselectivity coefficients separated by 
highly swollen gels of polystyrenesulfonate. Asymmetric membranes made of two films 
of collodion polystyrenesulfonic acid with different charge densities sandwiching a film of 
polystyrenesulfonic acid show, after sodium exchange, an electrochemical behavior very 
close to that of the previously described asymmetric membranes. The asymmetry poten
tial between two identical electrolyte solutions separated by such a membrane is theo
retically explained according to the thermodynamics of irreversible processes.

Asymmetric Membranes
In a previous paper1 the electrochemical behavior of 

collodion polystyrenesulfonic acid membranes (CPS) 
characterized by different concentrations of polysty
renesulfonate in the two external layers, si and so, 
was described. A peculiar effect was observed when 
such membranes were put in contact with two solu
tions, i and o, of a uni-univalent electrolyte having 
identical composition. In fact, an electrical potential 
difference could be measured between the two identical 
solutions separated by the asymmetric membrane. 
Such an “asymmetry potential” was found to increase 
with increasing the difference of fixed charge densities 
between the two external layers si and so. When the 
asymmetric membrane was put in contact with two 
solutions of a uni-univalent electrolyte at different 
mean activities, the observed membrane potential was 
found to depend on the orientation of the membrane 
with respect to the two solutions. Such a behavior is 
shown in Figure 1. Although in the previous paper1 
an attempt was made to interpret this peculiar electro
chemical behavior on the basis of an extention of 
Meyer-Teorell theory, it will be shown here that a 
simple straightforward explanation can be given if the 
following model system is considered. Let si and so be

two ion selective membranes having different charge 
densities in contact with two uni-univalent electrolyte 
solutions {e.g., NaCl) i and o separated by a middle com
partment containing a solution of the same uni-univa
lent electrolyte, solution “m.”

si so
i m

When there is no current flow across the system, an 
electrical potential difference is established between the 
solutions i and o given by

A\p =  \p' — ip° =  W  -  f m) -  (*° -  O  (1)
where

/i  , m si ^ / n \
t  -  'P = - a  —  In —S (2)r  a±

and
* ° - r  =  (3) 

r a±
where a81 and a80 are the selectivity coefficients of the
(1) A. M. Liquori and C. Botré, Rie. Sci., 6 , 71 (1964).
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Figure 1. Asymmetry potential Atp* across an asymmetric 
membrane of the previously described type1 as a function of 
the log of the two identical electrolyte (NaCl) solutions 
in contact with the membrane. The membrane potentials 
A a n d  A^" observed for two opposite orientations of the 
asymmetric membrane with respect to the two bathing 
electrolyte solutions of NaCI. The mean activity o± in one 
electrolyte solution is fixed at 1.7 X 10-2 whereas the mean 
activity of the other electrolyte solution is varied.

two membranes si and so having different charge 
densities. If the two electrolyte solutions i and o 
have identical composition, a±‘ = a±° = a± , the elec
trical potential difference (eq 1) becomes

A** = «8° ) l n - ^  (4)
An electrical potential difference between the two 
identical electrolyte solutions i and o must, therefore, 
be observed which is due to the asymmetry of the 
system which imposes the condition that a8i ^ aB0. 
It is in fact interesting to observe that if

P i °  =  Mi° +  Z j F i j
and

P i '  = Mi1 +  Z i F 'P i  (5)
are the electrochemical potentials of an ion in the two 
solutions i and o when these have identical composition

Mi1 =  Mi° (6 )

and
P i — Pi =  A/ij,7..* = ZjFA\f/* —

RT si- y ( « " ) l n ^7 „ ma ±
(7)

Therefore, the asymmetry potential corresponds to the 
electrochemical potential difference of the jth ion be
tween the two solutions, which at the steady state is 
generated by the different ionic activities of the salt in 
the compartments i, o if the system is asymmetric 
(a81 ^ a80). When the two electrolyte solutions i and 
o have different mean activities, eq 2, 3, and 7 may 
be combined to give the membrane potentials

A\p' = R T  80 l a±1
~f °  l n ^  +  T (8)

and
A \p"

lV “ + T ' (9)
corresponding to the two opposite orientations of the

Figure 2. Asymmetry potential A^* between two NaCl 
solutions i and o in contact with two membranes si and so 
separated by a middle compartment containing NaCl 
solution having a mean activity of 3.37 X 10“ 1. Membrane 
potentials A^' and AiC' between two solutions i and o 
separated by the same system, with opposite orientations. 
The mean activity of one solution is kept at 1.7 X 10“ 2 
whereas that in the other solution is varied.
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system, namely, with the membrane si in contact with 
the solution i or o, respectively. The behavior of 
Aip*, At//', and Atp "  is illustrated in Figure 2 for the 
system a_m = 3.37 X 10-1, dsi = s X 10-4 mequiv of 
S04/g, dao = 5 X 10_1 mequiv of S04/g, a81 = 0.04, 
a80 = 1.0. The very close analogy between the 
behavior of asymmetric membranes and the asym
metric model system considered above is clearly ap
parent from a comparison of Figure 2 and Figure 1. 
Such an analogy readily suggests that electrolyte is 
present in the regions of contact between the elements 
of an asymmetric membrane having different charge 
densities. This hypothesis is confirmed by a micro
scopic examination of the asymmetric membranes 
prepared as described in the previous paper. In fact, 
in the membrane elements with higher charge density 
the presence of very small granules of polystyrenesul- 
fonic acid may be observed which is in excess with 
respect to that homogeneously dispersed in the col
lodion matrix. This is very likely the result of the 
very high concentration of the polyelectrolyte in the 
collodion solutions from which the high charge density 
layer was cast. It may, therefore, be concluded 
that when such granules of the sodium exchanged 
polyelectrolyte, highly swollen by water, happen to be 
in contact between two membranes with different 
charge densities, a system of asymmetric microcells 
is formed which is analogous to the model system de
scribed above.

A confirmation of the above conclusion stems from 
the behavior of asymmetric membranes made by sand
wiching a thin layer of polystyrenesulfonic acid be
tween two layers, si and so, of CPS having the same 
charge densities as the external layers of the previously 
described asymmetric membranes. After exchange 
with a 0.5 N  solution of NaCl, the asymmetric po
tential A \p* and the membrane potentials Ai//' and 
A f "  were measured. The results are shown in Figure
3. The similarity between the behavior of this type of 
asymmetric membranes and the previously described 
ones is striking. Applying eq 8 and 9, the electrical 
potentials differences Aip' and A\p" should be obtained 
from the asymmetry potential A f*  and the activity 
ratios o±7a±° inserting the best values of aal and 
aso. When this is done for the curves of Figures 1, 
2, and 3, values of a si and a8° are obtained as given 
in Table I. The permselectivity coefficients of the 
previously described asymmetric membranes and the 
new type appear to compare rather satisfactorily.
Experimental Section

Uniform Membranes. Uniform membranes of poly
styrenesulfonic acid embedded in a collodion matrix

Figure 3. Asymmetry potential Atp* and membrane potentials 
A\p' and Af "  a Na+ exchanged asymmetric membranes made 
of two layers si and so of CPS sandwiching a film of 
polystyrenesulfonic acid. The other conditions are 
the same as in Figure 1, but the fixed mean activity is 
1 X 10-2 for the membrane potentials A\F and A\p” .

Table I
aB0 a8i

Model system 1.00 0.04
Previous asymmetric 

membrane
0.80 0.25

New asymmetric 
membrane

0.81 0.17

were made according to Gregor and Sollner.2 The 
polystyrenesulfonic acid obtained according to Neihof3 
had an average molecular weight of about 9 X 104. 
After purification, its acid value was 4.80 mequiv/ 
g, as compared with a theoretical value of 5.43 mequiv/g 
calculated assuming one sulfonic acid group per ben
zene ring. Membranes were cast from solutions of 
4% collodion in a 1:2 mixture of alcohol and etner 
containing 4 mg/ml or 4 X 10-3 mg/ml of polystyrene
sulfonic acid. The charge densities of the membranes 
thus obtained were 5 X 10_1 mequiv of S04/g  and 
5 X 10-4/mequiv of S04/g, respectively. Total ex
(2) H. P. Gregor and K. Sollner, J. Phys. C h e m 58, 409 (1954).
(3) R. Neihof, ibid., 58, 916 (1954).
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change of the hydrogen ions was achieved by equili
brating the membranes with a 0.5 N  NaCl solution.

Asymmetric Membranes. The previously described 
asymmetric membranes were prepared according to the 
previous paper. The new asymmetric membranes 
were obtained by casting a thin membrane of CPS with 
a charge density of 5 X 10~4 mequiv of SCh/g and 
then evaporating over it a water solution of polysty- 
renesulfonic acid having a concentration of 4 mg/ml. 
Finally a thin membrane of CPS with a charge density 
of 5 X 10_1 mequiv of S04;/g was cast over the film 
of polystyrenesulfonic acid. Total exchange of the 
hydrogen ions with sodium was achieved as for the 
uniform membranes.

Apparatus, (a) Electrical Potentials in the Model 
System. A three-compartment cell made of Pyrex 
glass was used for this experiment. The membranes 
si and so were clamped between two flanges. Satu
rated calomel electrodes were immersed through agar 
bridges in the solutions i and o, and the potential dif
ferences were recorded with a Pye precision potentiome
ter equipped with a Multiflex Lange galvanometer with 
an internal resistance of 1200 ohms and a sensitivity of 
4 X 10~9 amp/mm.

(6) Electrical Potential across Asymmetric M em 
branes. The potential differences across asymmetric 
membranes were recorded with calomel electrodes in 
a standard cell similar to that previously described.1

The Kinetics of the Reaction between Neptunium(III) and Iron(III) 

in Aqueous Perchlorate Solutions1

by T. W. Newton and N. A. Daugherty
U niversity o f  C alifornia, L os A lam os Scientific Laboratory, L os A lam os, N ew  M exico  (Received M arch IS , 1967)

Rates of the reaction Np3+ +  Fes+ = Np4+ +  Fe2+ in aqueous perchlorate solutions are 
given by d[Np(IV)]/di = [Np3+][Fe3+](A;o +  /c_i[H + ]_1) for acid concentrations ranging 
from 0.05 to 2.0 M  at constant ionic strength. The effect of temperature was determined 
from 0.5 to 36.7° ; ft_i is from about 4 to 30 times larger than fc0 in this range. The tem
perature coefficient of fc_i was used to determine the activation parameters for the pre
dominant net activation process Np3+ +  Fe3+ +  H20 = [(Np)(OH)(Fe5+)]* +  H+, 
AF* = 13.66 kcal/mole (fc_i = 600 sec-1 at 25°), AH* = 14.55 ± 0.1 kcal/mole, and 
A*S* = 3.0 ± 0.3 cal/mole deg. The results for this reaction are compared with those 
for the similar Pu(IV)-Fe(II) and Np(IV)-Cr(II) reactions.

Introduction
A number of apparently simple oxidation-reduction 

reactions have been studied in which the net change is 
in the charge on the ions involved. Reactions of this 
type among aqua ions are usually inhibited by H+, 
showing that various hydrolyzed species are reactive 
intermediates. The Np(III)-Fe(III) reaction belongs 
in this class and its kinetics were studied for comparison

with analogous reactions in order to obtain a better un
derstanding of the factors which influence these rates. 
Recent success in the application of parts of Marcus’ 
theory2 to inner-sphere reactions3 suggests the examina

(1) Work done under the auspices of the U. S. Atomic Energy Com
mission; presented in part at the 153rd National Meeting of the
American Chemical Society, Miami, Fla., April 1967.
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tion of sets of similar reactions from this point of view 
even though the general structure of the activated 
complexes involved is not known.
Experimental Section

Reagents. Neptunium solutions were prepared from 
a sample of Np02 for which spectrographic analysis 
showed the transition metals to be less than 0.1 ppm 
and the rare earths to be less than 0.5 ppm. Radio
assay showed the presence of about 200 ppm Pu-238.4 
The oxide was dissolved in concentrated perchloric 
acid which contained a trace of fluoride and taken to 
copious fumes, then diluted to give a Np(VI) perchlorate 
solution. A sample of this stock was reduced to Np(V) 
with a slight excess of H20 2 and the free acid was deter
mined by titration with standard NaOH to the congo 
red end point. Solutions of Np(III) were prepared from 
this stock solution by reduction with zinc amalgam. 
The total neptunium content of these completely re
duced solutions was determined by a spectrophoto- 
metric titration using standard Ce(IV). Excess Ce(IV) 
was detected at about 3700 A after oxidation of the 
neptunium to the VI state was complete. Purification 
of the neptunium solutions using a cation-exchange resin 
was found not to influence the observed reaction rates.

Iron(III) perchlorate was prepared from the nitrate 
(Mallinckrodt) which was strongly fumed with per
chloric acid and cooled to give crude crystals. These 
were crystallized twice from water and dissolved to 
make a stock solution. Total iron was determined 
with standard Ce(IV) after complete reduction with 
zinc amalgam. Total perchlorate was determined by 
the use of Dowex 50 in the hydrogen ion form. Free 
acid was estimated by difference. The distilled water 
and solutions of HC104, LiC104, and NaC104 were pre
pared and analyzed as before.5 The concentration 
units used in this paper are moles per liter, M , at 23°.

Procedure. One of the reactants and appropriate 
amounts of salt and acid were brought to the required 
temperature in a stirred absorption cell in a small 
thermostat in the light beam of a Cary recording spec
trophotometer, Model 14.5 The reaction was started 
by injecting the final reactant, also at the required 
temperature, from a calibrated hypodermic syringe with 
a Teflon needle. Timing was by means of the recorder 
chart drive. The reaction was followed at 7230 A 
where Np(IV) is the predominant absorbing species. 
All stock solutions were deaerated with purified argon 
and the reaction mixtures were protected from air by 
means of an argon blanket. The spectrophotometric 
titration mentioned above was used to determine total 
reducing agent after representative runs in order to 
check the calculated initial Np(III) concentrations.

Results. Data from individual rate runs were found 
to satisfy the usual integrated form of the second-order 
rate law, first order in each of the reactants, Np(III) 
and Fe(III). Results of a typical run are shown in 
Table I, where observed and calculated absorbance 
values are given as a function of time. The apparent 
second-order rate constant for this reaction is defined 
by k' =  (d [Np(IV) ]/dt)/ [Fe(III) ] [Np(III) ]). Values 
were calculated from the absorbance data using a non
linear least-squares program which minimizes S(AQbsd — 
A c a l c d ) 2-5

Table I : Typical Rate Run“

Time,
sec Obsd

—Absorbance------------------*
Calcd

0 0 .1 0 0 (0 .1 0 0 )
2 .5 0 .2 2 8 0 .2 2 9
3 .0 0 .2 4 2 0 .2 4 1
4 . 0 0 .2 6 1 0 .2 6 1
5 .0 0 .2 7 7 0 .2 7 6
6 .0 0 .2 8 8 0 .2 8 8
7 .0 0 .3 0 0 0 .3 0 1
9 .0 0 .3 1 1 0 .3 1 1

1 0 .0 0 .3 1 6 0 .3 1 6
1 2 .5 0 .3 2 5 0 .3 2 6
1 5 .0 0 .3 3 2 0 .3 3 3
1 7 .5 0 .3 3 8 0 .3 3 7
2 0 .0 0 .3 4 1 0 .3 4 1

00 0 .3 5 1
“ Conditions: 25°, ß = 2.0 M  (LiC104), 0.40 M  HC104,

1.58 X 10~4 M  Np(III), 2.24 X IO"4 M  Fe(III).

Initial concentrations of Fe(III) and Np(III) were 
varied by factors of about 8 without significantly af
fecting the apparent second-order rate constants. This 
is shown by the data in Table II. The products of reac
tion, Np(IV) and Fe(II), were also shown to be without 
significant effect at 4.4 X 10 ~4 M .

The effect of ionic strength was determined in a series 
of rate measurements at 0.8° in 0.100 M  HC104. The 
data from both LiC104 and NaC104 solutions were found 
to be represented satisfactorily by the extended form of 
the Debye-Hiickel equation. The results of these 
measurements are given in Table III. The data show 
that substituting 1.9 M  LiC104 for 1.9 M  NaC104 in
creases the rate about 16%. Similar experiments at 25° 
showed a 13% increase for 1.8 M  salts in 0.2 M  HC1C»4. 2 3 4 5
(2) R. A. Marcus, J. Phys. Chem., 67, 853 (1963).
(3) A. Haim and N. Sutin, J. Am. Chem. Soc., 88, 434 (1966).
(4) These results were provided by the Analytical Chemistry Group 
of this laboratory.
(5) T. W. Newton and F. B. Baker, J. Phys. Chem., 67, 1425 (1963).
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T able I I : Effect of Initial Reactant Concentrations on the 
Apparent Second-Order Rate Constant“

Fe(III), N p(III), k ' ,
M  X 10* M  X 10* M ~ l sec"1

2.99 3.56 51.2
2.99 10.67 50.7
2.99 17.8 50.5
2.99 28.4 50.0
5.01 2.96 49.6

12.5 2.96 49.0
25.0 2.96 49.9

Conditions: 0.8°, 1.99 M HCIO4.

T able III : Effect of Ionic Strength“
Ionic k f  in LiClOi k '  in NaClOi

strength, solution, M 1 sec-1 solution, M ~ 1 sec-1
f i ,  M Obsd Calcd6 Obsd Calcdc

0 .1 0 3 177 179 173 173
0 .2 9 3 275 273 258 258
0 .4 8 3 332 335 324 312
0 .6 7 3 386 384 350 353
1 .0 5 4 466 465 412 419
1 .4 3 4 542 535 466 473
1 .6 2 4 570 568 489 498
2 .0 0 4 636 633 561 545

“ Conditions: 0.8° and 0.100 M HCIO4. 6 Calculated using 
log k' = log 39.79 +  [3.911mv,/(1 +  2.93M1/!)] +  0.063V 
c Calculated using log k' = log 39.79 +  [3.911M1/!/ ( l  +  3.04M‘/s)] 
+  0.0472m. The parameters in these expressions were calcu
lated by least squares with the requirement that the first be the 
same for both sets of solutions.

The hydrogen ion and temperature dependences were 
studied in a series of runs in which the ionic strength 
was maintained at 2.0 M  with LiC104. The results are

Table IV : Effect of Hydrogen Ion Concentration and 
Temperature on the Apparent Second-Order Rate
Constant (y = 2.0 M (LiClCb))

Temp, [HCIO.], No. of Av k', Calcd k’,a
°C M detn M ~ l  sec-1 M ~ x sec-1

0.85 1.99 11 49.5 48.8
1.50 9 58.1 59.5
1.10 4 7 7 . 0 75.4
0.737 1 104 103.2
0.500 9 146 144.6
0.379 3 188 185
0.200 7 333 336
0.100 3 633 654.7
0.050 4 1288 1302

25.1 1.99 2 344 339
1.30 3 529 501
0.879 2 764 724
0.750 2 870 842
0.400 3 1650 1546
0.200 4 3132 3043

12.3 1.99 2 117.5 121.8
1.50 2 156 152
1.10 2 203.5 201
0.80 3 273 263
0.520 3 396 392
0.200 2 IO I4 988
0.100 2 1958 1924

36.7 1.99 2 778 838
1.80 2 878 922
1.67 1 963 990
1.41 1 1157 1163
1.19 2 1319 1371
0.885 2 1745 1823
0.740 2 2152 2171
0.500 2 3100 3180
0.400 1 4154 3957

0 Calculated using the parameters in line 1 of Table V.

summarized in Table IV.
Chloride ion was found to catalyze the reaction and to 

complicate it so that strict second-order behavior was 
not observed in the individual runs. A concentration 
of 0.1 M  chloride in 2 M  total acid at 0.8° was found 
to increase the initial rate by a factor of about 5.
Interpretation and Discussion

The reaction which was investigated
Np3+ +  Fe3+ = Np4+ +  Fe2+ (1)

is completely quantitative; the oxidation potentials in
volved6 indicate that the equilibrium quotient is about 
1010. However, for the possible continuing reaction
Np4+ +  Fe3+ +  2H20 =

Np02+ +  Fe2+ +  4H+ (2)

the equilibrium quotient is about unity. Thus, the 
effect of reaction 2 must be considered, particularly in 
solutions low in acid concentration. Huizenga and 
Magnusson7 report —d[Np(IV)]/df = 0.057[Np(IV)] • 
[Fe(III) ] [H+]-3 M  sec“1 at 25° and n = 1 M  (NaC104) ; 
this gives an apparent second-order rate constant of 
57 M ~ l sec-1 in 0.1 M  acid. Data in Tables III and IV 
show that the apparent second-order rate constant for 
reaction 1 is about 4100 M ~ l sec-1 under similar condi
tions. It is concluded that, since the rate of reaction 2 
is only about 0.014 as large as that of reaction 1 in the

(6) Vf. M. Latimer, “ Oxidation Potentials,”  2nd ed, Prentice-Hall, 
Inc., Englewood Cliffs, N. J., 1952.
(7) J. R. Huizenga and L. B. Magnusson, J. Am. Chem. Soc., 73,
3202 (1951).
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Table V : Activation Parameters
ASh, AHh, AS- l*, ASo*,

cal/m ole kcal/ cal/m ole Affi*, ca l/m ole A//o* Rms,“
No. deg mole deg kcal/m ole deg kcal/m ole ao b %  dev

1. 21.2884 10.2 2.64 ±  0.32*’ 14.45 ±  0.09 -3 5 .8  ±  5.0 4.66 ±  1.37 4.44
2. 21.2884' 10.2 3.33 ±  0.35 14.64 ±  0.10 0.211 ± 0 .0 0 8 0.031 ±  0.002 4.10
3. 46.2460 17.85 2.67 ±  0.32 14.46 ±  0.09 —35.8 ± 4 . 9 4.67 ±  1.36 4.43

a Root-mean-•square per cent deviation between observed and calculated values. b Standard deviation calculated by the least-
squares program. '  AS for the first hydrolysis of Fe(III) calculated from Kh = 1.5 X 10-3 at 25° and AHh = 10.2 kcal/mole.9 d AS 
for the first hydrolysis of Fe(III) calculated from Kh = 1.055 X 10-3 at 25° and Affh = 17.85 kcal/mole. This Ktl value was cor
rected to ju = 2 using previously determined9b ionic strength dependence; and Affh value is the average of the two reported.10

least favorable case, complications due to reaction 2 can 
be ignored.

The data show that reaction 1 is first power in each of 
Np(III) and Fe(III) and is predominantly inverse first 
power in the hydrogen ion concentration. Plots of 
either fc'([H+] +  K b) or log /c'([H+] +  K b) vs. [H+] 
were essentially linear with slopes much smaller than the 
intercepts. The expression [Fe3+] = [Fe(III) ]/
([H+] +  Kh) was used to correct for the small amount 
of hydrolysis of Fe(III) which occurs. The hydrolysis 
of Np(III) may reasonably be assumed8 to be much 
smaller than that for Fe(III) and has been neglected. 
These plots showed that the two rate laws
d[Np(IV)]/df = [Np3+][Fe3+](fc0 +  fc_i[ H+]-1) (3)

d[Np(IY) ]/d£ = [Np3+] [Fe3+]fc_i [H+]_1e“|H+1 (4)
are equally satisfactory. Both indicate that the most 
important path for reaction involves the formation of an 
activated complex from Np3+ and Fe3+ with the prior 
loss of H + in an unspecified preequilibrium. The minor 
terms are best interpreted as an additional path for 
eq 3 and as a medium effect for eq 4.

The temperature-dependence data were treated ac
cording to both rate laws by making the assumption that 
the rate constants b0 and are given by the Eyring 
equation, ki = (kT/h) exp(ASi*/R ) exp ( — A//;*/ 
R T ), and that the Harned parameter, a, is linear in tem
perature: a =  do +  bt. The recent literature gives 
discrepant values for AH h for the first hydrolysis of 
Fe(III) (10.2 kcal/mole according to Milburn9 and
16.0 or 19.7 kcal/mole according to Schlyter).10 Cal
culations were made using the first value and the 
average of the other two. The necessary A<Sh values 
were chosen to give the appropriate K b values at 25°. 
The calculations were by least squares in which the 
hydrogen ion and temperature data were used simul
taneously to find values of AH_i*, A<S_i*, AH'0*, and 
AS0*, or ao and b which best reproduce the experimental 
data. The results are given in Table V.

It is seen that the activation parameters for the 
principal path depend only slightly on the assumptions 
made about the minor term in the rate law and about 
the hydrolysis correction. We conclude, therefore, 
that AF * =  13.66 kcal/mole, AH * — 14.55 ± 0.1 kcal/ 
mole, and AS* = 3.0 ±  0.3 cal/mole deg for the princi
pal net activation process
Np3+ +  Fe3+ +  H20  =

[(Np)(OH)(Fe)6+]* +  H+ (5)
where the composition but not necessarily the structure 
of the activated complex is indicated. The rate con
stant for the net activation process is 600 sec-1 at 25°.

The present results are compared with those obtained 
for some formally similar reactions in Table VI. The 
net activation processes and activation parameters 
serve to summarize the kinetic results in terms which 
are independent of assumptions about the details of the 
mechanism. All of the reactions referred to in Table VI 
are similar in that the most important activation proc
ess involves the formation of a + 5  activated complex 
from the initial reactants with the prior loss of one H+. 
An understanding of the relative values of the activa
tion parameters will require assumptions with respect 
to the mechanisms involved and the actual rate-deter
mining reactions.

It is of interest to try to rationalize the observed rela
tive rates on the basis of the plausible assumption that 
these reactions occur by a common mechanism in 
which the rate-determining step is the formal transfer of 
OH from the more highly hydrolyzed reactant to the 
other ion. This might occur directly by an inner- 
sphere transfer or by some sort of outer-sphere H-atom
(8) J. J. Katz and G. T. Seaborg, “ The Chemistry of the Actinide 
Elements/' Methuen and Co., Ltd., London, 1957 (also, John Wiley 
and Sons, Inc., New York, N. Y .), p 298.
(9) (a) R. M. Milburn, J. Am. Chem. Soc., 79, 537 (1957); (b)
R. M. Milburn and W. C. Vosburgh, ibid., 77, 1352 (1955).
(10) K. Schlyter, Trans. Roy. Inst. Technol. Stockholm, No, 196 
(1962).
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Table VI : Activation Processes and Parameters“
Process A F * A H * AS* Scomp* f* Ref

Np3+ +  Fe3 + +  H20  =  [ * ]6+ +  H + 13.7 14.6 3.0 ±  0.3 -8 7 2 This work
Np4+ +  Fe2 + +  H20  =  [*]6+ +  H + 27.9 29.9 7 Reverse
Pu4+ +  Fe2 + +  H20  =  [*]5+ +  H + 15.1 19.1 13.3 ±  1.3 -8 2 2 b

Np1+ +  Cr2 + +  H20  =  [* ]5+ +  H + 16.7 16.2 - 1 .6  ±  1.4 -9 3 1 c

“ The units for AF* and AH* are keal/mole; for the entropies, cal/mole deg; and for the ionic strength, M. b T. W. Newton and 
H. D. Cowan, J. Phys. Chem., 64, 244 (I960). ° Values were computed from the data of R. C. Thompson and J. C. Sullivan, J. Am.Chem. Soc., 89, 1096 (1967). These authors showed that the [H+] independent term in their rate law is small, erratic, and not sig
nificant statistically, but chose to include it in their calculations of the other terms. We prefer, instead, to assume that this term Is 
zero and find somewhat different values for AH* and AS* but essentially the same for AF* for the major ([H +] -1) term.

Table VII: Some OH Transfer Reactions. Values“'4 ’ for 25° and n =  1.0 M
A F * A F *

No. Reaction (obad) A F° AFf (caìcd)6 Ref

12. Cr2+ +  FeOH2+ =  CrOH2+ +  Fe2 + 8 .6 - 2 5 . 8 6 .7 5 .5 c
14. Cr2+ +  NpOH3+ =  CrOH2+ +  Np3 + 1 3 .6 - 1 0 . 9 1 .4 - 1 .2 d
23. Fe2+ +  PuOH3+ =  FeOH2 + +  Pu3 + 1 3 .6 - 2 . 8 0 .1 1 1 .0 10
24. Np3+ +  FeOH2+ =  NpOII3+ +  Fe2 + 1 0 .1 - 1 4 . 9 3 . 2 - 2 .6 This w o r k
11. Cr2+ +  CrOH2+ =  CrOH2+ +  Cr2 + 1 7 .4 0 e
22. Fe2+ +  FeOH2 + =  FeOH2+ +  Fe2 + 1 2 .7 0 f
33. P r3+ +  PuOH3+ =  PuOH3+ +  Pu3 + 1 1 .9 0 g
44. Np3+ +  NpOH3+ =  NpOH3+ +  Np3 + (1 0 -1 4 ) 0 Estimate
“ May be in error by at least 0.2 kcal/mole due to uncertainties in medium effects and hydrolysis constants. The free energies of 

hydrolysis for Fe3+, Cr3+, Np4+, and Pu4+ were taken as 3.9, 5.5, 3.1, and 1.7 kcal/mole, respectively, based on the data in ref 8 and 
footnotes h-j of this table. 6 Calculated using eq 8. e G. Dulz and N. Sutin, J. Am. Chem. Soc., 86, 829 (1964). d See Table VI, 
footnote c. e A. Anderson and N. A. Bonner, J. Am. Chem. Soc., 76, 3826 (1954). 1 J. Silverman and R. W. Dodson, J. Phys. Chem., 
56, 846 (1952). a T. K. Keenan, ibid., 61, 1117 (1957). h C. Postmus and E. L. King, ibid., 59, 1208 (1955). ‘ J. C. Hindman, J. C.
Sullivan, and D. Cohen, J. Am. Chem. Soc., 81, 2316 (1959). ’ S. W. Rabideau, ibid., 79, 3675 (1957).

transfer. These reactions are considered in this way in 
Table VII. The related Cr(II)-Fe(III) reaction and 
the possibly pertinent electron-exchange reactions are 
included also.

Rates of similar reactions often indicate nearly linear 
relations between AF*  and AF °. An examination of 
the data in Table VII shows that if such a relation 
applies here, the two reactions which involve the Cr(II)- 
Cr(III) couple are inherently slower than the two 
which involve the Fe(II)-Fe(III) couple. This sug
gests that some of the factors which make the chro
mium-exchange reaction slower than the iron one are 
important in the net reactions also.

Such effects are predicted for outer-sphere reactions 
by the Marcus expression2

&12 = (knknK nfn) (6)
where log/i2 = (log Ni2)2/[4 log (knkn/Z 2)].

The form of this expression depends primarily on the 
assumptions that an approximately harmonic distortion

of coordination and solvent spheres about an ion occurs 
prior to electron transfer under Franck-Condon condi
tions, the force constants for the distortions are essen
tially independent of the reaction partner, and that the 
work terms are small or cancel. Some of these assump
tions may reasonably be expected to apply to inner- 
sphere reactions as well; therefore it is worthwhile to 
examine the activation free energies in Table VII in 
terms of eq 6 even though the nature of the various 
activated complexes is unknown.

In terms of free energies, Marcus’ expression be
comes11

A(?i2* = V2(A(?ii* +  A (722* +  AGn ° +  A G n ) (7)
where AGul = (A(ri20)2/[4(A(jii* +  AG22* — wn — 
w22) ], Wn and W22 are the work terms as usually defined,2 
and it is assumed that icn +  w22 =  2wi2 =  2w21. The 
free energies in these expressions are indicated by AG*

(11) N. Sutin, Ann. Rev. Phys. Chem., 17, 119 (1966).
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rather than by AF*  to emphasize that activation free 
energies are usually defined, following Eyring, by the 
equation k =  (kT/h) exp( —AF*/R T ), while Marcus 
uses k = Z  exp ( — AG */RT), where Z  is the collision 
frequency of the hypothetically uncharged ions (1 0 11 

M ~ l sec“1). The effect of this difference in definition 
cancels in all terms in eq 7 except for AGi2f, and eq 7 
may be rewritten

A i V  =  1/ 2(A F a* + A Fa* + A F i2° + AFn) (8)
where AE12f =  (AF12°)2/[4(AFn +  AFi2* — wu — 
Wn ~  4.89)] kcal/mole at 25°.

A requirement for the application of eq 8  to a set of 
net reactions like those in Table VII is that the reac
tants in the appropriate pair of exchange reactions ap
pear as the reactants and products in the net reaction. 
However, this condition makes the actual values chosen 
for the hydrolysis free energies quite unimportant. It 
may be shown that these quantities cancel exactly ex
cept in the small AF { term where their influence is not 
large.

Application of eq 8  to the calculation of activation 
free energies requires estimates of the electrostatic work 
terms. These are probably small in solutions for which 
the ionic strength is 1 M  and values of sufficient pre
cision were estimated as described by Sutin12 to be 0.24, 
0.24, and 0.45 kcal/mole for wn, w22, and w33 respec
tively. (The subscripts here and below refer to the 
reactions in Table VII.) These values, together with 
others from Table VII give 5.5 and 11.0 for AFV2* and 
AFn *. The observed values are higher than these by

2 .8 5  ± O.2 5  kcal/mole, corresponding to a factor greater 
than 100 in the rates at 25°. It is unlikely that un
certainties in the estimates for w are important; chang
ing w22 by 1 kcal/mole changes AFn*  by about 0 .2  

kcal/mole and AF23* by a negligible amount.
Although eq 8  gives only approximate values for AFu* 

and AFn *, the difference between these two quantities 
is accurate to within 0.5 kcal/mole. This is considered 
satisfactory in view of the uncertainties in the entries in 
Table VII. The analogous difference, AF14* — AFn*, 
can also be estimated since it depends only slightly on 
the unknown value of AFu*. Values ranging from 3.4 
to 3.6 kcal/mole were found when AFu* was assumed to 
lie between 10 and 14 kcal/mole. Again, the calculated 
difference is in satisfactory agreement with the observed 
one (3.5 kcal/mole).

The results of these calculations are similar to those of 
Sutin13 on some chloro-bridged reactions. Both cal
culations suggest that Marcus’ expression, eq 8 , maji 
prove to be fairly satisfactory for estimating rate ratios 
for similar reactions of unknown mechanism even 
though the individual rates are poorly predicted.

Acknowledgments. We gratefully acknowledge many 
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the data in Table VI, footnote c, available to us prior to 
publication.
(12) N. Sutin, Ann. Rev. Nucl. Sci., 12, 2845 (1962); B. M . Gordon, 
L. L. Williams, and N. Sutin, J. Am. Chem. Soc., 83, 2061 (1961).
(13) N. Sutin, “ Exchange Reactions,”  International Atomic Energy 
Agency, Vienna, 1965.
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The Kinetics of Oxidation Induced in Solid Systems by Ultrasonic Radiation1 2

by F. A. H. Rice and L. A. Veguilla-Berdecia
Department of Chemistry, The American University, Washington, D. C. 20016 
(Received March IS, 1967)

The oxidation of lauryl aldehyde to lauric acid by potassium chlorate under the influence 
of an ultrasonic field is found to follow the equation for a second-order reaction. The 
specific rate constant varies directly as the first power of the ultrasonic intensity. Any 
one intensity of radiation will only induce idie oxidation of a small fraction of the aldehyde 
present. The rate of oxidation depends on the crystal size and increases with a decrease 
in the size of the crystal. Increasing the intensity of the radiation increases the total 
amount of aldehyde that can be oxidized. However, this amount asymptotically approaches 
an upper limit. The results can be interpreted on the basis that the reaction takes place at 
certain sites on the KC103 crystal surface and these sites vary in their sensitivity to the 
action of ultrasonic radiation. An increase in intensity therefore might be expected to 
increase the number of sensitive sites and hence the total quantity of aldehyde that can be 
oxidized. The upper limit is reached when the total number of surface sites has been 
oxidized. The rate would depend on the total number of sensitive sites and should in
crease as the crystal size decreases.

Introduction
Ultrasonic radiation, like electromagnetic radiation, 

is capable of initiating and sustaining a variety of chemi
cal reactions. Oxidations may result from the ir
radiation of liquid systems (methanol to formaldehyde 
in aqueous solutions,211 liberation of free iodine from KI 
solutions,2b degradation of toluene to phenol and 
formaldehyde,3 etc.). Molecular rearrangements, de
flagration of solid explosives, depolymerizations, and 
other chemical reactions have been found to occur when 
systems are exposed to ultrasonic radiation.4 The 
feasibility of initiating and sustaining a slow oxidative 
chemical reaction in a solid system by ultrasonic radia
tion has been demonstrated by one of the authors and a 
co-worker.5

In liquid systems the cavitation theory seems to 
explain the occurrence of chemical reactions in the 
ultrasonic field. The collapse of the cavities formed 
in the liquid medium produces intense hydraulic shocks 
leading to high local temperatures and consequent 
initiation of chemical reactions.6'7 Other mechanisms 
are needed to explain the initiation of some chemical 
reactions in liquids in an ultrasonic field. These mech
anisms also assume the formation of “bubbles” in the 
liquid medium.8'9 It is unlikely that cavitation mech

anisms are operative in solid systems, since there would 
not be an easily volatilized liquid or gas present. 
The hot-spot theory used by Eyring, et al.,10 11 and by 
Bowden, et al./1 postulated to explain the detonation of 
explosives or the burning of propellants strongly sug
gests that oxidation should be induced by ultrasonic

(1) Supported in part by U. S. Public Health Service Research Career 
Program Award 3-K3-GM-19, 470-03.
(2) (a) M. A. Khenokh, Zh. Obshch. Khim., 23, 1464 (1953); (b)
I. E. Elpiner and Kolesnikova, Dokl. Akad. Nauk SSSR, 75, 837 
(1950).
(3) M. A. Khenokh and E. M. Lapinskaya, Zh. Obshch. Khim., 26, 
2439 (1956).
(4) I. E. Elpiner, “ Ultrasound, Physical, Chemical and Biological 
Effects,”  Consultants Bureau, New York, N, Y ., 1964.
(5) F. A. H. Rice and D. Levine, Proc. Roy. Soc. (London), A246, 180 
(1958).
(6) B. E. Noltingh and E. A. Nippiras, ibid., B63, 674 (1950).
(7) M . E Fitzgerald, V. Griffing. and J. Sullivan, J. Chem. Phys., 25, 
926 (1956).
(8) Y. I. Frenkel, Zh. Fiz. Khim., 14, 305 (1940).
(9) T. L. Natanson, Dokl. Akad. Nauk SSSR, 59, 83 (1948).
(10) H. Eyring, R. E. Powell, G. H. Duffey, and R. B. Parlin, Chem. 
Rev., 45, 69 (1949).
(11) F. P. Bowden and D. A. Yoffee, “ The Initiation and Growth 
of Explosives in Liquids and Solids,”  Cambridge University Press, 
Cambridge, 1952.
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irradiation of appropriate solid systems. The ultra
sonic field should produce local stresses in the irradi
ated solid and these stresses should behave as thermal 
spikes leading to localized reaction regions. This was 
found to be true6 in a system made of a solid oxidizable 
substance (lauryl aldehyde) and a crystalline oxidizing 
agent (potassium chlorate) randomly mixed, pressed 
in close contact under high pressure, and then ultra- 
sonically irradiated. The resulting oxidation that oc
curred could be explained on the basis that hot spots 
developed at certain points of contact between the two 
substances and the chemical reaction was initiated at 
these hot spots.8

We wish to report a kinetic analysis of the data pre
viously reported, together with additional data and 
analysis of the dependence of the degree of oxidation on 
crystal size.
Experimental Section

The experimental technique was previously described 
in detail5 so it is only described briefly here. Ac
curately weighed equimolar samples of recrystallized 
KClOa and lauryl aldehyde (mp 54°) were mixed and 
made into pellets. The disks were placed between 
cellophane sheets, mounted, and placed in a water bath 
maintained at 25 ± 0.01°. The samples were irradi
ated for the desired length of time at 2  Me and at in
tensities of 2.0, 3.0, 4.0, and 6.0 w/cm. 2 After irradia
tion, the disks were placed in diethyl ether to dissolve 
the organic matter. The ether extract was evaporated 
to dryness under reduced pressure and further dried 
over P2O5 under high vacuum for over 16 hr. The re
sulting dried mixtures of lauric acid and lauryl aldehyde 
were accurately weighed and dissolved in 30 ml of a 1:1 
(by volume) solution of ethanol and water. This 
solution was titrated under helium gas with 0.05 N  
sodium hydroxide, and the quantity of lauric acid that 
had formed was then calculated.

The inorganic salts (KC102 and KC103) were dried 
under high vacuum over P20 5 and weighed. KC103 
was determined by the Furman method. 12 No measur
able amount of chloride or hypochlorite was found so 
it could be presumed that only chlorite was formed. 
The values for the loss in chlorate were in close agree
ment with the quantity of lauric acid formed and 
the two values varied by only ±2.5 X 10-4.

“Small” crystals of potassium chlorate were prepared 
by slowly adding acetone to a solution of potassium 
chlorate saturated at room temperature. The “large” 
crystals were formed by quickly cooling to 0 ° a solution 
of potassium chlorate saturated at the temperature of 
the boiling water bath. The particle size distribution 
(Figure 4) for the samples of “large” and “small”

crystals was obtained from a Micromerograph plot. 13 

Since the Micromerograph provided stepwise data or. 
the weight of particles less than a certain particle size, 
the data were plotted on arithmetic probability paper14 

to obtain the distribution of crystal sizes. When 
mixtures of potassium chlorate (0 . 6  g) and lauryl alde
hyde (0 .2  g) were heated together in an iron crucible 
for 15 min at temperatures ranging from 30 to 200°, 
no oxidation of the lauryl aldehyde was observed until a 
temperature of 180° was reached. At this temperature 
3 X 10- 3  mole for each mole of the aldehyde was 
oxidized. No measurable increase above this was found 
at 200°. The mixture ignited at 320-325°.
Results

Figure 1 shows the relationship between the time of 
irradiation and the oxidation of the aldehyde (mole of 
lauric acid formed/mole of lauryl aldehyde originally 
present). All oxidation experiments with randomly 
selected crystal sizes show this type of curve. There 
is an initial rapid oxidation which asymptotically tapers 
off to very low rates after irradiation times longer than 
about 10 min. Within experimental error, therefore, 
it would seem that, even on prolonged irradiation, 
only a certain fraction of the aldehyde is oxidizable by 
the chlorate under the influence of any one intensity of 
ultrasonic radiation.

Figure 2 shows the effect of the intensity of radiation 
at fixed times (t = 3 and 10 min) on the quantity of 
aldehyde oxidized. All of the samples had the same 
distribution of particle size. It will be noted that in
creasing the intensity of the ultrasonic radiation in
creases both the final degree of oxidation and the rate 
at which the final oxidation is reached. The two curves 
approach each other and the ratios of the experimentally 
determined points after 10 and 3 min of irradiaton de
crease with increasing intensity as 1.5, 1.3, 1.2, and 1.1, 
thus suggesting that they have an extrapolated com
mon asymptote between 10.5 and 11% oxidation. 
(This is more readily deduced from Figure 8 , where the 
reciprocals of intensity and per cent oxidation are 
plotted.) This value of between 10.5 and 11% oxi
dation appears to be the maximum value for the per 
cent oxidation obtainable at the highest intensities of 
radiation. The initial rates of oxidation are greatly 
increased as the intensity is increased. The data at 
two fixed times depicted in Figure 2 were obtained from

(12) N. H. Furman, “ Scott’s Standard Methods of Chemical Anal
ysis,”  5th ed, D. Van Nostrand Co. Inc., New York, N. Y ., 1939, p 
274.
(13) The Sharpies Micromerograph, manufactured by the Sharpies 
Corp. Research Laboratories, Bridgeport, Pa.
(14) Manufactured by Codex Book Co., Inc., Norwood, Mass.
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Figure 1. Oxidation of solid mixtures of
lauryl aldehyde and potassium chlorate upon treatment
with ultrasonic radiation at 2 Mc/sec.

Figure 3. Effect of particle size on the oxidation 
induced by ultrasonic radiation. A represents “ small” 
particles and X represents “ large” particles.

Figure 2. Oxidation of solid mixtures of lauryl 
aldehyde and potassium chlorate upon treatment with 
ultrasonic radiation for 3 min (X ) and 10 min (A) 
at several intensities (/) of radiation.

a series of experiments carried out to yield data analo
gous to that shown in Figure 1. The intensity of the 
radiation was increased, however, to the various levels 
shown in Figure 2. Inspection of these curves (not 
shown), in which the per cent oxidation was plotted 
against time of irradiation at any one intensity of radia
tion, shows that increasing the intensity of radiation 
increases the initial rate of oxidation. In order to 
condense the presentation of the data, however, the 
times t =  3 and 10 min were chosen since t = 3 min 
represents a point on the curves during which rapid 
oxidation takes place and t — 10 min represents a point 
during which slow oxidation is taking place. As the 
intensity is increased, there is an increase in the early 
rate of oxidation; consequently, the quantity of alde
hyde oxidized after 3-min irradiation approaches the 
quantity oxidized after 10-min irradiation which in

Figure 4. Particle size distribution analysis, 
“small” and “ large” crystals as indicated.

turn approaches the total amount that it is possible to 
oxidize.

Figure 3 shows the effect of particle size distribution 
on both the initial rate of oxidation and on the final per 
cent oxidation. Figure 4 depicts the particle size dis
tribution for the same two samples shown in Figure 3 as 
obtained from a Micromerograph plot.13 Figure 5 
shows the data obtained from the Micromerograph 
plotted on arithmetic probability paper.14 It will be 
seen that the distribution is almost if not exactly gaus- 
sian.
Discussion

The over-all reaction induced by the ultrasonic 
irradiation of solid mixtures of lauryl aldehyde and 
potassium chlorate is

0  0
Cio,- +  RC -> CIO,- +  RC

\ \H OH
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Figure 5. Arithmetic probability 
plot of data shown in Figure 4.

Since we are dealing with a solid mixture, we must 
concern ourselves with the kinetics of a heterogeneous 
reaction. We might expect the reaction to occur only 
at or near the surface of the K C I O 3  grain, and therefore 
the number of molecules reacting per second should be 
proportional to the area of the interface. That is, we 
are dealing with a kind of surface concentration and not 
with bulk concentration. Furthermore, if, of the total 
available area, only some preferential sites are regions of 
high potential energy and only these sites become acti
vated by the ultrasonic field, then the extent of the 
reaction is limited to but a fraction of the total avail
able area.

The kinetic data shown in Figures 1 and 3 can be 
fitted to the second-order plot

— —  = kt +  -  (2)
a — x  a

The value of a in (2) is taken to be the maximum per 
cent oxidation for that particular curve. The plots are 
shown in Figures 6  and 7 for the “large” and “small” 
crystals of Figure 3. The linearity is remarkably good. 
Another linear graph is obtained if we plot the reciprocal 
0: the intensity vs. the reciprocal of the per cent oxida
tion. Figure 8  shows this clearly. This linear plot 
implies that the specific rate constant k varies directly 
as the first power of the ultrasonic intensity. In this 
sense the ultrasonic radiation field shows the same be
havior as the electromagnetic field in photochemically 
induced reactions where in many cases the same depen
dence is observed. 15

It will be seen from Figure 5 that for “small” crystals 
the mean particle size was of the order of 7 m and the 
distribution has a standard deviation of about 3  ¡x. 
The surface density (calculated from crystal data) for 
K C I O 3  is about 5 X 1014 C1 0 3 ~/cm2. For the dis-

0.2 - 
0.1 -
0 q !___ I-------- 1_____ I_____ I--------1_____ 1_____ I-------- 1_____ I_____ 1 1

0  0.1 0 .2  0 .3  0 .4  0 .5  0 .6  0 .7  0 .8  0 .9  1.0 l.l
l/t

Figure 6. Kinetic data for “small” 
crystals plotted as 1/a vs. 1/i.

Figure 7. Kinetic data for “ large” 
crystals plotted as 1/a vs. l/t.

tribution given above, a sample of KC103 of approxi
mately 0 . 2  g (about the amount used in the experi
ments) would have a total area of about 700 cm2, as
suming an ensemble of perfect single crystals. (In
cidentally, when the relative quantity of aldehyde to 
KC103 was increased tenfold, there was no measur
able change in the moles of aldehyde oxidized per mole 
of KCIO3.) The number of possible surface oxidant 
molecules is therefore only about 0.04% of the total 
amount of KC103 present. This is about two orders cf 
magnitude less than the maximum oxidation that can 
apparently be obtained with this sample of crystals. 
Similar calculations hold true for the “large” crystals. 
The calculations are based on the KC103 grains being
(15) E. A. Moelwyn-Hughes, “ Physical Chemistry,”  2nd ed, Perga
mon Press Inc., New York, N. Y ., 1961, p  1225.
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Figure 8. Plot of the reciprocal of the intensity (w/cm’ j 
vs. the reciprocal of the per cent oxidation.

cubes (actually KCIO3 is monoclinic16). Since odd 
shapes with jagged edges, cracks, etc. will have only a 
slightly greater surface area than cubes of correspond
ing masses, we suggest that the total possible extent of 
oxidation in our system cannot possibly be determined 
by the total available surface C103~ which is estimated 
to be, at the most, 0.1% of the total amount of KC103 
present. That the surface itself is not a determining 
factor is also indicated by the fact that simple heating 
of the aldehyde-KC103 mixtures up to 180° does not 
lead to measurable oxidation.

We propose therefore that the ultrasonic wave acti
vates certain sites on the crystal surface (probably non- 
basal dislocations) and that these sites become spots 
where reaction occurs. It is of particular interest in 
this connection that nonbasal dislocations in graphite 
are the centers of enhanced reactivity when the solid is 
oxidized.17 Also, the basal surfaces of molybdenum 
disulfide when oxidized by oxygen develop etch pits 
at the site of emergence of c-axis screw dislocations.18 
It is suggested that the ultrasonic wave raises the ef
fective temperature of the C103_ ions at nonbasal 
dislocation sites so that reaction takes place. The 
heat of reaction further helps to raise other reactant 
molecules at or near the site to sufficiently high energy, 
and consequently the reaction region may spread along 
and below the surface. At low intensities not all of 
the potential surface sites would be activated and hence 
only a small degree of oxidation would take place. 
As we increase the intensity, however, the probability 
of activating all of the sites would be increased until the 
maximum oxidation was obtained. It is pertinent that

there is evidence that the extent of enhanced reactiv
ity due to nonbasal dislocations may be proportional to the strength of the dislocation.18

It is conceivable that it is the aldehyde rather than 
the CIO3-  that is activated. It is also possible that 
both species are activated simultaneously. In either 
case the chlorate grains cannot supply only their surface ions for the reaction.

The suggestion that increasing the intensity in
creases the number of activated sites is substantiated 
by the degree of oxidation as related to the particle 
size distribution. Specifically, let us consider the 
ratio of the rate constants for the two samples shown 
in Figure 3. Since the intensities for these oxidation 
curves were the same, the ratios of the specific rate constants are

¿(“large” particles)
¿(“small” particles) -̂315 (3)

If certain sites on the surface of the KC103 grains are 
responsible for the oxidative reaction induced by the 
ultrasonic radiation and the total number of sites is 
determined by the total surface area, the oxidation ob
tained with “large” and “small” KC103 particles should 
be proportional to the respective areas. If, for ease of 
computation, we assume the particles to be spherical, 
the areas can be calculated as follows. The gaussian 
distribution is given by

f(r) = -* * — e - W W - r t / * '  (4 )o"\/27r
where N  is the total number of particles, r0 is the mean 
radius, and a is the standard deviation. The area and 
weights of the samples are obtained by computing the 
second and third moments of (4), viz.

area =  4ir f  r2f(r)dr (5)
1/  — co

4  / • + »weight = g7rp I r8f(r)dr (6)
with p the density of KC103. We recall that the weights 
of KC103 in the two samples are the same, so that the 
number of particles in the two samples are not the 
same. However, by equating the weights (relation 6) we 
can obtain the ratio of the areas in eq 7

(16) R. W. G. Wyckoff, “ Crystal Structures,”  Vol. 2, 2nd ed, Inter- 
science Publishers, Inc., New York, N. Y., 1964, p 383.
(17) C. Roscoe and J. M. Thomas, Carbon, 4, 383 (1966); C. Roscoe 
and J. M. Thomas, Proc. Roy. Soc. (London), A297, 327 (1967).
(18) J. M . Thomas and E. L. Evans, Nature, 214, 167 (1967).
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area (“large” particles) 
area (“small” particles)

(r0i3 +  3r0i(T21 2) (r0 +  or2) =  Q Q 
(V  +  ¿ r o t i n i 2 +  <r22)

where the subscripts 1 and 2 refer to the “large” par
ticles and the “small” particles, respectively. It 
should be noted that the area ratio is calculated on the 
basis of spheres for ease of computation. A gaussian 
distribution of monoclinic, cubic, or odd-shaped crystals 
would not give a ratio too different from 0.08. This

can be verified by performing the integration numeri
cally from the Micromerograph data.

If we compare the ratio of the specific rate constants 
as observed in (3) with the calculated ratios of the 
corresponding areas in (7), we find that the ratio of the 
specific rate constants is only four times that of the 
calculated areas. Considering the many approxima
tions made in calculating the ratio of the areas for these 
two samples, we believe that the results support our 
contention that certain specific sites, probably nonbasal 
dislocations, on the KC103 grains become activated 
by the ultrasonic field thus leading to reaction with 
neighboring aldehyde molecules.

A Nuclear Magnetic Resonance Study of Hydrogen Bonding 

in the Succinimide-Dimethyl Sulfoxide System

by David M . Porter and Wallace S. Brey, Jr.

Department of Chemistry, University of Florida, Gainesville, Florida 32601 (Received March 17, 1967)

The hydrogen bonding between succinimide and dimethyl sulfoxide has been studied by 
nuclear magnetic resonance. The concentration and temperature dependence of the 
chemical shift of the NH resonance of succinimide shows that the succinimide-dimethyl 
sulfoxide interaction is probably of the “n-donor” type. The experimental chemical 
shift data were interpreted in terms of an equilibrium between a succinimide-dimethyl 
sulfoxide complex and a succinimide dimer plus solvent molecules. The equilibrium con
stant for this equilibrium, written for the dissociation of the succinimide-dimethyl sulfoxide 
complex, was 0.096 at 33° and determinations of the equilibrium constant at four tem
peratures gave a AH  of 5.0 ±1 . 0  kcal/mole and a AS0?,at of 12 ±  4 cal/mole deg. The 
chemical shifts for the hydrogen-bonded protons in the succinimide-dimethyl sulfoxide 
complex showed a regular trend to higher field with increasing temperature.

Introduction
Proton magnetic resonance measurements have shown 

that a significant chemical shift change accompanies the 
formation of a hydrogen bond.1'2 The formation of 
hydrogen bonds displaces the magnetic resonance of the 
protons involved toward lower magnetic field, except in 
certain cases involving aromatic molecules.3 If the

primary function of the electron donor atom is to pro
duce a strong electric field in the vicinity of the hydro
gen-bonded proton, then a shift toward lower field is
(1) U. Liddell and N. F. Ramsey, J. Chem. Phys., 19, 1608 (1951); 
J. T. Arnold and M. E. Packard, ibid., 19, 1608 (1951).
(2) H. S. Gotowsky and A. Saika, ibid., 21, 1688 (1953); C. M. 
Huggins, G. C. Pimentel, and J. N. Shoolery, ibid., 23, 1244 (1955).
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quite reasonable.3 The electric field deforms the elec
tron distribution about the proton in the hydrogen bond, 
decreasing the electron density in its vicinity and in
creasing its asymmetry; both of these effects decrease 
the proton shielding.4

In the case of an equilibrium between hydrogen- 
bonded and nonhydrogen-bonded species, if the life
times in the associated and unassociated states are short, 
the diamagnetic shielding is an average over the two 
states and the proton resonance will be observed at a 
frequency corresponding to the average shielding for 
the two states. Since both temperature and concentra
tion affect the extent of association, the chemical shift 
of the proton varies with these conditions.

The purpose of the present investigation is to study 
the nature of the hydrogen bonding in the succinimide- 
dimethyl sulfoxide system. Of primary interest are the 
various chemical equilibria which may be present in 
solutions of succinimide in dimethyl sulfoxide and the 
calculation of the equilibrium constants and the changes 
in enthalpy and entropy for these equilibria from the 
nuclear magnetic resonance chemical shift data. Also 
of interest are the chemical shifts of the hydrogen- 
bonded protons present in the species involved in these 
equilibria.
Experimental Section

The spectra of the solutions of succinimide in di
methyl sulfoxide were obtained using a DP-60 Varian 
Associates nuclear magnetic resonance spectrometer 
operating at 60.0 Mc/sec. The spectrum of the sat
urated solution of succinimide in deuterated chloro
form was obtained using a Model A-60A Varian As
sociates nuclear magnetic resonance spectrometer oper
ating at 60.0 Mc/sec, with the aid of a Model C-1024 
Varian Associates time-averaging computer.

'The dimethyl sulfoxide used was obtained from the
J. T. Baker Chemical Co. and was dried over Type 4A 
Fisher Molecular Sieve. The succinimide, from East
man Organic Chemicals, was dissolved in the dimethyl 
sulfoxide immediately after opening without additional 
purification. The solutions of succinimide in dimethyl 
sulfoxide were made up by weight.

The chemical shift of the NH was determined by the 
usual side-band method with, the audio frequency 
continuously monitored by a Model 523B Hewlett- 
Packard counter. The concentration dependence of 
the dimethyl sulfoxide peak was checked with respect to 
internal tetramethylsilane reference and found to be 
negligible. Small quantities of water added to various 
samples confirmed that the presence of moisture has no 
measurable effect on the NH chemical shift.

The chemical shift, A, is defined as the number of

cycles per second downfield from the dimethyl sulfoxide 
peak. All chemical shifts are the average of five in
dividual determinations and are considered to be ac
curate to within 1 cps or less. This apparently large 
maximum error is a consequence of the uncertainty in 
estimating the position of the center of the broad NH 
peak, especially for the very dilute solutions.

The temperature of the sample was regulated by the 
flow rate of dry nitrogen through a Varian V-4340 
variable temperature probe assembly. A copper- -con- 
stantan thermocouple positioned within the dewar in
sert was used to determine the temperature of the 
sample. The thermocouple was calibrated against a 
second thermocouple which was positioned in a sample 
tube in the spectrometer. All temperature measure
ments are considered to be accurate to within 1 deg. 
The experimental results are given in Table I.

Table I : Observed Chemical Shifts“ of the NH of 
Succinimide in Dimethyl Sulfoxide

Mole
fraction of --------------- *—-----Temperature, °C--------

succinimide 33 43 57 72

0.096 507.1 505.6 499.4 494.8
0.137 505.6 504.9 497.0 492.8
0.193 503.4 500.7 495.2 489.7
O'. 271 500.4 498.6 492.3 485.7
0.348 494.8 493.0 487.2 479.8
0.412 489.3 487.8 483.1 475.6

° Expressed in cycles per second downfield from dimethyl
sulfoxide resonance.

Treatment of Data
A saturated solution of succinimide in deuterated 

chloroform, in which succinimide is very sparingly 
soluble, was investigated using the A-60A and the time
averaging computer in an attempt to estimate the 
chemical shift of the NH in the unassociated or self- 
associated succinimide, whichever the case may be. 
The chemical shift obtained provides a downfield limit 
for the chemical shift of the NH in the succinimide 
monomer and an upfield limit for the chemical shift of 
the NH in the succinimide dimer.

A study of the self-association of succinimide in an 
inert solvent would have aided this work considerably, 
but succinimide is not sufficiently soluble in inert sol-

(3) J. A. Pople, W. G. Schneider, and H. J. Bernstein, “ High- 
Resolution Nuclear Magnetic Resonance,”  McGraw-Hill Book Co., 
Inc., New York, N. Y., 1959.
(4) H. S. Gutowsky, Ann. N. Y. Acad. Sei., 70, 786 (1958); P. J. 
Frank and H. S. Gutowsky, Arch. Sei., 11, 216 (1958).
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vents such as carbon tetrachloride and cyclohexane for 
nuclear magnetic resonance investigation. In fact, di
methyl sulfoxide is the only solvent tried in which the 
NH peak of the succinimide was readily observable over 
a significantly large concentration range. Dimethyl 
sulfoxide is also a suitable choice in Anew of the work of 
Allerhand and Schleyer,5 who concluded that in order to 
extend the spectral shift criterion to very weak proton 
donors, very strong proton acceptors must be used. 
They found that hydrogen bonding equilibria involving 
dimethyl sulfoxide are favorable and explained this 
phenomenon in terms of the availability of the two 
equivalent p-orbital bonding sites on the oxygen in 
dimethyl sulfoxide. They also reported that the in
frared spectrum of dimethyl sulfoxide in carbon tetra
chloride solution, up to 100% dimethyl sulfoxide, was 
not concentration dependent. This is evidence against 
self-association of the solvent.

Each solution of succinimide in dimethyl sulfoxide 
displayed only one proton resonance which could be 
attributed to the NH proton of succinimide. The 
-CH2CH2-  resonance was concealed by the solvent peak. 
The chemical shift of the NH resonance was strongly 
dependent upon concentration and temperature, mov
ing to lower fields with increased concentration of di
methyl sulfoxide and to higher fields with increased 
temperature. This direction of change of the chemical 
shift is consistent with the results of similar studies of 
other hydrogen-bonding systems1 in which “n-donor” 
association occurs. Dimethyl sulfoxide hydrogen bonds 
to proton donors by use of the lone pairs of electrons on 
the oxygen, as pointed out by Allerhand and Schleyer.5

An attempt was made to fit the experimental results 
with either of two equilibria

y.0
CH,—C ?  /C H s
I /NH • ■ • 0 —S \

ch2—g\ 0
sc h 3

y>CH2—C% /CHs
I /NH  +  0 —S<̂
CH2—G\ 'CH3

0
( 1)

c h 2—o/ 0
>NH • • • 0 —S'

CH2—c \
CH,
CH,

0

/ / °c h 2— c f
H \  y )>N

1 y>NH • '••o= c< ( 1 +
c h 2—c/  

^ 0
x ch2—c h 2

/CH  
2 0 —S%

XCH;
The equilibrium constant in mole fraction units for 
reaction 1 is given by

= (N  -  C)(S  -  C) = MQS -  C)

1 C (N  +  8  -  C) C ( M  +  5) U
where N  = moles of total succinimide, S = moles of 
total dimethyl sulfoxide, C = moles of succinimide- 
dimethyl sulfoxide complex, and M  = N  — C = moles 
of succinimide monomer. The observed chemical shift, 
A, for the NH in the system is expressed as a weighted 
average of the contributions of the two NH-containing 
species present and is given, for this case, by

M  C N  -  C CA ,,Am +  Ac Am -f- , tAc
N  N  N  N

(4)
where Am = chemical shift of the NH in the succinimide 
monomer and Ac = chemical shift of the NH in the 
succinimide-dimethyl sulfoxide complex. Solving eq 4 
for C

Solving eq 3 for C, the physically reasonable root 
obtained is

N  +  S — V ( N  +  S y  -  4NS/(1 +  K i)  /a.

The equilibrium constant in mole fraction units for 
the other possible equilibrium, as shown in eq 2, is given 
by

V»(n  -  C)(S  -  c y  = DOS -  c y  
C n i/2(N -  C) +  S] CK D  +  S) U

where D = 1/i(N  — C) =  moles of succinimide dimer. 
The observed chemical shift of the NH is given for this 
case by

A = 2D 
N

Ad + N  -  C 
N

Ad + (S)

(5) A. Allerhand and P. von R. Schleyer, J. Am. Chem. Soc., 85, 1715 
(1963).
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where Ad = chemical shift of the NH in the succinimide 
dimer. Solving eq 8 for C

Solving eq 7 for C gives the third degree equation 

(1 -  K 2)C3 -  (1 -  K 2)(N  +  2iS)C2 +
(£2 +  2NS)C -  NS* = 0 (10)

Method of Calculation
An initial estimate of Ac is obtained by extrapolating a 

plot of A vs. mole fraction of succinimide to infinite 
dilution. A value is assumed for the other limiting 
chemical shift (Am for reaction 1, Ad for reaction 2) and 
C is then calculated for reaction 1 from eq 5 or for reac
tion 2 from eq 9. The equilibrium constant is then 
calculated (K x from eq 3 or K-, from eq 7) using the 
appropriate value of C. The limiting chemical shifts 
are varied over the chemically reasonable ranges for 
these shifts.

The values of the equilibrium constant for the various 
solutions are averaged and from this average equilibrium 
constant there is then calculated a value of C from eq 6 
for reaction 1 or from eq 10 for reaction 2. The new 
approximation to the value of C is then used to calculate 
a predicted chemical shift from eq 4 for reaction 1 or 
from eq 8 for reaction 2. The values of Ac and Am or 
Ad are varied over their chemically reasonable ranges 
until the best least-squares fit between the observed A 
and the predicted A is obtained. This best least- 
squares fit yields the values of Ac, Am, and Ki when 
considering reaction 1 and Ac, Ad, and K2 when consider
ing reaction 2, for one temperature. This process is 
then repeated for each individual temperature. The 
logarithm of the equilibrium constant is plotted against 
the reciprocal temperature and AH is estimated from 
this plot. AS is then calculated from AH and the 
equilibrium constant.

F ortran  IV programs were written for these calcula
tions and all calculations were carried out at the Uni
versity of Florida Computing Center on an IBM 709 
computer.

Results and Discussion
Reaction 1 did not fit the experimental results for 

reasonable values of the limiting chemical shifts Ac and 
Am. The results of the calculations based on reaction 2 
are listed in Table II and are shown in Figures 1 and 2. 
Table II lists the limiting chemical shifts and the 
equilibrium constant as functions of temperature based 
on reaction 2. Figure 1 shows the concentration de
pendence of the observed chemical shift of the NH in

MOLE FR A C T IO N  SU C C IN IM ID E  
Figure 1. Variation of A with concentration at various 
temperatures: O, 33°; V, 43°; □ , 57°; A, 72°.
The solid curves are calculated for reaction 2.

succinimide at the various temperatures. The solid 
curves show the predicted chemical shift of the NH as 
calculated for reaction 2. Figure 2 shows the variation 
of log K 2 with reciprocal temperature. The tempera
ture dependence of the equilibrium constant gives a AH 
of 5.0 ±  1.0 kcal/mole and a AS°zoe of 12 ±  4 cal/mole 
deg. The probable errors were estimated by standard 
methods.6 These values fall within the normal range 
of AH and AS values for this type of interaction.7

The apparently random variation of the limiting 
chemical shift Ad does not lend itself to any simple ex
planation, although this parameter is not very sensitive 
to the experimental results. The temperature depen-

(6) F. Daniels, J. W. Williams, P. Bender, R. A. Alberty, and C. D. 
Cornwell, “ Experimental Physical Chemistry,’ ' 6th ed, McGraw- 
Hill Book Co., Inc., New York, N. Y., 1962, pp 401, 402.
(7) G. C. Pimentel and A. L. McClellan, “ The Hydrogen Bond,”  
W. H. Freeman and Co., San Francisco, Calif., 1960.
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Figure 2. Variation of log K2 with reciprocal temperature.

dence of the limiting chemical shift A0 is clearly real and 
could indeed correspond to a change in the chemical 
shift brought about by a change in molecular vibrations 
with temperature within the complex. This explana
tion is consistent with the findings of Muller and Reiter,8 
who have suggested that a part of the observed varia
tions with temperature of the chemical shifts of protons 
involved in hydrogen bonds which has previously been 
attributed to shifts in association equilibria favoring a 
larger fraction of broken hydrogen bonds with increas
ing temperature may be due to another mechanism. 
The chemical shift for the associated species depends 
quite strongly on the degree of excitation of the hydro
gen bond stretching vibrational mode. Because this is

Table I I : Chemical Shifts“ of Succinimide-Dimethyl 
Sulfoxide Complex and Succinimide Dimer and 
Equilibrium Constant as Functions of Temperature

Temp, Ac, Ad,
°C cps cps K2

33 508.0 444.0 0.096
43 507.0 448.0 0.126
57 500.5 453.0 0.179
72 497.5 443.0 0.242

° Expressed in cycles per second downfield from dimethyl 
sulfoxide resonance.

an unusually low-frequency motion, several excited 
states are significantly populated even at temperatures 
as low as 200°K. When an appropriate average over 
vibrational levels is used to evaluate the chemical shift, 
the results show a temperature dependence similar to 
those found experimentally even though it is assumed 
in the calculations that no dissociation of the hydrogen- 
bonded species occurs.8

The chemical shift of the NH in succinimide in 
deuterated chloroform was determined to be approxi
mately 535 cps downfield from tetramethylsilane, 
which would be 382 cps downfield from dimethyl sul
foxide. This value is obviously an upheld limit for 
the limiting chemical shift of the NH in the succinimide 
dimer, Ad. Thus the value obtained for Ad at 33° of 
444 cps is apparently very reasonable since in this very 
dilute solution of succinimide in deuterated chloroform 
there should be some succinimide monomer present.
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(8) N. Muller and R. C. Reiter, J. Chem. Phys., 42, 3265 (1965).
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Diffusion Coefficients of Ag+ and Ag(SOs)21 2 3 by the Rotating Disk Method
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The diffusion coefficients at 25° of Ag+ in aqueous K N O 3  and HC104 solutions and of 
Ag(S03)23~ in a Na2S0 3-N aN 0 3  solution were determined from the limiting currents at 
rotating silver disk cathodes. The effects of prolonged electrolysis, of dissolved oxygen, 
and of added gelatin have also been investigated.

Introduction
A simple way of determining the diffusion coefficient, 

Di, of a single ion, i, in an excess of indifferent elec
trolyte is by means of the rotating disk electrode (rde). 
According to the Levich equation2 as modified by Greg
ory and Riddiford,3 the limiting diffusion current 
(in milliamperes) is given by

J l im  “
0.620ni’A ciZ)ivV ' lAco,/y [ l  +  0.354(Z>iA)°-36] (1)

where n is the number of electrons involved in the 
electrode process per mole of i, F is Faraday’s constant, 
A the geometric electrode area (square centimeters), cs 
the bulk concentration of i (moles per liter), u the kine
matic viscosity of the solution, and a> the angular veloc
ity of the disk (radians per second). The diffusion 
coefficient can therefore be derived from the slope of a 
plot, against m'/2, of Ium or the corresponding current 
density him-

Although the theory is now well known,4'5 certain 
aspects of the experimental conditions are still uncertain. 
For example, in two previous publications6*'7 on the 
reduction at solid cathodes of Ag+ in nitrate solutions, 
the absence of oxygen and the presence of 0.01% gelatin 
were advocated without giving details. These and 
other factors have been investigated in the present 
work in which we have measured the diffusion coefficient 
of Ag(I) in noncomplexing ( K N O 3 ,  H C I O 4 )  and com- 
plexing (Na2S03) media by means of rotating silver disk 
cathodes.

Experimental Section
Apparatus. The various rotating disk electrode 

(rde) shapes and dimensions are shown in Figure 1.

The working surface was “ chemically pure” Johnson 
and Matthey (99.98%) silver. Disk D was made from 
silver rod and the others from 2 mm thick sheet soldered 
onto a brass former; the brass and the edge of the silver 
were protected by a layer of Araldite 985 brushed on 
and cured at 180°. The inert annulus on disks A, B, 
and D was made by forcing on a solid Teflon ring and 
machining it to shape. The rde was attached by nylon 
screws to the lower end of a hollow steel shaft (Figure 2) 
which was held in a bearing, B, and driven through a 
gear by a motor, M, at the upper end. Rotation speed 
was controlled by an M. C. 43 Servomex unit and could 
be varied continuously from 0 to 7000 rpm. The 
calibration of the Servomex was constantly checked 
by a series of stroboscopic disks which responded to the 
fluctuation of intensity (100 ± 0 . 1  cps) of the room 
light.

The vessel, V, was a lipless Pyrex beaker of diameter
16.5 cm, a value large enough for eq 1 to apply.8 The 
perspex lid, P, was fitted with a rubber gasket and 
clamped as shown. A neoprene “ oil seal,”  0, lubri-

(1) Central Research Laboratories, Broken Hill Proprietary Co. 
Ltd., Shortland, N.S.W., Australia.
(2) V. G. Levich, Acta Physicochem. USSR, 17, 257 (1942).
(3) D. P. Gregory and A. C. Riddiford, J. Chem. Soc., 3756 (1956); 
J. Newman J. Phys. Chem., 70, 1327 (1966).
(4) V. G. Levich, “ Physicochemical Hydrodynamics,”  Prentice-Hall 
Inc., Englewood Cliffs, N. J., 1962.
(5) A. C. Riddiford, Admn. Electrochem. Electrochem. Eng., 4, 47 
(1966).
(6) I. M. Kolthoff and J. J. Lingane, “ Polarography,”  Vol. I, Inter
science Publishers, New York, N. Y., 1952, (a) p 418, (b) pp 64-67, 
151.
(7) M. B. Kraichman and E. A. Hogge, J. Phys. Chem., 59, 986 
(1955).
(8) R. R. M. Johnston and M. Spiro, unpublished work.
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Figure 1. The rotating disk electrodes employed. The 
dimensions are as follows, with ro (cm) standing for the 
radius of the active (shaded) area and n (cm) for the 
over-all radius at the bottom of disks A, B, C, and D, 
respectively: r0, n  = 3.9, 4.3; 2.0, 4.0; 3.8, 3.8; 0.25,1.26.

Figure 2. The rotating disk rig and the reaction vessel.

cated with a trace of Vaseline, sealed off the aperture 
through which the disk shaft was inserted. N was a 
delivery tube for presaturated oxygen-free nitrogen, 
excess pressure being relieved through the bubbling 
device C. The reference electrode was contained in a 
small Pyrex cell, R, connected to the main vessel by a 
salt bridge and Luggin capillary, L. For nitrate and 
perchlorate solutions the reference was a silver wire,

the cell-bridge unit being filled with a solution of the 
same composition as that in the main vessel. For sul
fite solutions the cell-bridge unit was filled with only 
the NaN03 background electrolyte and the silver wire 
was replaced by a Radiometer Type K 100 saturated 
calomel electrode. Potentials are expressed relative to 
the nhe.

Electrical contact with the rde was made by dipping 
a copper wire centrally into a Teflon cup of mercury 
rotating at the top of the main shaft. The cup was 
sealed to an insulated silver rod which ran down the 
hollow axis of the shaft and screwed into the back of the 
rde. This minimized splashing of the mercury and 
provided convenience in assembly. The rde was in
sulated from the shaft by a Tufnol sleeve.

The anode (except for S032- solutions) was a sheet of 
silver (99.98%) foil 10 cm wide and extending across 
the bottom of the vessel, its area (ca . 300 cm2 total) 
being sufficient for it to remain relatively unpolarized 
during electrolysis. Disturbance of the foil by the 
swirling solution was prevented by anchoring it beneath 
a frame of thin glass rods. Contact to the external 
circuit was provided by fusing silver wire onto cne 
corner of the foil and leading it out under the rubber 
gasket in the lid.

One or more 2-v accumulators acted as the source of 
potential and a Helipot Model LP10 rheostat of total 
resistance 10,000 ohms was used as a voltage divider. 
Current was determined by measuring, with a Cam
bridge Vernier potentiometer, the potential drop across 
a 1000-ohm standard resistor connected in series with 
the disk. Potentials between the reference electrode 
and the working electrode were measured to the nearest 
millivolt using a Radiometer 4 pH meter.

Reagents. Solutions were prepared from weighed 
amounts of reagents of AnalaR quality whenever avail
able, dissolved in water redistilled from alkaline per
manganate and having a conductivity of between 1.0 
and 1.6 X 10-6 ohm-1 cm-1.

The AnalaR KN03 used as supporting electrolyte 
contained sufficient impurity (e.g., up to 0.0005 wt % 
Cl- ) to give an appreciable precipitate when AgN03 
was added. This insoluble material was removed by 
allowing it to settle overnight and filtering through a 
number three porosity glass frit. The silver ion con
centration was determined in the filtrate, after this 
had been made up to volume, by potentiometric titra
tion with co. 2 X 10-6 M  potassium iodide. The re
producibility was better than ±0.5%. Potential drift 
near the end point, due to various precipitation phe
nomena,9 could be reduced by titrating slowly. The 
potassium iodide solution was standardized against a 
weighed amount of AgN03 dried at 115° for 1.5 hr.
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The results of the potentiometric analysis agreed within 
experimental error with those of the spectrophotometric 
method of measuring the absorbance at 390 mu of the 
pyrogallol red-silver ion complex.9 10 The latter method, 
however, was less precise and suffered from the fact 
that the presence of KN03 caused the color to develop 
more rapidly in the test solutions than in the stan
dardizing solutions containing silver nitrate only.

The silver ion-perchloric acid solutions were pre
pared by the addition, to a standard solution of AnalaR 
HC104, of an appropriate aliquot of AgC104 previously 
standardized by Volhard’s titration. The sulfite solu
tions are discussed in the next section.

Procedure. Prior to each run the disk surface was 
cleaned by abrasion in running water with 600-mesh 
emery paper. The roughness so produced (maximum 
height of irregularities on the silver surface ca. 1 u) 
represents only one-twentieth of the thickness of the 
transport boundary layer for silver ion at 1000 rpm 
and is negligible. The disk was finally rinsed with 
doubly distilled water, attached to the shaft, and im
mersed about 1 cm in the test solution contained in a 
water bath thermostated at 25 ±  0.02°. With the 
system sealed, air was removed by bubbling nitrogen 
for 3-4 hr prior to each run, the nitrogen being passed 
over the surface during measurements. Identical re
sults were obtained when bubbling was prolonged for
8-9 hr. Concentration changes due to evaporation 
were shown to be negligible by analysis and by re
peating h i m measurements on the same batch of solu
tion on successive days. The necessity for deoxygena
tion is discussed below.

In sulfite solution, silver ion undergoes a slow reduc
tion which is catalyzed by silver metal.11 In the pres
ent work the following procedure gave reproducible 
results. Solutions of supporting electrolyte were pre
pared afresh each day by dissolving an appropriate 
weight of Na2S03 and NaN03 in 1 1. This solution was 
placed in the thermostat and flushed with nitrogen 
long enough to displace the air enclosed above it by the 
perspex lid. The removal of dissolved oxygen in these 
solutions was obviated by its destruction by SO.r~ ion. 
A small aliquot (1-10 ml) of standard AgN03 was then 
run in through a stoppered hole in the lid and after a 
further 10 min the nitrogen tube was raised above the 
surface of the solution ana measurements were started. 
Disk D (Figure 1) was used in conjunction with an 
anode measuring 2 X 2  cm so that the total area of 
silver in contact with the solution was less than 10 cm2.
Results and Discussion

The Effect o f  Oxygen. Figure 3 shows current-volt
age curves obtained for the reduction of silver ions in a

Figure 3. Current density-voltage curves a t disk B 
for a solution 0.9 X 10~4 M in AgN03 and 0.2 M 
in KNO3 left open to the air (curve I) and 
thoroughly flushed with nitrogen gas (curve II).

0.2 M  KN03 solution left open to the air (curve I) 
and for a similar solution from which air had been re
moved (curve II) by flushing with nitrogen for 3-4 
hr prior to the measurements. The difference in 
current density, Ai, between the two curves at any given 
potential V  is clearly due to the reduction of dissolved 
oxygen and indeed a plot of log (Ai) against V  was linear 
as would be expected from the Tafel equation

Vo -  V  = b log (At/to) (2)
Here F° is the equilibrium potential of the O2-H 2O 
couple in the solution in question, b the cathodic Tafel 
slope, and i0 the exchange current density. From the 
plot, b was found to be O.I2  and i0, the intercept after a 
long extrapolation, was ca. 2 X 10~10 amp cm-2. Al
though these values are not very accurate, they appear 
to be the only data available for the reduction of oxygen

(9) E. Lange and E. Schwartz, Z. Elektrochem., 32, 240 (1926); E. 
Lange and R. Berger, ibid., 36, 171, 980 (1930).
(10) R. M. Dagnall and T. S. West, Talanta, 8, 711 (1961).
(11) T. H. James, J. Am. Chem. Soc., 62, 3411 (1940).
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on silver under conditions (pH 5.5, continuous plating 
of silver) in which the presence of a surface oxide layer 
is unlikely. These figures may be compared with b = 
0.09 and ?# = 2 X 10~10 for oxygen reduction on bright 
platinum in dilute sulfuric acid solutions.12

Because of the long time necessary for proper de
oxygenation of the solutions, an attempt was made to 
determine the limiting current density from curves of 
type I (in the presence of air) by keeping the disk 
potential more positive than +0.3 v. It was found, 
however, that such currents slowly increased with 
time, and analysis showed that this was due to a rise 
in the silver ion concentration in the solution. The 
reason is that even at 0.38 v the reduction of dis
solved oxygen contributed approximately 10% to the 
observed current so that the cathodic current ef
ficiency for silver deposition dropped to around 90%. 
Since the efficiency of anodic silver dissolution remained 
at 100%, the bulk silver ion concentration slowly in
creased. This effect is more marked with large disks 
for which the number of faradays passed across the 
electrodes during the time of the experiment is com
parable with the number of equivalents present in the 
solution. Moreover, when values, obtained at in
stants of known silver ion concentration, were plotted 
against co'/2, the resulting lines exhibited small but 
definite intercepts on the inm axis. These can be at
tributed to oxygen reduction for, following Pleskov,13 
when two electrode processes occur simultaneously at 
an rde

i  = i\ +  i% = ku> ^ +  ii (3)
where process 1 (reduction of silver) is diffusion con
trolled while process 2 (reduction of oxygen) is not. 
It was therefore considered advisable to deoxygenate all 
solutions.

The Effect o f Silver Deposition. In the absence of 
dissolved oxygen in supporting electrolytes of nitrate, 
perchlorate, or sulfate (but not in sulfite or cyanide nor 
in the presence of gelatin as discussed below), it was 
found that limiting currents were constant for an initial 
period and then rose exponentially with time. It 
may be noted that if oxygen was not removed, this ef
fect was superimposed on the slow steady rise men
tioned above. A typical plot of current against time 
for disk A (7.8 cm diameter) is shown in Figure 4. 
Moreover, as the current rose, at constant applied 
voltage, the potential (vs. nhe) of the disk became less 
cathodic as is indicated by the millivolt readings in 
brackets. The broken line in the figure shows that 
rotation of the disk could be continued on open circuit 
without causing any further rise in the current when

(360)

2.8

Figure 4. Increase of limiting current with time for 
disk A rotating at 400 rpm in a solution 1 X 10-4 M in 
AgNOs and 0.2 M in KNOs, under nitrogen. Each bracketed 
number is the potential of 'he disk in millivolts vs. nhe.

the latter was resumed. The following additional ob
servations were made.

(a) The initial stable period, which was somewhat 
irreproducible, appeared to be independent of disk 
diameter but to be shortened by an increase of rotation 
speed and by an increase in silver ion concentration, 
both factors which raise the current density.

(b) The rising current was not accompanied by any 
change in the deposition potential of Ag+ (i.e., +0.56 v 
for 10-4 M  solution) or any increase in Ag+ concentra
tion.

(c) In a typical run (10-4 M  Ag+, 0.2 M  KN03), 
the current at 400 rpm was allowed to rise to double
(12) J. O. Bockris and A. K. M. S. Huq, P roc. R oy . Soc. (Loncon), 
A237, 277 (1956).
(13) Y. V. Pleskov, Russ. J . P h ys. Chem ., 34, 296 (1960).
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its initial value and the current at other speeds was then 
quickly remeasured with the following results
rotation speed (rpm) 400 200 100 60
dim increase over initial 100 50 22 10

value (%)
(d) Removal of the electrodeposit with emery 

paper restored the current to its initial value.
All these rising current phenomena can be explained 

as due to the roughening of the disk surface by the 
electrodeposit. However, the amount of silver that 
has been deposited at the onset of the exponential rise 
in Figure 4 is sufficient to form a uniform layer of only 
about 0.1 p. whereas the transport boundary layer at 
this rotation speed is about 25 p thick. Hence the 
deposition must have occurred in the form of dendrites, 
well known for silver, growing perpendicularly to the 
working surface. Indeed, in a run with a more con
centrated (10-3 M  AgC104) solution, dendrites of 
silver 2-3 mm long were observed dangling from the 
periphery. Such growths would not cause any current 
rise until their size became comparable with the thick
ness of the boundary layer and hence the effect is much 
less at lower rotation speeds. As mentioned above, the 
presence of gelatin prevented this current rise. Wrang- 
len14 15 made a study of dendrites formed during elec
trocrystallization in unstirred solutions of a variety of 
metals including silver and reported, in confirmation of 
earlier work, that gelatin retarded their formation.

Phenomena similar to those described above have 
been experienced by other workers16 during the re
duction of cupric ions. Limiting currents which rise 
with time at fixed potential have also been observed16 
with platinum wire cathodes rotating in the presence 
of precipitated silver bromide particles. This effect 
was favored by a small excess of silver nitrate but was 
eliminated by introducing a little gelatin.

The Effect o f Gelatin. When, following Kraichman 
and Hogge7 and Kolthoff and Lingane,6® 0.01 wt %  
gelatin (B. D. H. powder) was added to a solution of 
1 X 10-4 M  AgNOs in 0.2 M  KN03, the limiting cur
rents were quite stable (c/. the preceding section) but 
were significantly lower than the initial currents ob
tained in the absence of gelatin. The plot of t'nm vs. 
co'/2 showed a positive intercept on the íi¡m axis. How
ever, since the gelatin used had produced a faint tur
bidity in the silver solutions, further experiments were 
carried out with a higher grade material,17 this time 
with a solution containing 1 X 10-4 M  AgN03, 0.025 M  
Na2S03, and 0.925 iff NaN03. With 0.001 wt % gelatin 
present, the plot of tnm vs. a /l was a straight line 
through the origin, but its slope and the limiting cur
rent plateaux of the individual current-voltage curves

were some 8% lower than those obtained without the 
addition of gelatin. The gelatin plateaux seemed to 
approach the nongelatin ones asymptotically with in
creasing cathodic polarization. When the gelatin 
concentration was raised to 0.01 wt %, the current (at 
a potential of the rde of +100 mv vs. nhe) was very much 
smaller than before (7 pa cm-2 at 200 rpm as compared 
with 40 pa cm~2) and became independent of rotation 
speed above about 200 rpm. The rde had apparently 
become covered with a layer of adsorbed gelatin which 
hindered the discharge process at the electrode surface, 
and indeed there is much evidence in the literature18 to 
show that gelatin and other addition reagents can 
greatly reduce the rates of electrode processes. One 
must conclude, therefore, that in rotating disk work it is 
unwise to add even small amounts of gelatin or similar 
materials until their effect has been investigated.

Treatment o f Experimental Data. In the past it has 
been usual to take values of ium at one potential of the 
rde, chosen well up on the limiting plateau. However, 
Figure 5a, shows that the limiting plateaux have definite 
positive slopes which increase at higher values of the 
rotation speed. These positive slopes largely arise 
from a residual current caused by impurities present 
in the solution and, in normal polarographic practice,6b 
this is subtracted from the limiting currents. In the 
present work, residual currents could not be measured 
directly because of the presence of the silver anode and 
corrected ium values were obtained by extrapolating the 
current-voltage plateaux back to the equilibrium poten
tial of the solution as illustrated by the broken lines 
in Figure 5a. The effect on plots of i lim vs. co‘/! was to 
reduce the slope by about 4% (Figure 5b), a fact which 
indicates that the residual currents are functions of u>. 
This is confirmed by the observation that both plots 
pass through the origin.

Riddiford5 considered that positive intercepts ob
tained for ium — co1/2 plots are due to shortcomings 
in the shape of the disk former and the attendant effect 
on hydrodynamics. However, with the large disks 
used in the present work, shape has been found to be 
unimportant and, as has already been mentioned,

(14) G. Wranglen, Electrochim. Acta, 2, 130 (1960).
(15) E. A. Hogge and M. B. Kraichman, J. Am. Chem. Soc., 76, 1431 
(1954); A. C. Riddiford, private communication; N. Ibl and K. 
Schadegg, J. Electrochem. Soc., 114, 54 (1967).
(16) I. M. Kolthoff and J. T. Stock, Analyst, 80, 860 (1955); J. T. 
Stock and W. R. Turner, Chem. Ind. (London), 1710 (1961).
(17) Pigskin gelatin supplied by Kodak Ltd. of Harrow, Middlesex. 
This had been acid processed and deashed by the Sheppard-Loeb 
process. The moisture content was given as 13% (by drying at 
105°), the ash as 0.01%, and the isoelectric point as 9.0-9.3.
(18) E.g., H. Fischer, Z. Elektrochem., 49, 342, 376 (1943) ; P. Delahay 
and I. Trachtenberg, J. Am. Chem. Soc., 80, 2094 (1958).
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positive intercepts were obtained only in those runs 
that took place in the presence of dissolved oxygen and 
one type of gelatin. Positive intercepts were also 
found with solutions containing certain complex ions 
known to be unstable. Hence it does not seem un
reasonable that nonzero intercepts arise wholly or partly 
from the onset of a second simubaneous electrode pro
cess.

Diffusion Coefficient o f A g+  in Nitrate and Perchlorate 
Solutions. In nitrate and perchlorate media, current- 
voltage curves were determined with disks A, B, C, and 
D (Figure 1) over a range of 250 mv and from 60 to 700 
rpm. Typical plots of the experimental data and of 
the Levich equation are shown in Figures 5a and b 
and the full results are given in Table I. All him — 
plots passed through the origin and the fourth column 
of the table shows their slopes divided by the Ag+ 
concentration. The mean deviation for the eight sets

Figure 5. Treatment of experimental data for a solution 
0.936 X  10-4 M in AgN03 and 0.2 M in KN03 at disk B.
The numbers in (a) signify the rotation speeds in rpm and 
the dotted lines show the extrapolation of limiting current 
densities to the equilibrium potential. Diagram b tests the 
Levich equation, the dashed line representing limiting current 
densities taken at a fixed potential (C.36 v) and the solid 
line those extrapolated to the equilibrium potential.

of runs in 0.2 M  KN03 is ± 1% and it is clear that the 
results are independent of the shape of the rde for 
these relatively large disks. The viscosity and den
sity data needed to calculate the diffusion coefficients 
in the last column come from ref 19.

The nitrate results agree almost within experimental 
error with those obtained by v. Stackelberg, et al.,19 20 by 
polarography and by the Cottrell linear diffusion 
method, viz., 105D = 1.55, 1.56, and 1.57 cm2 sec-1 in 
0.1, 0.5, and 1.0 M  KN03, respectively. Other groups

Table I : Results of Experiments with Nitrate
and Perchlorate Media at 25°

Disk
Supporting (Figure 10*[Ag+] , K P ilim U ,-1' 2/ 1 0 6D A g + ,
electrolyte 1 ) mole/1. [Ag+] cm2/sec

0.2 M  KNO3 A 0.936 7.81
A 0.936 7.85
C 0.936 7.88
C 0.919 7.94
B 0.919 7.99
B 0.936 7.82
B 0.678 7.68
B 0.678 7.88

Mean 7.86 1.53
1 M KN03 C 0.758 7.99 1.55

B 0.758 7.92 1.53
0.1 M  HCIO4 B l.OOo 7.90 1.55

D l.OOo 8.12 1.62
1 M  HC104 C l.OOo 8.02 1.58

of workers making use of the Cottrell method have re
ported figures that are either higher by ca. 14%21 or 
lower by approximately 9%.22 Rotating disk measure
ments by Kraichman and Hogge,7 later recalculated by 
Gregory and Riddiford,3 gave a diffusion coefficient of 
1.48 X 10-5 cm2 sec-1 in 0.2 N  IvN03. That this value 
is somewhat lower than ours is probably due to the fact 
that Kraichman and Hogge’s solution contained 0.01% 
gelatin; we have already mentioned above that gelatin 
depresses the limiting current, and v. Stackelberg, et al.,20 
found in their own work that 0.01% gelatin decreased 
the diffusion coefficients by almost 1%.

The limiting silver ion diffusion coefficient can be 
calculated by the Nernst expression (eq 4)
(19) “ International Critical Tables,’ ’ McGraw-Hill Book Co., Inc., 
New York, N. Y., 1929. The viscosities were corrected to the 
standard obtained by J. R. Coe and T. B. Godfrey, J. Appl. Pkys., 
IS, 625 (1944).
(20) M. v. Stackelberg, M. Pilgram, and V. Toome, Z. Elektrochem., 
57, 342 (1953).
(21) H. A. Laitinen and I. M. Kolthoff, J. Am. Chem. Soc., 61, 3344 
(1939).
(22) D. J. Macero and C. L. Rulfs, ibid., 81, 2942 (1959).
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D° Ag+ =  RT’Xc’xgt/F2ZAii+ (4)
where R  is the gas constant, T  the absolute tempera
ture, X° the limiting equivalent conductance, and z the 
charge number, to be 1.65 X 10-5 cm2 sec-1. Table I 
shows that the measured values are a few per cent 
lower, although in interpreting the variation with 
ionic strength the uncertainty of ±1% in the figures 
must be borne in mind. Bearman23 has pointed out 
that the polarographic diffusion coefficient in excess 
supporting electrolyte, while not exactly equal to the 
tracer diffusion coefficient, is probably identical with it 
within the limits of validity of the limiting current 
equations. It is therefore interesting to find that trace 
ion diffusion coefficients of alkali cations and halide 
anions in alkali halide solutions exhibit a similar few 
per cent decrease as the ionic strength of the medium 
rises.24

Diffusion Coefficient of the A g(SO f)23~ Ion. A sodium 
sulfite concentration of 0.025 M  was chosen so as to 
make Ag(S03)23~ the predominant species. For this 
medium we calculated from the literature stability 
constants25 that Ag(S03) i  ~: Ag(S03) 23 ~ : AgS03 ~: Ag + = 
0.045:1:0.05:7 X 10~6. The ionic strength was made 
up to unity by the addition of 0.925 M  sodium nitrate 
to eliminate migration effects.

As described in the Experimental Section, it was 
necessary to use the small disk D and a small counter
electrode to avoid silver catalysis of the slow Ag+- 
S032- reaction. The plots of ium vs. were straight 
lines passing through the origin (Figure 6), and the 
results are summarized in Table II. In the calcula
tion of the diffusion coefficient by eq 1, the kinematic 
viscosity was taken as that of a 0.925 M  NaN03 solu
tion because viscosity data for sulfites are not avail
able.

Table II: Results of Experiments with 0.025 M  Na2SC>3 +  
0.925 M  NaN03 Solutions at 25° (Ionic Strength 1.00)

10«[AgNO.], lO’iiim a.-1' 2/  10«D,
moles/1. [AgNOj] cmVsec
1.005 4.06
2.000 4.03
4.98 4.04

Mean 4.04 5.61

The value of D  for Ag(S03)23- of 5.6 X 10-e cm2 
sec-1 is approximately one-third of that obtained for 
the hydrated silver ion in perchlorate and nitrate

Figure 6. Levich equation plots for disk D in a solution 
0.025 M  in Na2S03, 0.925 M  in NaNO», and with AgNOs 
concentration of 1.005 X 10~4 M  (line I), 2.00 X 10-4 M 
(line II), and 4.98 X 10-4 M  (line III).

solutions. According to the Nernst expression (eq 4), 
this means that the Ag(SOs)23~ ion has approximately 
the same equivalent conductance as the (hydrated) 
silver ion. From the Stokes-Einstein equation

D  = kT/birr-q (5)
derived for the movement of a large spherical ion of 
radius r in a continuum of viscosity q (k is Boltzmann’s 
constant), which does of course not hold exactly for the 
movement of nonspherical ions in water, the effective 
hydrodynamic radius of the Ag(S03)23- ion is approxi
mately three times that of the (hydrated) silver ion. 
This seems physically reasonable.
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(23) R. J. Bearman, J. Phys. Chem., 66, 2072 (1962).
(24) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
2nd ed, Butterworth and Co. Ltd., London, 1959, p 317.
(25) L. G. Sillén and A. E. Martell, “ Stability Constants of M etal- 
Ion Complexes,”  The Chemical Society, London, 1964, p 231.
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Mass Spectrometric Investigation of Ion—Molecule Reactions in Cyclohexane1*

by Fred P . Abram sonlb and Jean H . Futrell

A erospace R esearch Laboratories, Chem istry Research L aboratory, Office o f  A erospace R esearch, 
W right-P otter son A ir  F orce B ase, Ohio 1+51+33 {R eceived M arch  27, 1967 )

The various ion-molecule reactions of fragment ions produced from cyclohexane have been 
investigated in conventional high-pressure mass spectrometers as well as in a tandem 
mass spectrometer. The results from the single-stage instruments showed that (i) all 
fragment ions with less than six carbon atoms react with cyclohexane, (ii) the major second
ary ions are C6Hn+ and C6H10+ with minor amounts of C4H9+, (iii) C4H8+ and C3H6+ 
fragment ions react in a similar way to 1-butene and propylene parent ions, respectively, 
and (iv) there is a net charge exchange reaction of parent ions which will cause the 
ratio of isotopically substituted cyclohexane ions to differ considerably from the ratio of 
the neutral molecules in an isotopically mixed system. All fragment ions react via the 
hydride Transfer reaction, R+ +  C6II12 -*■  RH +  C6Hn+, and C3H6+ and C4H8+ ions also 
abstract H 2~ to product C 8H j0+.

Introduction
The radiolysis of cyclohexane has been investigated 

for many years, but there have been few quantitative 
studies of ionic reactions in the cyclohexane system. 
Milhaud and Durup2 3 briefly studied ion-molecule 
reactions of cyclohexane in a mass spectrometer and 
reported that C8Hi0+ and C8En+ were produced by 
secondary reactions involving H2~ and H-  transfer 
from neutral cyclohexane molecules. Doepker and 
Ausloos8 have also observed the H2~ reaction in the 
radiolysis of cyclohexane vapor using mixtures of 
normal and deuterated cyclohexane. Ausloos and 
Lias4 5 further observed reactions of C6Hi2+ which involve 
the transfer of H2 to unsaturated molecules. We have 
also examined6 these reactions and have found an H • 
transfer reaction from cyclohexane ions in addition to 
H2 transfer reactions. In the present study we have 
investigated the individual reactions of each fragment 
ion by impacting that ion onto cyclohexane in a tandem 
mass spectrometer. Additionally, we have obtained 
the over-all disappearance cross sections for many of 
the fragment ions from cyclohexane in conventional 
high-pressure mass spectrometric experiments. Finally, 
we have searched for possible structural effects in the 
reactions of C3H6+ and CJL4- ions formed in the de
composition of cyclohexane by comparing the ratios of 
H2_/H~ transfer from these ions with the ratio for

molecular ions formed from stable olefin and cyclane 
species.
Experim ental Section

The ARL tandem mass spectrometer was used for 
studying the individual ion reactions. The instrument 
has been described previously6 and the experimental 
techniques are also reported.7 For all the experiments 
in this paper, the ion energy was 0.3 ±  0.3 ev and pulse 
counting was used in all cases. The measurements of 
reaction cross section were made using a specially 
modified Bendix Model 12-101 time-of-flight mass 
spectrometer which permits operation at source pres
(1) (a) Presented at the 152nd National Meeting of the American
Chemical Society, New York, N. Y ., Sept 1966; (b) National
Academy of Science-National Research Council Postdoctoral Re
search Associate, 1965-1966. To whom correspondence should be 
addressed at Consolidated Electrodynamics Corp., 1500 S. Shamrock 
Ave., Monrovia, Calif. 91017.
(2) J. Milhaud and J. Dum p, Compì. R en d ., 260, 6363 (1965).
(3) R . D. Doepker and P. Ausloos, presented at the 148th National 
Meeting of the American Chemical Society, Chicago, 111., Aug-Sept 
1964.
(4) P. Ausloos and S. G. Lias, J . Chem . P h ys ., 43, 127 (1965).
(5) F. P. Abramson and J. H. Futrell, J . P h y s . C hem ., 71, 1233 
(1967).
(6) (a) J. H. Futrell and C. D. Miller, R ev. S ci. In s tr ., 37, 1521 
(1966); (b) C. D. Miller, F. P. Abramson, and J. H. Futrell, ib id ., 
1618 (1966).
(7) F. P. Abramson and J. H. Futrell, J . Chem . P h y s ., 45, 1925
(1966).
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sures up to 1 torr.8 Electrons (100 ev) were used at a 
very low ( <0.1 /¿a) electron current and a repeller 
field of 10 v/cm. For some experiments where better 
resolution and sensitivity were required a C.E.C. 
Model 21-103C which has been modified to allow 
operation at elevated source pressures9 was employed. 
The standard Bendix analog output system was used in 
conjunction with a C.E.C. Model 5-124 oscillograph to 
record peak intensities.10 * *

The cyclohexane used was Matheson Coleman and 
Bell Chromatoquality while the Ce,D12 was obtained 
from Merck Sharp and Dohme Ltd. of Canada. Other 
compounds used were Phillips Research grade. All 
were used as received except for degassing by standard 
techniques.
R esu lts and D iscussion

The results from the high-pressure experiments 
indicated that all fragment ions react with cyclo
hexane and that the only secondary species were 
CeHn+, C6Hio+, and a very small amount of C4H9+. 
The behavior of the system with respect to pressure 
is shown in Figures 1 and 2. It may be seen that 
masses 83 and 82 grow continuously with pressure 
while all the primary ions, except parent, m/e 84, 
decrease with increasing pressure. Experiments at 
pressures up to 600 ¿u indicate that the yield of m/e 84 
becomes essentially constant at 0.25 ±  0.01. No ions 
with greater mass than parent are observed at ion 
source pressures up to 0.6 torr, showing that no con
densation or proton-transfer reactions occur. Figure 
3 clearly demonstrates the absence of proton-transfer 
reactions. These data, obtained on the C.E.C. in
strument, show no measurable increase in the ratio of 
(molecular weight +  l)/molecular weight ions in cy
clohexane above the isotopic contribution, while the 
corresponding ratio in methane is superimposed to 
show the growth of protonated methane. Such a 
comparison indicates that if any proton-transfer reac
tions exist in cyclohexane, they must have a rate 
constant which is several orders of magnitude less than 
that for methane (i.e ., k < 10~13 cm3/molecule sec).

By plotting the data in Figures 1 and 2 on a semi- 
logarithmic scale, disappearance cross sections may be 
obtained from the slope of the line for each ion. Such a 
graph is shown in Figure 4 and the resulting cross 
sections are reported in Table I. The considerable 
uncertainty in the cross section for m/e 56 reflects the 
difficulty in measuring a cross section of this magnitude, 
as well as some peculiar scatter in the data. It is appar
ent, however, that the reactions of m/e 56 are slower than 
any other ion reported. No cross sections are reported

Figure 1. Pressure dependence of major ions in cyclohexane.

for m/e 39 or 55 because their disappearance kinetics 
do not yield straight lines.

A disappearance cross section for C2H4+ ions was 
not measured in this experiment because of its low 
concentration and high reactivity. Other experiments

(8) J. H. Futrell, T . O. Tiernan, F. P. Abramson, and C. D. Miller, 
Rev. Sci. Instr., in press.
(9) L. W. Sieek and J. H. Futrell, J. Chem. Phys., 45, 540 (1966).
(10) It was suggested by a referee that “ chemical effects”  on multi
plier gain might affect the reliability of our measurements in the 
single-stage mass spectrometer. The Bendix time-of-flight mass
spectrometer requires the use of an electron multiplier for recording 
the mass spectrum. Hence the normal method of assessing mass- 
dependent gain effects, by comparing ion signals measured using the
multiplier with an absolute measurement using an electrometer,
cannot be employed here. Careful experiments in this laboratory 
on a differentially pumped electron multiplier show only small 
(± 2 0 % ) mass-gain correction factors for diverse types of ions and 
an even smaller (± 1 0 % ) effect for hydrocarbon ions. The somewhat 
larger mass-gain discrimination factors previously reported both 
from this laboratory and elsewhere are attributable to adsorbed 
gases on multiplier surfaces. In our Bendix instrument, the multi
plier is differentially pumped and we assume that multiplier effects 
are small. Although significant relative gain effects would certainly 
alter the cross sections we report, this would occur through their 
influence on the 2 (J) term; this has the effect of averaging out any 
deviation. The further observation that for some simple systems, 
e.g., CH4 and Ha, the disappearance cross section for a primary ion 
equals the appearance cross section for the corresponding product 
ion within experimental error suggests that chemical effects are not 
especially significant in the Bendix instrument.
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SOURCE PRESSURE (MICRONS)

Figure 2. Pressure dependence of minor ions in cyclohexane.

Table I : Total Cross Sections for Reactions in 
Cyclohexane at a Field Strength of 10 v/cm

Q
m/e ( X 101» cm1)

27 (C2H3+) 60 ±  12
29 (C3H5+) 62 ±  12
41 (C3H5+) 60 ±  6
42 (C3H6+) 73 ±  7
43 (C3H7+) 37 ±  4
56 (C4Hs+) 3-10
69 (C5H9+) 11 ±  3

using a source with enlarged ion exit and electron 
entrance holes showed that the cross section for the 
disappearance of m/e 28 was about 2 X 10-14 cm2. 
The cross section for this reaction calculated from the 
elementary point charge-induced dipole model of 
Gioumousis and Stevenson11 is 0.76 X 10-14 cm2. 
Thus, the observed cross section exceeds the theoretical 
one by a factor of nearly 3. As will be shown subse
quently, the major reaction pathway for C2H4+ ions is 
charge transfer. The very large cross section for C2H4+ 
disappearance may therefore readily be explained in 
terms of a significantly greater interaction length for 
charge exchange than for atom-transfer reactions.

SOURCE PRESSURE (ARBITRARY UNITS)

Figure 3. Comparison of proton-transfer reaction 
rates in cyclohexane and methane.

Cross sections for the other ions reported in Table I 
show a great deal more variation than that predicted 
from theory,11 there being a difference of only 16% 
between the predicted cross section for m/e 27 ions and 
that for m/e 69 with the predicted rate being greater for 
the heavier ion. For this system, chemical effects 
appear to be a more significant factor in determining the 
reaction cross section than the fundamental physical 
interaction itself. We infer that this is commonly 
the case for complex polyatomic molecules.

The results from the tandem mass spectrometer are 
presented in Table II. They are consistent with the 
high-pressure mass spectrometer experiments in the 
sense that these data also show that there are only 
(excluding production of parent) three secondary ions 
produced, C6Hii+, C6Hi0+, and C4H9+. Every ion 
studied reacts via hydride transfer to produce cyclo
hexyl ions, as illustrated in reaction 1. This represents

R +  +  c - C 6H i2  — ►  R H  +  C 6H u +  ( 1 )

the only reaction channel for all of the fragment ions
(11) G. Gioumousis and D. P. Stevenson, J. Chem. P h ys ., 29, 294 
(1958).
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Figure 4. Disappearance cross-section plot 
for some ions in cyclohexane.

with an odd number of hydrogens, with the exception 
of the small amount of H2 abstraction by the C4H7+ 
ions to produce C4H9+.

Reaction 2 involving H2“ transfer is also observed for 
C4H8+ and C3H6+ ions. Such reactions have been

CBH2n+ +  c-C4H12 — » C„H2n+2 +  C6N10+ (2)
observed previously9’12 in a mass spectrometer as well 
as in radiolysis systems.13 Doepker and Ausloos3 
deduced from an analysis of the partially substituted 
butane and propane products resulting from the radiol
ysis of mixtures of C6Hi2 and C6Di2 that stereospecific

Table II : Ionic Products from the Reaction of 0.3-ev 
Cyclohexane Fragment Ions with Cyclohexane

Impacting -----Secondary reactions, %-
ion C 6H i2 + CeHn + C«Hio +

c2h 3+ 100
c 2h 4+ 76 24
c 2h 5+ 100
c 3h 3+ 100
c3h 5+ 100
c 3h 6+ 12 53 35
c 3h ,+ 100
c 4h ,+ 92
c 4h 8+ 14 72
c 5h 9+ 100

reactions of C4H8+ and CSH6+ occur. We were in
terested in seeing whether we could deduce similar 
effects for such fragment ions by comparing the ratio 
of H2~/H~ for these ions with the ratios for molecular 
ions of the same mass from the corresponding olefin or 
cyclane species. These experiments showed definite 
differences in the ratios of H2“/H _ depending on the 
source of the C„H2„+ ions. Our conclusions agree with 
those of Doepker and Ausloos in that we find that the 
fragment C4Ff8+ and C3H6+ ions react most like ions 
produced from 1-butene and propylene. The H2“/H ~  
ratio for fragment C3H6+ ions is 0.66 ± 0.07, which 
agrees more closely with propylene (1.0 ± 1) than 
cyclopropane (0.13 ± 0.01). The nature of the frag
ment C4H8+ ions cannot be assessed as directly because 
both 1-butene ions (6.7 ± 0.7) and isobutene ions 
(5.5 ± 1) have H2_/H _ ratios which are near that for 
the cyclohexane fragment ions (5.1). as-2-Butene 
yields a ratio of 0.4 +  0.2. Additionally, we note that 
the data in Figure 1 indicate an initially rapid reaction 
of ca. 25% of the m/e 56 ions with an increase in pres
sure followed by a less rapid decay of m/e 56 at higher 
pressure. A possible explanation of this phenomenon 
is the reactions of more than one isomeric species. The 
following relative cross sections for the sum of H2~ and 
FI“ from C4H8+ ions produced from different sources 
were obtained on the tandem mass spectrometer with 
an estimated error of ±20%: C6Hi2, 1.0; 1-C4H8, 
5.0; f-C4H8, 0.6; cfs-2-C4H8, 0.08. This indicates that 
the most reactive C4FI8+ fragment ions might be pos
sibly identified with 1-butene because no other isomer 
has an appropriately high reactivity. The discrepancy 
between the H2~/H_ ratio and reaction cross section 
for 1-C4H8+ and fragment C4H8+ ions may result from 
the perturbing influence of reactions of C4H8+ ions with 
2-butene and other isobutene structures. Hence, the 
linear portion of the C4H8+ plot of Figure 4 yields the 
cross section for ions with structures other than those 
derived from butene-1.

As mentioned previously, the major reaction pathway 
for C2H4+ ions from cyclohexane is charge exchange. 
The ionization potential14 of cyclohexane is 9.88 ev 
and that for ethylene is 10.52 so that the charge-ex
change reaction is exothermic by approximately 0.6 ev. 
Although the reaction for ground-state ethylene ions is 
exothermic, it also seemed desirable to compare reac

(12) M. S. B. Munson, J. L. Franklin, and F. H. Field, J. Phys. 
Chem., 68, 3098 (1964).
(13) P. Ausloos, S. G. Lias, and A. Scala, Advances in Chemistry 
Series, No. 58, American Chemical Society, Washington, D. C., 
1966, p 264.
(14) K. Watanabe, T. Nakayama, and J. Mottl, J. Quant. Spectry. 
Radiative Transfer, 2, 369 (1962).
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tions of C2H4+ fragment ions from cyclohexane with 
C2H4+ ions from other sources. We found that reac
tions of C2H4+ ions from both ethylene and cyclobutane 
were identical within 10%. This observation suggests 
that the C2H4+ fragment ions are either produced in 
quite similar distributions of excited states from all 
three molecules or that preference for charge exchange 
rather than H~ or H2~ abstraction is a fundamental 
property of the C2H4+-C6H12 system. We are inclined 
toward the latter view.

We also observe some charge exchange between 
C3H6+ and cyclohexane. The ionization potential of 
propylene is 9.7314 so that in this case the reaction is 
endothermic for ground-state ions. In the center of 
mass system, the propylene ions have a kinetic energy 
spread between 0 and 0.2 ev. This could account for 
the observance of the endothermic charge-exchange 
reaction16 although the presence of internal excitation 
in an ion has also been shown to be an effective means of 
promoting endothermic reactions.16 We have also seen 
the charge-exchange reaction in the reverse direction6 
so that it is probable that in both cases the reactant ions 
contain some excitation.

We have noted a general relationship in the magni
tude of the ratio H2~/H~ or H2/H- between the II", 
H2" abstraction and the H ■ , H2 transfer types6 of reac
tions. In comparing the reaction pairs (CsH -̂CJHg)+ 
and (C6Hi2-C3H6) + we see that there is a distinct pref
erence for transfer of H2 or H2" compared to H • or H~ 
for the former pair compared to the latter pair. The 
present results unfortunately do not suggest any 
explanation for this difference.

When parent ions from cyclohexane were impacted 
onto cyclohexane in the tandem instrument, a relatively 
strong secondary peak was observed one mass greater 
than parent. To evaluate whether this secondary 
ion was C13C5Hi2+ from a charge-exchange reaction or 
whether it was C6HiS+ from proton transfer or hydrogen 
abstraction, cyclohexane ions were impacted onto 
perdeuteriocyclohexane. The only reaction observed 
was a very large C6Di2+ signal resulting from charge 
exchange. In order to investigate this reaction more 
fully, we investigated an equimolar mixture of CeHi2 
and C6Di2 in the C.E.C. mass spectrometer. We found 
that there is an ion-molecule interaction which pro
duces C6Hi2+ at the expense of CeDi2+. The ratio of 
C6Hi2+/C 6Di2+ rose steadily with increasing pressure 
from 1.04 to 1.39 at 1 v/cm repeller field and at the 
highest pressure decreased with increasing repeller 
potential from 1.39 to 1.02 at 25 v/cm. About the 
same increase with pressure (1.03 to 1.32) was observed 
with 10 ev ionizing electrons as with 50 ev electrons. 
This indicates that the net charge-exchange reaction

CeDi2+ +  CgHx2 > CeDi2 +  C6Hi2+ (3)
is occurring in this system. In several recent photo- 
ionization studies17 the ionization potentials of deuter- 
ated hydrocarbons were shown to be somewhat greater 
than those for their protonated analogs. Thus, for 
ground-state ions at thermal velocities, reaction 3 is 
slightly exothermic. For ions formed by electron 
impact presumably the exchange goes in both directions, 
but a net reaction favoring the formation of C6Hi2+ is 
observed. This suggests the presence of a significant 
fraction of ground-state cyclohexane ions for which the 
reverse reaction is endothermic. This type of reaction 
should be a general one for nonreactive parent ions 
and is a possible explanation for some of the isotope 
effects observed in isotopically mixed radiolysis systems. 
The neutralization of those parent ions or a reaction of 
parent ions which is slower than reaction 3 may result 
in products which would not represent the concentra
tion of neutral molecules in the mixture, but would be 
weighted in favor of the protonated species.

Another reaction which we have studied using the 
tandem mass spectrometer is proton transfer to cyclo
hexane. Here we have used CHO + ions from methanol 
as the proton-transfer agent. The results from this 
reaction are presented in Table III. The results are 
typical of a chemical ionization spectrum18 inasmuch 
as the major ion is parent — 1. The other ions represent 
the simple type of fragmentation expected in such a 
system. We do see a small amount of protonated 
parent in this case, although in systems of acyclic 
hydrocarbons containing more than three carbons, such

Table III: Products from the Reaction of CHO+ with c-C6H:2

Ion
Per

centage
CeHi3+ 2
c 6h 12+ 7
C6Hu + 63
c4h 9+ 4
c j r , + 3
c 3h 7+ 21

(15) J. H. Futrell and F. P. Abramson, Advances in Chemis-ry 
Series, No. 58, American Chemical Society, Washington, D. C., 1956, 
p 107.
(16) F. P. Abramson and J. H. Futrell, J. Chem. Phys., 46, 3264 
(1967).
(17) V. H. Dibeler, M. Krauss, R. M. Reese, and F. N. Harlee, 
ibid., 42, 3791 (1965); R. Botter, V. H. Dibeler, J. A. Walker, and 
H. M. Rosenstock, ibid., 44, 1271 (1966).
(18) F. H. Field, M. S. B. Munson, and D. A. Becker, Advances in 
Chemistry Series, No. 58, American Chemical Society, Washington, 
D. C., 1966, p 167.
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ions have not previously been reported. Thus, the 
protonated cyclohexane parent ion is stable and, if 
produced, should have been observed as m /e  85 in the 
high-pressure investigations. This further affirms that 
proton transfer is unimportant in the pure cyclohexane 
system.

One important aspect of Figure 1 which has not been 
accounted for is the increase of m/e  84. We have 
noted that ethylene and propylene ions will produce 
m /e  84 by charge exchange, but their contributions can 
only constitute about 3% of total ionization.

Metastable dissociation reactions
C6H12+ * —> C|HS+ +  C2H4 (4a)

— >■ C6H9+ +  CH3 (4b)
are knowm to exist19 and are observed in the tandem 
instrument. The ARL tandem mass spectrometer is 
similar in concept to an instrument especially constructed 
for investigating metastable transitions which take place 
in the 10-100-/isec region.20 In our spectrometer 
an ion of m/e 84 has a transit time from formation to 
impact of the order of 50 ŝec. Any dissociation which 
takes place beyond the reacceleration lens will not be 
detected at an integral mass and any dissociation which 
occurs before the first mass resolving slit will not be 
detected at all. When tuned on m /e  84, we are able to 
detect C4H8+ or C5H9+ ions (ca. 0.1% of C6Hi2+) at the

detector of the second mass spectrometer w-ith no gas in 
the reaction chamber.

Because these excited parent ions have such a long 
lifetime, they must have had only a small amount of 
excess energy. The C4H8+ and C5H9+ are the first 
fragments formed from the dissociation of cyclohexane 
ions21 with increasing electron energy and a substantial 
fraction of the m/e 56 and 69 fragment ions must 
result from the lowest energy dissociation paths avail
able. Therefore, the most easily quenched reaction of 
the cyclohexane cracking pattern ought to be reaction 4. 
Such stabilization has been predicted at atmospheric 
pressure by considerations of the quasi-equilibrium 
theory of mass spectra22 and it is plausible that quench
ing should occur for pressures used in this experiment. 
It seems likely, therefore, that reaction 5 competes

C6H12+ * +  C6H12 —> C6H12+ +  C6H12* (5)
wi th reaction 4 and could be responsible for the observed 
increase with pressure of the m/e 84 ions in the cyclo
hexane system.
(19) Catalog of Mass Spectral Data, American Petroleum Institute 
Research Project 44, No. 118.
(20) U. Von Zahn and H. Tatarczyk, Phys. Letters, 12, 190 (1960).
(21) See data in F. H. Field and J. L. Franklin, “ Electron Impact 
Phenomenon,”  Academic Press Inc., New York, N. Y ., 1957.
(22) D. P. Stevenson, Radiation Res., 10, 610 (1959).
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An ionic-lattice model with long-range forces is proposed for alkali metal-ammonia solu
tions to allow calculation of the chemical potentials of both components in both phases as 
functions of a rationalized concentration scale in which ammonia molecules are presumed 
strongly to solvate the metal. From the chemical potentials both phase diagrams and 
vapor pressures can be calculated. The effect of varying the solvation number y  and the 
parameters Vi, Vi, and D  is examined. Of these, the dielectric constant has the most 
profound influence.

In a series of papers1-4 we have investigated some 
experimental aspects of the phenomenon of liquid- 
liquid phase separation in solutions of alkali metals in 
liquid ammonia. The electrical and quasi-metallic 
properties of these solutions are such as to indicate phase 
separation in them is not, in a number of ways, com
parable to that in other systems, essentially nonelec- 
trolytic in character, which have heretofore been studied 
and interpreted in some detail.1-9 Several proposals 
have been made toward an understanding of phase 
separation in metal-ammonia solution,10-12 though in 
no case has an entire phase diagram been calculated. 
In the present paper we undertake such a calculation. 
The results offer insight into our experimental measure
ments and assistance in planning further studies.
Phase Separation Model

We propose to use an expression of the following form 
to give the chemical potential of the solute alkali metal 
in a concentrated metal-ammonia solution

m /RT =  \nc' +  A '^/c (1)
where c' represents moles of solute per effective volume, 
and A '  is an appropriate Madelung constant. Its 
theoretical basis is the assumption, particularly appro
priate to concentrated metal-ammonia solutions, of a 
quasi-crystalline ordered structure or ionic lattice; the 
Madelung constant is used to determine the electrical 
potential in place of the Debye-Hückel potential func

tion, and a c'/! concentration dependence results from 
the assumption of a lattice structure. Robinson and 
Stokes13 note that an expression of this type will ade
quately represent various thermodynamic data for 
concentrated aqueous solutions. The chemical po
tential is a well-defined quantity which can be related to 
activity values; a theoretical calculation of the Made
lung constant can usually be avoided by algebraic 
manipulation of experimental activity data, which are 
often readily available. Equation 1 can be put in a 1 2 3 4 5 6 7 8 9 10 11 12 13

(1) P. D. Schettler and A. Patterson, J. Phys. Chem.. 68, 2865 
(1964).
(2) P. D. Schettler and A. Patterson, ibid., 68, 2870 (1964).
(3) P. W. Doumaux and A. Patterson, ibid., 71, 3535 (1967), paper
III.
(4) P. W. Doumaux and A. Patterson, ibid., 71, 3540 (1967), paper
IV.
(5) J. Houben and W. Fisher, J. Prakt. Chem., 123, 89 (1929).
(6) H. L. Friedman and H. Taube, J. Am. Chem. Soc., 72, 3362 
(1950).
(7) H. L. Friedman, ibid., 74, 5 (1952).
(8) H. L. Friedman, J. Phys. Chem., 66, 1595 (1962).
(9) E. O, Eisen and J. Jaffe, J. Chem. Eng. Data, 11, 480 (1966).
(10) K. S. Pitzer, J. Am. Chem. Soc., 80, 5046 (1958).
(11) M. J. Sienko, “ Solutions Métal-Ammoniac, Propriétés Physico- 
Chemiques, Colloque Weyl,”  M. J. Sienko and G. Lepoutre, Ed., 
W. A. Benjamin, New York, N. Y., 1964, pp 29-33.
(12) N. F. Mott, Phil. Mag.. 6 (62), 287 (1961).
(13) R. A. Robinson and R. H. Stokes, “ Electrolytic Solutions,” 
2nd ed, revised, Butterworth and Co., Ltd., London. 1959, pp 
225-226.
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form more useful for the metal-ammonia case. As 
Blumberg and Das have suggested,14 ammonia is 
strongly bound to sodium, so solvent molecules thus 
bound should be considered part of the solute, not the 
solvent. Expressed in mole fractions

c' = N t'(V  -  N 2b) (2)
where b is the impenetrable volume of a molecule and 
hence N 2b is the excluded volume. Accordingly

c' = N t'/ (N i'V i +  AYTV -  N 2'V 2') (3)
The primed quantities thus represent a rationalized 
concentration scale defined as

N ,’ = N 2/(N 2 +  N i -  yN 2) (4)
N i = (Ax -  yN 2)/ (N 2( 1 -  y) +  N J  (5)

where y  is the number of solvating ammonia molecules 
strongly bound to a metal atom. Combining these 
expressions and incorporating the dielectric constant, 
as Pitzer10 has done, we obtain
(m* -  M2°)/RT  =  In (N»/Ni) +

The equation has not been arrived at by rigorous deriva
tion from first principles and hence may be regarded as 
empirical. The use of the bulk solvent dielectric con
stant is here mofe acceptable than, for example, in the 
Debye-Huckel approach since it is believed the metal 
strongly binds ammonia14 leaving the bulk ammonia 
unoriented and well described by the ordinary dielectric 
constant.

We have satisfied ourselves in some detail15 that eq 6 
expresses data for concentrated aqueous alkali-halide 
solutions satisfactorily. The principal concern is that 
the solvation number, y, should remain constant over 
the range of concentration to be considered.

If the equation is to be used to calculate phase-separa
tion curves, its most important property is that it pre
dict, for certain combinations of the parameters, that 
M2 is not single-valued. In Figure 1 M2 is plotted as a 
function of N 2'/N i at reduced temperature and dielec
tric constant. It is found that M2 is not single-valued, 
but that a range of M2 values is obtained such that three 
different concentrations have the same chemical po
tential. Further to determine the composition of the 
phases if a miscibility gap is predicted, one must in
volve the second component through the equality mi = 
Mx'. The chemical potential of the solvent can be cal
culated from the Gibbs-Duhem equation, which simply

(b.da ,ib-----1—;ik---- ¡̂3----------------- --------‘
n ; / n ;

Figure 1. Plot of the chemical potential of a solute as 
function of concentration, expressed as mole ratio, calculated 
from eq 6 at reduced temperature and dielectric constant.
The dashed line is drawn to emphasize the loop in the curve 
which defines three values of N2 /Ni at which M2 
has the same value. The areas A i and A2 are 
mentioned in the text in connection with eq 7.

represents the area plotted against the M2 axis in Figure
1. The equation reduces to

p A Y / V T

(N 2/N i) dM2 = 0 (7)
J  Ni/N i

where the primed quantities refer to the concentrated 
phase, the unprimed to the dilute phase. The only 
values of N 2 /Ni and N 2/N\ which can be chosen con
sistent with the restrictions of eq 7 are the two with 
dy2/d(N 2/Ni) positive such that the areas A\ and A 2 in 
Figure 1 are equal and that the area under ¡x2 — m2° be
tween N 2/N i and N 2'/N i ' is zero.

It then becomes possible to calculate phase-separa
tion curves, so long as the necessary parameters can be 
evaluated. For metal-ammonia solutions all the data 
of eq 6 are available, excepting a value of the Madelung 
constant. As earlier stated, one approach is to take 
experimental activity values and by manipulation of 
eq 6 to obtain y  and A . In preference to this we have 
chosen to use the consolute data for phase separation 
for each metal as the only experimental datum to fix the 
phase-separation curve, since the only source of activity 
data is limited measurements of the vapor pressures of 
metal-ammonia solutions.

Reference to Figure 1 and consideration of eq 6 and 7 
show that at the consolute point both the first and sec
ond derivatives of M2 with respect to N 2/N2 are zero, as 
shown in eq 8 and 9.

(14) W. E .  Blumberg and T. P. Das, J. Chem. Phys., 30, 251 (1959).
(15) P. D. Schettler, Dissertation, Yale University, New Haven, 
Conn., 1964; Dissertation Abstr., 25, 4432 (1965). Order No. 65- 
1949, University Microfilms, Inc., Ann Arbor, Mich.
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(AVALXonsolute = ~  3 =  j  (8)

(A /D i?r)consolute = - 4 v,( y

By using, for each alkali metal studied, the experimental 
values of the consolute temperature and concentrations, 
one can evaluate the solvation number, y, and the 
Madelung constant, A , from eq 8 and 9. These ex
perimentally derived values can then be used to cal
culate ¿¿2 — ju2°, and hence a complete liquid-liquid phase 
diagram for a particular metal. This has the effect of 
pinning the phase diagram computed with eq 6 at a 
single experimental point, the consolute point.
Calculations

To facilitate this procedure, and to make it easier to 
examine the effect on the phase-separation calculation 
of changing the parameters in the model, the equations 
have been programmed for machine computation.16 
The data for the calculations were arrived at through a 
careful reexamination of all existing data on phase sepa
ration of lithium, sodium, and potassium, including those 
of Kraus and Lucasse,17 Loeffler,18 Frappe,19 Schettler 
and Patterson,1 and Doumaux and Patterson.4 Our 
best estimates of the consolute points for sodium are 
given in Table I; the data for sodium only are repre
sented by the smooth curve E in Figure 2. The values 
of Vi and Vi were determined from density data on pure 
ammonia20 and on sodium-ammonia solutions.21 A 
plot of Vi for both sodium and potassium is slightly 
concave downward in the concentration region of the 
phase diagram; in initial calculations (see below) the 
value of the maximum was used. All values used in the 
calculation on sodium are shown in Table II. Since 
the results for the other metals are quite similar to 
those for sodium, only those for sodium will be discussed; 
lithium and potassium are fully covered in ref 16.

Table I : Consolute Temperature and
Concentration— Tw o-Com ponent Systems

Investigator T’consolute ( N  2/ N  i)consolute

Sodium Kraus17 - 4 1 .6 0.0433
Loeffler18 - 4 1 .6 0.0445
This work - 4 1 .5 5 0.0415

Calculations were made as follows.
I. The Madelung constant was calculated with eq 9, 

setting y — 6; these values were used to produce the 
phase diagram. Since Tconsoiute was used, the consolute

N t/N i.
Figure 2. Phase-separation curves for sodium-amm onia 
solutions. The curve labeled E (solid line) is a plot, 
drawn as a smooth curve through a large number of points 
not shown, of data from a number of investigators.1’4’17- 19 
The experimental points, which define the curve quite 
unambiguously, are omitted to avoid cluttering the graph.
Curves marked I (solid line, toward left), II, III (---------- ),
IV  (—• • —  ), and V  (-----------) represent various
stages of the calculation using eq 6, 7, 8 and 9. The 
data used at each step of the calculation are discussed 
in the text and are listed in Tables I and II.

temperature has the correct value, but the temperature- 
concentration curve is found to be displaced toward a 
lower value of Ni/N\ = 0.0311. Refer to curve I, 
Figure 2.

II. Both eq 8 and 9 were utilized, a solvation 
number of 3.99 was calculated, and the computation of 
the phase diagram repeated. See curve II. As a re
sult of fixing the consolute point data the curve passes 
through this point correctly, but is, in comparison to 
curve I, expanded along the concentration axis, though 
the shape is like that of the experimental curve, E , with 
the same sharp rise on the dilute side and a gradual 
decrease on the concentrated side. Since A  was the 
last of the parameters determined, it is sensitive to all 
other changes.

III. Next, a value of Vi was chosen at the consolute 
concentration rather than the maximum value men
tioned above; refer to Table II for the values used.

(16) P. W. Doumaux, Dissertation, Yale University, New Haven, 
Conn., 1967.
(17) C. A. Kraus and W. W. Lucasse, J. Am. Chem. Soc., 44, 1949 
(1922).
(18) D. E. Loeffler, Dissertation, Stamford University, Palo Alto, 
Calif., 1949.
(19) G. Frappé, Dissertation, Université Catholique de Lille, Lille, 
France, 1958.
(20) ‘ ‘International Critical Tables,”  E. W. Washburn, Ed., McGraw- 
Hill Book Co. Inc., New York, N. Y., 1928, Vol. I l l ,  p 23.
(21) C. A. Kraus, E. S. Carney, and W. C. Johnson, J. Am. Chem. 
Soc., 49, 2206 (1927).
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Table II: Values of Parameters Used in Calculation—Two-Component Systems“
Trial A V i V  2 y D

Sodium I -3 9 ,3 6 0 0.02461 0.06679 6 .0 0 22.5
II -3 9 ,0 6 0 0.02461 0.06679 3.99 22.5

III -3 6 ,0 5 0 0.02461 0.06595 4.01 22.5
IV -3 6 ,0 5 0 Vi(T) 0.06595 4.01 22.5

V -3 6 ,0 5 0 VAT) 0.06595 4.01 D (T )
“ Units: A,  (cal/moIeXl./mole)1/ ’; Vi, Va, l./m ole.

f i t

Figure 3. Plot of the vapor pressures of sodium-ammonia 
solutions at —35.00° shown as In(p/po) vs. N%/N 1 .
The experimental points are plotted in the curve to the 
left, and the calculated values derived from eq 6 
are on the right. For a discussion of the lack of 
agreement between the two, refer to the text.

The effect is negligible, curves II and III being indistin
guishable. They are not differentiated in Figure 3.

IV. The same values as employed in curve III are 
used, but Vi was permitted to vary as a function of 
temperature as specified in ref 20. The shape of the 
curve is retained, but there is a slight expansion along 
the concentration axis, curve IV.

V. Curve V was calculated in the same way as curve 
IV, but the dielectric constant was varied as a function 
of temperature in an arbitrary way. Burow and 
Lagowski22 have determined the dielectric constant 
of ammonia at several temperatures and quote values 
reported earlier by others. If one plots these data and 
draws a “best” straight line through them, the function 
D  = 22.5 +  0.0970(231.6 -  T ) is obtained. This 
function was used to specify the variation of dielectric 
constant with temperature in the phase separation cal
culation. The result is curve V, which is so sharply 
contracted along the concentration axis as to fall well 
within the experimental curve. The asymmetry of the 
curve, mentioned earlier, is lost.
Discussion

It is evident from Figure 2 that the model adopted, 
when used with the consolute point fixed to experimental 
data for alkali metal-ammonia solutions, produced 
parabolic phase separation curves with close similarities 
to the experimental curve. The parameters in eq 6 
affect the calculated results in varying degrees, D  being 
the most significant, y less so, V2 appreciably less, and 
Vi least of all.

Because the calculation is so sensitive to variation of 
the dielectric constant, it would be very easy to cause 
curve IV (which was computed with the optimal values 
of the other parameters available from experimental 
sources) so coincide exactly with the experimental phase 
separation curve, simply by adjusting the dielectric 
constant. We have not done this because it did not 
seem proper, at this point, to manipulate an adjustable 
parameter while undertaking to justify a newly pro
posed model. It must be recalled that the dielectric 
constant values measured experimentally22 are scattered 
and their temperature dependence is not yet precisely 
specified. At the same time, however, the changes 
which would be required in the dielectric constant are 
small, fall well within the experimental uncertainty
(22) D. F. Burow and J. J. Lagowski, “ The Solvated Electron,”  
Advances in Chemistry Series, No. 50, American Chemical Society, 
Washington, D. C., 1965.
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of the quantity, and would be required to vary smoothly 
in just the way evidence from aqueous solutions sug
gest it does vary in the presence of different concentra
tions of solute. In aqueous solutions at 25°, Hasted, 
Ritson, and Collie23 found that the dielectric constant of 
water fell as the concentration of electrolyte increased. 
If a similar effect of the magnitude of that found in 
water in the presence of 1-1 electrolytes existed in 
sodium-ammonia solution, the effect would be to shift 
curve V toward a better fit with the experimental curve, 
continuing to accept the variation of dielectric constant 
with temperature which we have arbitrarily used. In 
view of the present state of knowledge of the dielectric 
constant, it seemed to us unwise to do more than affirm 
its important bearing on the calculated results and to 
seek better data on it. At the same time, however, the 
prediction of the model is that D  is the most interesting 
parameter to examine for its influence on phase separa
tion.

As noted earlier, constancy of the solvation number 
over a range of concentration must obtain if eq 6 is to be 
used. In metal-ammonia solutions there is consider
able evidence for strong and constant solvation even at 
concentrations approaching saturation. The values of 
y  which result from'the fitting of the consolute point 
data, ?/Na = 4.01, y u  — 3.61, and i/k = 3.37, do not fol
low the usual view that the smallest ion is the most 
solvated. In these solutions the metal which is sol
vated includes, beside the metal ion, the monomer of

Blumberg and Das14 and other species as well. Mar
shall has found a similar contradiction in studies of 
vapor-pressure lowering,24 though with an order just 
the reverse: K, Li, Na. Unfortunately, the lowering of 
fugacity depends on concentration in such a way that 
the data for the several metals cross each other several 
times at different concentrations; it is not clear how an 
order should be specified. Also, the solvation numbers 
we obtain are for different temperatures, which may 
have an important bearing on their order.

Since y.2 can be calculated, it is possible to calculate 
vapor-pressure curves.16 Figure 3 is an example for 
sodium. As with the phase separation curves, these 
duplicate the trend of the experimental data but fall 
short of agreement in absolute magnitude; the values 
could, again, easily be arranged to agree by adjusting 
the dielectric constant. There would be interest in 
using vapor-pressure data, if of sufficient precision and 
detail, to obtain separate values of the parameters to be 
used in the phase-separation calculation.
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(23) J. B. Hasted, D. M. Ritson, and C. H. Collie, J. Chem. Phys 
16, 1 (1949).
(24) P. R. Marshall, J. Chem. Eng. Data, 7, 399 (1962).
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Transient Species Produced in the Photochemical Decomposition of Ceric 

Salts in Aqueous Solution. Reactivity of NOs and H S04 Free Radicals

by L. Dogliotti and E. Hayon
P ion eerin g  R esearch D iv ision , U. S. A rm y  N atick  Laboratories, N atick , M assachusetts (Received A p r il  3 , 1967)

The flash photolysis of ceric sulfate and ceric nitrate in aqueous solutions was studied. 
Ceric sulfate produced a transient species with an optical absorption maximum at 4550 A 
which decays bimolecularly with k — 6.5 ± 1.3 X 108 M-1 sec“1 and is assigned to the 
HSO4 free radical. Ceric nitrate gave rise to an optical spectrum with maxima at 5950, 
6400, and 6750 A. This intermediate was identified as the N03 radical by its characteristic 
absorption spectrum in the visible region. It was found to decay by a first-order process 
with k =  9.5 X 102 3 sec-1. In addition, a new ultraviolet band with maxima at 3350 A 
is reported. The main primary photolytic process in both sulfate and nitrate salts is 
explained on the basis of a charge transfer from the hydration sphere to the Ce(IV) ion:
Ce(IV) -H20  -£• Ce(III) +  OH +  H+, followed by reactions OH +  HS04“ -> HS04 +  
OH-  and OH +  HNO3 -*■  N 03 +  H20. Evidence for this mechanism was derived from 
the extrapolation to “zero” time of the pseudo-first-order decay plots in presence of various 
additives. The decrease of the “initial” concentration of HS04 and NO3 produced was 
found to be proportional to the /c(OH +  S) X Cs values of the solutes used. The rate 
constants for the reaction of HS04 and N 03 with added solutes—formate, acetate, methanol, 
ethanol, 2-propanol, thallous ions, and cerous ions—were obtained. HS04 is found to be 
a stronger oxidizing agent than N 03 although HS04 is not as strong as OH radicals.

Introduction
The action of ultraviolet light on ceric salts, particu

larly sulfate and perchlorate and also nitrate in aqueous 
solutions, has been studied considerably.1-7 Weiss and 
Porret1 interpreted the primary photochemical process 
due to the transfer of an electron from the hydration 
sphere to the excited ceric ion

Ce(IY) • (H20) Ce(III) +  OH +  H+ (1) 
or

Ce(IV)• (H20) Ce(III) +  (H20)+ (1')
followed by the back reaction (2) to account for the 
low net photochemical reduction of Ce(IV) ions in 
solutions free of impurities

Ce(III) +  OH — Ce(IV) +  OH-  (2)
This reaction scheme provided a satisfactory interpreta
tion of the results obtained in the photolysis of ceric

sulfate and perchlorate, and in the photolysis of ceric 
sulfate in the presence of OH-radical scavengers.4 5 On 
photolysis of frozen aqueous solutions of 0.01 M  ceric 
perchlorate in 6 M  HC104, Moorthy and Weiss6 7 have 
observed an esr absorption spectrum, which has been 
assigned to the positive “hole” (H20 )+, in accord with 
reaction 1'.

Indirect support for the over-all reaction mechanism 
was also provided from the study of the radiation chem-

(1) J. J. Weiss and D. Porret, Nature, 139, 1019 (1937).
(2) E. Rabinovitch, Rev. Mod. Phys., 14, 112 (1942).
(3) L. J. Heidt and M. E. Smith, J. Am. Chem. Soc., 70, 2476 (1948) ; 
L. J. Heidt and A. F. McMillan, Science, 117, 75 (1953).
(4) T. J. Sworski, J. Am. Chem. Soc., 77,1074 (1955) ; 79,3655 (1957).
(5) T. W. Martin, A. Henshall, and R. C. Gross, J. Am. Chem. Soc., 
85, 113 (1963); T. W. Martin, R. E. Rummel, and R. C. Gross, 
ibid., 86, 2595 (1964); T. W. Martin, J. M. Burk, and A. Henshall, 
ibid., 88, 1097 (1966).
(6) P. N. Moorthy and J. J. Weiss, J. Chem. Phys., 42, 3127 (1965).
(7) E. Hayon and E. Saito, ibid., 43, 4314 (1965).
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istry of aqueous solutions of ceric salts.8 There were 
indications, however, that at least in sulfuric acid solu
tions, OH radicals react with HS04-  to form HS04 

radicals as intermediates
OH +  HS04-  —►  HS04 +  OH- (3)

A similar indication was provided7 for the reaction of 
OH radicals with HN03

OH +  HN03 — ►  N 0 3 +  H20  (4)
Martin, et al. , 5 studied the flash photolysis and photo

chemistry of ceric nitrate, and have interpreted their 
observation of the optical spectrum of N 0 3 radicals due 
to an intramolecular electron transfer from the nitrate 
to the ceric ion

Ce(IV) • NO3-  A -  Ce(III) +  NO3 (5)
This paper reports a study, using the technique of 

flash photolysis, of the transients produced in the pho
tolysis of ceric sulfate, nitrate, and perchlorate. The 
effect of some added solutes has also been examined.
Experim ental Section

The flash photolysis lamp, optical cells, optical de
tection system, and calculation of rate constants have 
been described.9 Solutions were prepared using water 
purified by distillation, radiolysis, and photolysis. 9 

Reagents supplied by G. F. Smith and Baker and 
Adamson were the best research grades available and 
were used without further purification. The ceric 
solutions, particularly potassium ceric nitrate, K2Ce- 
(NO,)., were prepared daily and the addition of other 
solutes carried out just before photolysis. Particular 
attention was given to minimize exposure of the solu
tions to the monitoring light beam from the Osram 
XBO 450-w xenon lamp. The bimolecular rate con
stant values given here refer to 2k.

Potassium ceric nitrate in aqueous solutions is acidic 
due to hydrolysis of the salt. The pH values of K) - 1 M  
and 5 X lCH2 M  K2Ce(NOi)« are 0.65 and 1 .2 0 , re
spectively. These solutions were photolyzed unbuf
fered at room temperature, 24 ± 1°. The nitrate, 
sulfate, and perchloric salts of ceric ions form various 
complexes in solution. The nature of these complexes 
is also known to depend on the hydrogen ion concentra
tion and to a smaller extent on the ceric ion concentra
tion. No attempt was made to characterize these com
plexes under the experimental conditions used in this 
work.
R esults

The flash photolysis of ceric sulfate gave rise to a 
ransient species in the wavelength region 400-560 mu,

Figure 1. Absorption spectrum of HS04 transient produced 
on flash photolysis of aerated aqueous solutions of 10 “ 4 M 
ceric sulfate in 1.0 M  H2S04. The optical density was 
measured at 40 /xsec after the start of the flash.
Identical spectrum was obtained in absence of 0 2.

with a maximum at about 455 m,u (see Figure 1). The 
extent of formation of this intermediate was independ
ent of the presence of oxygen, slightly dependent on 
the concentration of ceric sulfate in the range studied,
1-2.5 X 10~4 M , and very dependent on the concentra
tion of sulfuric acid added. The amount of transient 
formed increased with increase in H2S04 in the concen
tration range 10- 2  to 1.0 M . This increase was con
siderably greater than the increase in the absorption 
coefficient of ceric ions with increase in H2S04 concen
tration. 10 This transient decays bimolecularly, with a 
decay constant which is independent of 0 2, Ce(IV), and 
H2S04 concentration.

The optical absorption spectra and bimolecular decay 
constant for this transient are quite similar to those 
which have been observed on flash photolysis of persul
fate ions9 and sulfate ions, 11 and assigned to the 8 0 3 -  
radical anions. Since there appears to be essentially no 
difference in the absorption spectra and decay constants 
for S04“ and HS04, formed in acid solutions, there is no 
way of distinguishing between them or obtaining the pK  
value for this species (see Table I). It was not possible 
in this work to obtain the complete absorption spectra

(8) A. O. Allen, “ The Radiation Chemistry of Water and Aqueous 
Solutions,”  D. Van Nostrand Company, Inc., Princeton, N. J., 
1961, p 38.
(9) L. Dogliotti and E. Hayon, J. Phys. Chem., 71, 2511 (1967).
(10) C. M. Henderson and N. Miller, Radiation Res., 13, 641 (1960).
(11) E. Hayon and J. J. McGarvey, ./. Phys. Chem., 71, 1472 (1967).
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Table I : Bimolecular Decay of HSO4 Radicals Formed on Flash Photolysis of
Aerated Aqueous Solutions of 2.5 X 10-4 M  Ceric Sulfate in 1.0 M  H2S04

X, e ¿(HSO4 -f  HSO4), Published values,
m,u k/e used“ M~l sec-1 M~l sec"1

455 1.55 ±  0.4 X 106 460 7.14 ±  1.8 X 108 4.0 X 108 9 at pH 4.8 
3.6 X 108 9 at pH 0.1 
4.2 X 10* 11 at pH 5.5

475 1.61 ±  0.3 X 106 410 6.60 ±  1.2 X 108
425 1.36 ±  0.3 X 106 415 5.65 ±  1.2 X 10s
400 1.95 ±  0.3 X 106 330 6.45 ±  1.0 X 108 

Mean 6.46 ± 1 .3 X 1 0 *

“ Molar extinction coefficient obtained from ref 9, assuming «so /- 0 = éhso° = 460 M ~l cm-1.

of HSO4 down to 290 mji, as was done in the flash photol
ysis studies of S2Os2- and S042~, due to the strong initial 
absorption of ceric sulfate itself in the wavelength range 
from 400 down to 290 mix. Reduction in the ceric sul
fate concentration below 10- 4  M  resulted in an appreci
able decrease in the amount of transient observed.

The reactivity of H S 0 4 radicals produced in the 
photolysis of ceric sulfate has been studied. A few 
selected organic and inorganic solutes were added ini
tially, and changes in the decay of the transient species 
followed at 455 mp. The HSO4 radical was found to 
follow a pseudo-first-order decay in the presence of 
these additives. These first-order decay constants 
were plotted as a function of added solute concentra
tion, and from the slope of this linear dependence the 
second-order rate constants for k (HSO4 +  S) were ob
tained. These are given in Table II.

The flash photolysis of potassium ceric nitrate gave 
rise to one transient species having an optical absorp
tion spectrum stretching from the far-ultraviolet to the 
far-visible region of the spectrum (see Figure 2). The 
three bands in the visible region with maxima at about 
595, 640, and 675 mp (in the liquid phase) are charac
teristic of the N03 free radical. Very similar spectra for 
this radical have been obtained in the gas phase, 12 on 
photolysis and radiolysis of HN03 ices,7 on flash pho
tolysis of ceric nitrate solutions,5 and on pulse radiolysis 
of HNO3 and N 03~ ions.13’ 14 In addition, a new ab
sorption band has been observed in the ultraviolet 
region, Xmax — 335 m  ̂ (Figure 2 ), which has not been 
previously reported. This finding agrees with the esr 
observations7 of the photolytic decomposition in the 
ultraviolet of N03 radicals trapped in HN03 ices.

The transient produced in the flash photolysis of ceric 
nitrate was found to be independent of the presence of 
oxygen, but the amount of transient formed was de
pendent on the concentration of K2Ce(N03)6, pH, and 
added HNO3 or KNO3. The effect of adding HN03 is to

Figure 2. Absorption spectrum of NO3 transient produced 
on flash photolysis of aerated aqueous solutions of 0.1 M 
potassium ceric nitrate. The optical density was 
measured at 200 nsec after the start of the flash.
Identical spectrum was obtained in absence of O2.

increase the extinction coefficient of K2Ce(N03)6 and to 
shift the over-all absorption spectrum to higher wave
lengths. Consequently, all the work carried out here 
was done using 0 . 1  M  K2Ce(N03)6 concentration.

The NO 3 radical was found to decay by a first-order 
process, with a rate constant which is essentially inde
pendent; of the presence of 0 2, HNO 3 , or KNOs concen
trations in the concentration ranges studied, and is the 
same over the whole wavelength range 300-685 mu, see 
Table III, indicating the presence of only one inter
mediate.

The reactivity of N03 radicals with a number of added 
organic and inorganic solutes was studied. In all cases, 
the plot of the pseudo-first-order decay constant in 
presence of additives vs. the concentration of additive 12 13 14

(12) D. Hussain and R. G. W. Norrish, Proc. Roy. Soc. (London), 
A273, 165 (1963); G. Schott and N. Davidson, J. Am. Chem. Soc., 
80, 1841 (1958); E. J. Jones and T. R. Wulf, J. Chem. Phys., 5, 873 
(1937).
(13) M. Daniels, J. Phys. Chem., 70, 3022 (1966).
(14) R. K. Broszkiewiez, Intern. J. Radiation Isotopes, 18, 25 (1967).
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Table II: Reactivity of HSO4 Radicals with Added Solutes. Transient Formed on Flash Photolysis of 
Aerated Aqueous Solutions of 2.5 X 10 ~4 M  Ceric Sulfate in 1.0 M H2S04, and Monitored at 455 m/x

Concn range, fc(HS04 + S), Published values,
Solute M M ~ l sec-1 M ~ l sec“16

HCOOH 0.4-5 X IO-3 1.35 ±  0.2 X 106
CHsCOOH 0.4-2 X 10“ 2 8.80 ±  0.2 X 104
CH3OH 0.3-2 X IO-3 1.10 ±  0.2 X 107 2.5 ±  0.6 X 107 9 

2.0 X 10716
CH3CH2OH 0.6-5 X IO“ 4 3.44 ±  0.3 X 107 6.2 ±  1.4 X 1079 

3.0 X 10716
¿-PrOH 1-6 X 10 ~4 4.60 ±  0.2 X IO7 9.1 ±  2.8 X 1079
T1+« 0.5-2.5 X 10“6 1.70 ±  0.2 X 109
Ce (III)“ 0.5-2 X IO“4 1.43 ±  0.3 X 108

0 Sulfate salts. 1 The k values in ref 9 were obtained in neutral solutions.

Table III: First-Order Decay Constants for N03 Radicals 
Produced on Flash Photolysis of 0.1 M  K2Ce(N03)s

x
moni-

Effect tored,
Acid concn of O2 my k, sec 1

Unbuffered, pH 0 .65 Air-satd 600 0 .91 ± 0.06 X 103
Unbuffered, pH 0 .65 02 free 600 0 .95 ± 0.05 X 103
Unbuffered, pH 0 .65 Air-satd 300 1..07 ± 0.10 X 103
Unbuffered, pH 0 .65 Air-satd 350 1 .08 ± 0.10 X 103
Unbuffered, pH 0 .65 Air-satd 450 0 .90 ± 0.06 X 103
Unbuffered, pH 0 .65 Air-satd 640 0 .99 ± 0..10 X 103
Unbuffered, pH 0 .65 Air-satd 685 1 .07 ± 0.10 X 103
0.1 M  HN03 Air-satd 600 0 . 94 ± 0.02 X 103
2 M  HN03 Air-satd 600 0 . 97 dz 0.03 X 103
3 M HN03 Air-satd 600 1 . 30 dz 0.20 X 103
3 M  HN03“ Air-satd 600 0 . 91 ± 0.10 X 103
6 M  HN036 Air-satd 600 0 . 50 ± 0.10 X 103

“ In presence of 5 X 10-2 M  K2Ce(N03)6. 6 In presence of
10"3 M  K2Ce(N03)6.

was a straight line with an ordinate intercept equal to 
the first-order decay constant of the NO3 radical itself 
in the absence of added solutes. From the slope of these 
plots the second-order rate constant for fc(N03 +  S) was 
determined and the values are given in Table IV.

The flash photolysis of aerated aqueous solutions of
2.5 X 10~ 4 M  ceric perchlorate in 0.6 M  perchloric acid 
gave rise to a very weak absorption in the wavelength 
region 350-600 m¡i. Due to this very weak absorption 
it was not possible to follow or study this transient.
D iscussion

The photochemically induced charge-transfer reac
tion mechanism for the photolysis of ceric sulfate and 
ceric perchlorate in aqueous solution appears to explain 
adequately all the experimental facts known about these 
salts.

Ce(IV) -H20  Ce(III) +  (H20)+ (1')
In aqueous solutions, (H20 )+ reacts very rapidly with 
water to give an OH radical

(H20)+ +  H20 —> OH +  H3O+ (6 )
so that the oxidizing species reacting in solution at room 
temperature is the OH radical. In ceric perchlorate- 
perchloric acid ices irradiated at 77°K an esr spectrum 
due to trapped (H20 )+ has, however, been reported.6

Table IV: Rate Constants of N03 Radicals with Added Solutes, 
Obtained from the Photolysis of Aerated Solutions of 0.1 M 
K2Ce(N03)6. N03 Transient Followed at 600 ray

Solute
Concn range, 

M
H NOa +  S), 

M~l sec-1

HCOOH
CHaCOOH
CH3OH
CHsCthOH

¿-PrOH 
T1+ “
CeCIII)»

1 0 - M . 0 - 2 
10-M: X 10-2 
2 X 10-3-10-2 
1.25 X 10-' 1 .5 X IO“ 3 
2.5 X 10-4-1.0 X IO-36 
10-M3 X IO"4 
10"5-8 X IO“5 
2 X 10-3-2 X 10“ 2

2.06 ±  0.1 X 1C6
4.6 ±  0.4 X 1C4 
1.0 ±  0.1 X 1C6 
3.85 ±  0.3 X 1C6 
3.90 ±  0.4 X 1C6 
3.60 ±  0.2 X 1C6 
3.46 ±  0.1 X 1C7 
3.70 ±  0.1 X 106

“ Nitrate salts. 6 In presence of 0.1 M and 0.01 M  HN03.

Further support for this primary photolytic process 
comes from the observation that in flash photolysis of 
ceric sulfate, the formation of the HSO4 transient is 
strongly dependent on the H2S04 concentration. This 
is due to reaction 3 competing with reaction 2. The 
rate of reaction 3 is relatively low, with k3 =  8  X 10_6 

M - 1 sec- 1 . 16

(15) E. Heckel, A. Henglein, and G. Beck, Ber. Bunsengs. Physik.
Chem., 70, 149 (1966).
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Figure 3. Pseudo-first-order decay plots of HS04 formed 
in the photolysis of 2.5 X 10 -4 M ceric sulfate and 1.0 M 
H2S04 in presence of additives. Transient monitored at 
455 mi*. Values in parentheses are &(OH -(- S) X C5.
X, 2 X 10-4 M cerous sulfate (4.4 X 104 sec'1); A, 2 X 10-i 
M thallous sulfate (2 X 105 sec-1); ■, 2.5 X 10-6 M 
thallous sulfate (2.5 X 105 sec-1); O, 3 X 10-4 M  ethanol 
(3.3 X 105 sec-1); •, 5 X 10-4 M  ethanol (5.5 X 105 sec-1).

On addition of various organic and inorganic solutes 
to ceric sulfate solution previous to photolysis, it was 
possible to determine the reactivity of HS04 radicals 
with these solutes (see Table II). A plot of the pseudo- 
first-order decay in the presence of these additives is 
shown in Figure 3. On extrapolation of the pseudo- 
first-order plots to zero time (the maximum intensity of 
the flash, and hence the highest HS04 concentration, is 
at about 5 ¿nsec), one can note that the straight lines do 
not extrapolate to a common point. Indeed, the log 
(OD) values are dependent on the solute used and its 
concentration. This dependence can be seen to follow 
the product of /c(OH +  S) X Ca, and not fc(HS04 +  S) 
X Cs values for the different solutes examined. The 
/c(OH +  S) values used are 2.2 X 108 M ~ l sec- 1 , 4 1010

M - 1 sec- 1 , 4' 16 and 1.1 X 109 M~l sec- 1 17 for Ce(III), 
T1+, and ethanol, respectively. This observation shows 
that the solutes compete with HS04~ for the OH radi
cals produced in the primary photolytic process, in addi
tion to their reaction with the formed HS04 radicals. 
This is in agreement with the results obtained in steady- 
state photolysis of ceric sulfate. Addition of OH radi
cal scavengers like T1+ and Ce(III) was shown by 
Sworski4 from competition kinetics measurements to 
compete with each other for the primary-produced OH 
radicals.

The flash photolysis of ceric nitrate solutions gives 
rise to the formation of N 0 3 radicals. A new ultraviolet 
band has been observed for this radical, in addition to 
the characteristic three bands in the visible region of the 
spectrum (Figure 2 ). N03 decays by a first-order pro
cess, with a rate constant of about 9.5 X 102 sec- 1  which 
is essentially independent of 0 2 and nitric acid concen
tration (see Table III). That N03 does not decay by 
reaction with Ce(III) ions formed during the flash as a 
result of reduction of ceric ions was shown by adding 
cerous nitrate previous to irradiation. A plot of the 
pseudo-first-order rate constant as a function of [Ce(III) ] 
extrapolates to a k =  9.5 X 102 sec-1, in agreement with 
the first-order k values for N03 itself.

Martin, et al.,6 have reported that N 0 3 decays bi- 
molecularly on flash photolysis of 1 0 - 3  M  K2Ce(N03) 6 

in 6.0 M  HN03. The formation of N 0 3 in the system 
was accounted as due to an intramolecular electron 
transfer from the nitrate to the ceric ion

Ce(IV) - NO,- Ce(III) +  N03 (5)
We have repeated these conditions and find that N 0 3 

decays by a first-order process with k =  5 X 102 sec- 1  

(see Table III). This value is lower than the rate con
stant obtained in ceric nitrate solutions containing up 
to 3.0 M  HN03. In pulse radiolysis studies of HN03 

and NO3-  in aqueous solutions, Daniels13 and Brosz- 
kiewicz14 also find that NOs follows a first-order decay, 
with k =  7.6 X 103 sec- 1 . 14

The formation of N03 is dependent partly upon the 
concentration of ceric nitrate and to a much larger ex
tent on the hydrogen ion concentration. Increasing 
the pH of 0 . 1  M  K2Ce(N03) 6 above 0.65 decreases 
rapidly the amount of transient formed. Similarly, addi
tion of HN03 increases considerably the concentration 
of N03. This observation plus the effect of added 
solutes known to be good OH-radical scavengers in
dicates that N 0 3 is formed according to reaction 4. 16 17
(16) E. Hayon, Trans. Faraday Sec., 61, 723 (1965).
(17) G. E. Adams, J. W. Boag, and B. D. Michael, ibid., 61, 1417 
(1965).
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OH +  HN03 —>  NOs +  H20  (4)
This dependence on hydrogen ion concentration (in the 
case of sulfuric acid and nitric acid) does not seem to be 
related to any change in the nature of the ceric complex 
with pH, since a very similar pH dependence for reac
tions 3 and 4 has been observed13-14 in pulse radiolysis 
studies. The possibility still remains that in 6.0 M  
HN03 the ceric ion is present entirely as the hexanitra- 
tocerateion, Ce(N03)62-, while at low [HNOj], Ce(OH)- 
(N03)3 is also present, and one could explain the above 
results as follows

Ce(N03)2-6 Ce(N03)2-5 +  N03 (A)
Ce(0H)(N03)3 Ce(N03)3 +  OH (B)

However, though the results obtained above cannot 
entirely disprove reaction A in. the photolysis of ceric 
nitrate in 6.0 M  HN03 where the competition kinetics in 
the presence of added solutes cannot be followed, it can 
be excluded in solutions up to about 1 M  HN03. In 
view of the results reported above, reactions A or B are 
considered unlikely and the work of Martin, et al.,b does 
not provide any evidence in its support.

The addition of solutes allows one to study the reac
tivity of NO3 radicals in solution. A few organic and 
inorganic additives were examined and the rate con
stants fc(N0 3 +  S) determined (see Table IV). The 
pseudo-first-order decays were plotted and are shown 
in Figure 4. Again one finds on extrapolation of these 
linear plots to zero time that the “initial” amount of 
transient formed is not constant, but decreases with 
increase in the concentration of the solutes present in 
solution. As in the case of the ceric sulfate photolysis, 
the decrease in [NO3] at “zero” time is proportional to 
the product &(OH +  S) X CB of the solutes added. 
From this one must conclude that the primary photo- 
lytic process in ceric nitrate solutions is the same as that 
in ceric sulfate, namely an electron transfer to the ceric 
ion with the subsequent formation of OH radicals.

On flash photolysis of 0.1 M  ceric nitrate in the pres
ence of 3.0 M  (or 6.0 M ) HN03, and the same additives, 
one finds that the first-order decay plots extrapolate at 
“zero” time to almost a common point. This provides 
strong support to the mechanism proposed, and in
dicates that in 3.0 M  or in 6.0 M  HN03 most of the OH 
radicals react via reaction 4 and that there is essentially 
no competition from reaction 7 for the OH radicals.

OH +  S •— > products (7)
The OH radicals produced in 0.1 M  ceric nitrate solu

tions (unbuffered pH of solutions is 0.65) react with 
HNO3 present to form N03 radicals. A similar mech-

Figure 4. Pseudo-first-order decay plots of N03 formed in the 
photolysis of 0.1 M  K2Ce(N03)6 in presence of additives. 
Transient monitored at 600 mji. Values in parentheses are 
A:(OH +  S) X Ce: (a) no additive; (b) 4 X 10-6 M  Tl+
(4 X 106 sec-1); (c) 8 X 10-5 M  T1+ (8 X 106 sec“1); (d)
8 X 10-3 M  Ce(III) (1.76 X 10® sec'1); (e) 2 X 10-2 M  
Ce(III) (4.4 X 10® sec-1); (f) 4 X 10-3 M  ethanol (4.4 X 
106 sec-1). Experimental points have been left out.

anism has been proposed to account for the formation 
of N03 in the esr study7 of photolyzed HN03 and HN03 

plus ceric nitrate glasses at 77°K, and in the pulse 
radiolysis of nitrate and nitric acid solutions. 14

The addition of solutes (except Ce(III) ions) and their 
reaction with HS04 or N 0 3 leads to a final photoreduc
tion of ceric ions in solution. This was observed in flash 
photolysis when events were followed at a wavelength 
where Ce(IV) ions absorb. The following reactions in 
addition to reaction 7 can explain the net Ce(IV) reduc
tion : in the case of T1+

HSO4 +  T1+ —> HS04-  +  Tl2+
Tl2+ +  Ce(IV) —►  Tl3+ +  Ce(III)

In the case of organic solutes
HSO4 +  CH3CH2OH —■ > HSO4- +  CH3CHOH +  H+

CH3CHOH +  0 2 —> CH3CHO +  H02

CH3CHOH +  Ce(IV) —*■  CH3CHO +  Ce(III) +  H +
H02 +  Ce(IV) —»■  Ce(III) +  H+ +  0 2

In the presence of Ce(III) ions, produced in the primary 
act or added previous to photolysis, the following 
reaction occurs

HS04 +  Ce(III) —^  Ce(IV) +  HSO4-
Similar reactions could explain the reduction of Ce(IV) 
ions in nitrate solutions.

The role and reactivity of the HSO4, SO4- , and N 03 
free radicals have been largely ignored in explaining the
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chemical kinetics of reactions taking place in photo
chemistry and radiation chemistry. These radicals 
can be formed by reaction of S042-, H2S04, N 03~, or 
HNO3 with OH radicals, or by direct photolytic or 
radiolytic decomposition of these molecules. In addi

tion, these radicals once formed can react with other 
solutes present in solution. A comparison of k values 
in Tables II and IV shows that HS04 or S04~ is a much 
stronger oxidizing species than N 03, though it is not as 
strong as hydroxyl radical.

Flash Photolysis Study of Mercury (II) Halide Complexes in Aqueous 

Solution. Rates of Reaction of X 2~ Radical Anions

by M. E. Langmuir and E. Hayon
Pioneering Research Division, U. S. Army Natick Laboratories, Natick, Massachusetts 
(.Received May 5, 1967)

The photochemistry of aqueous solutions of mercury(II) halide complexes has been studied. 
The optical spectra of the transient species formed have been observed using the technique 
of flash photolysis. The complexes HgCl2, HgCl42-, HgBr2, HgBr42_, and Hgl41 2~ all give 
rise to the corresponding radical anions Cl2~, Br2_, and I2~. Hgl2 produced an inter
mediate with a maximum at 330 m/x. The decay kinetics of the transient species formed 
from the different polyhalide complexes have been examined in neutral and acid solutions. 
The rates of reaction of Cl2~ and Br2~ with added solutes (methanol, ethanol, isopropyl 
alcohol, oxalate, and H20 2) have also been determined in neutral and acid solutions. I2-  
radical anions are found to be relatively unreactive (fc9  ̂ 102 M ~ l sec- 1  with alcohols). 
A. comparison of the rates of reaction of the inorganic oxidizing radicals OH, S04~, N 03, 
Cl2~, Br2~, and I2~ with some compounds indicates that the oxidizing power of these 
radicals follows the order OH > S04~ > Cl2~ > N 0 3 > Br2~ »  I2~.

A number of studies have dealt recently with the 
photochemistry of inorganic complexes in solution, 1 but 
only one investigation seems to have been made with the 
object of detecting the primary intermediates formed in 
the photochemical act. Penkett and Adamson2 have 
briefly examined the flash photolysis of cobalt(III) 
acidopentaammine, PtBr62~, and Ptl62~ complexes in 
aqueous solutions. In this paper we report the results 
obtained on flash photolysis of aqueous solutions of 
the following mercury(II) halide complexes: HgCl2, 
HgCLt2-, HgBr2, HgBr42_, Hgl2, and Hgl42_. The 
absorption spectra of the various short-lived inter
mediates produced on photolysis have been observed

and their decay kinetics studied. Further, the reac
tivity of these species with some added solutes has been 
determined.
Experimental Section

The HgCl2, HgBr2, and Hgl2 (red powder) were all of 
reagent grade obtained from Baker and Adamson. 
The water used to prepare the solutions was purified as 
described elsewhere.3 The concentrations of the solu-
(1) See, e.g., Advances in Chemistry Series, No. 49, American 
Chemical Society, Washington, D. C., 1965.
(2) S. A. Penkett and A. W. Adamson, J. Am. Chem. Soc., 87, 2514
(1965).
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Figure 1. Absorption spectra and extinction coefficients of
mercury(II) halide com plexes:-------- , HgCl2 (X 10);
—11—, HgCL,2“ ; — —, HgBr8; ---------, HgBr42~;
..........., Hgl2; a n d -------- , Hgl42-. Vertical lines
show cutoff wavelength of liquid filters used.

tions were chosen to give the maximum amount of 
transient with minimum “inner-filtering” by the solute. 
A relatively high concentration of HgCl2 (2 X 10-2 M)  
was necessary due to its low extinction coefficient (see 
Figure 1) and the low light output of the flash lamps at 
the required wavelength. At this concentration, hy
drolysis3 4 of HgCl2 (HgCl* +  H20  HgClOH +  H+ +  
Cl- ) occurs to about 1% and the resulting solution has a 
pH ~ 4 . Hydrolysis in the HgBr2 and Hgl2 solutions is 
negligible. In the case of Hgl2, a saturated solution 
was used. For the photolysis of the HgX42~ species, 
enough X~ ions were added to the HgX2 to ensure 98% 
conversion to the HgX42-, according to their formation 
constants.5 Photolysis in the absence of oxygen was 
carried out using the syringe technique described else
where.6

The absorption spectra of the solutions taken with a 
Cary Model 11 spectrophotometer are shown in Figure 
1 and the extinction coefficients of the various mercury 
complexes determined. Filter solutions were chosen 
to isolate the long wavelength band of the complexes 
and to eliminate absorption by uncomplexed halide 
ions. The acetic acid filter (10% by volume) has a cut
off at 237 mg. Potassium acid phthalate (KHP), 5%

by weight, has a cutoff at 300 rnp. The photolysis of 
HgCh2-, HgBr2, HgBr42~, and Hgl2 was done using 
10% acetic acid filter, HgCl2 using 5% acetic acid, and 
Hgl42~ using 5% KHP.

The flash apparatus has been previously described.7'8 
An S-fisec (1/eth time) flash was produced at 1800 J 
(9 pf at 20 kv). Spectra of the transients so produced 
were taken by a point-by-point method at a given time 
t after flash and plotted as change in optical density, 
AOD vs. wavelength. Reaction rate constants were 
determined from oscilloscope traces (such as that shown 
in Figure 2) by least-squares approximation of first- or 
second-order reactions. The rate constants given in 
this paper have not been corrected for the effect of 
change in ionic strength on the rates of the reactions.
Results

An acetic acid or potassium hydrogen phthalate cut
off filter solution was always used to prevent the direct 
photolysis of uncomplexed halide ions present in some 
cases in solution. In all cases the nature of the optical 
absorption spectra of the transients formed on photolysis 
of HgX2 and HgX42_ was the same in the presence or

Figure 2. Oscilloscope trace of first-order decay curve of Co
produced on flash photolysis of 2 X ÎO-2 M HgCl2 in 0.1 M 
HC104 (pH 1.1) (transient monitored at 344 m î, time scale 
50 gisec per large division, k = 9.1 X 103 sec-1). Top 
curve is stray light from the flash lamp under 
the same conditions.

(3) E. Hayon, Trans. Faraday Soc., 60, 1059 (1964).
(4) M. C. Sneed and R. C. Brasted, “ Comprehensive Inorganic 
Chemistry,’ ' Vol. 4, D. Van Nostrand Co., New York, N. Y., 1955, 
p 99.
(5) “ Handbook of Analytical Chemistry,”  McGraw-Hill Book Co., 
Inc., New York, N. Y ., Î963, pp 1-37.
(6) J. K. Thomas, S. Gordon, and E. J. Hart, ./. Phys. Chem., 68, 
1524 (1964).
(7) L. Lindqvist, Rev. Sci. Instr., 35, 993 (1904).
(8) L. Dogliotti and E. Hayon, J. Phys. Chem., 71, 1472 (1967).
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Table I: Decay Constants of Cl2 Radical Anions (Xm** = 350 m,u) Produced in the 
Flash Photolysis of Aqueous Solutions of NaCl, FfgCl2, and HgCLt2-

S y s te m C oncn , M p H D e c a y  o rd e r D ec a y  r a t e “

NaCl 5 X 10-1 6.0 Second order 2k = 1.51 ±  0.1 X 1010
NaCl 5 X 10-1 1.1 Second order 2k = 1.38 ±  0 .2  X 1010
HgCl2 2 X 10-2 4 .0 First order k = 1.98 ±  0.1 X 104
HgCl2 2 X 10-2 1.1 First order k = 1.03 ±  0.1 X 104
HgCI42- 2 X 10-4 HgCl2 + 5.9 Second order 2k = 1.25 ±  0.1 X 10100.5 M NaCl
HgCU2- 2 X lO-4 HgCl2 + 1.1 Second order 2k = 1.50 ±  0.1 X 1010

0.5 M NaCl
“ Decay rate: 2k given in M~x sec-1, calculated taking ech°- = 1.25 X Id4;11 k, sec A

absence of oxygen. The amount of transient formed 
varied slightly in the presence of oxygen, but the ab
sorption maximum of the transient and the decay 
kinetics remained unchanged.

The flash photolysis of HgCL at pH 4.0 (unbuffered) 
and 1.1 (acidified using perchloric acid) gave rise to a 
transient absorption spectrum (Figure 3a) with maxi
mum at 350 m/i. This transient species decayed by a 
first-order process. The rate of decay increased by 
about a factor of 2 on going from pH 1.1 to 4.0 (Table 
I). Figure 2 shows a typical oscilloscope trace obtained 
on flash photolysis of 2 X 10 -2 M  HgCl2 in 0.1 M  HC104 
with the transient monitored at 344 m/u. A similar 
spectrum was obtained on flashing HgCl42- (Figure 3a) 
at pH 5.9 and 1.1, but the transient decayed by a second- 
order process (See Table I). For comparison, NaCl 
solutions were photolyzed in order to compare the ab
sorption spectrum and decay rates of the transients 
produced with those obtained with mercuric halide com
plexes (Table I). The same spectrum was obtained in 
all three cases and corresponded to the reported9-11 
absorption spectrum of Cl2-  radical anion. The 
second-order decay rates shown in Table I were cal
culated using the molar extinction coefficient e“h- = 
1.25 X 104 M-1 cm-1 derived from pulse radiolysis 
studies.11 All the 2k values obtained in Table I are 
considered to be the same within experimental error.

The flash photolysis of aqueous solutions of 4 X 10-4 
M  HgBr2 and 2 X 10-4 M  HgBr42- at pH 6.0 and 1.1 
gave an absorption spectrum with Xmax at 360 m,u, simi
lar to that produced on flashing KBr solutions. This 
spectrum corresponds to that of Br2-  radical anion pre
viously reported to be formed in the flash photolysis9’9 10 
of Br-  ions and in the pulse radiolysis12-14 of aqueous so
lutions containing Br-  ions. The molar extinction co
efficient used to calculate second-order rate constants 
was eg“  = 7.8 ±  0.2 X 103 M-1 cm-1.14 eBr!- 
values of 8.2 X 10s 12 and 9.6 X 103 M-1 cm-1 13 have

also been reported. These higher e values nevertheless 
appear to give similar values for 2k (Br2-  +  Br2- ) 
(see Table II, column 6). The Br2-  transient from 
HgBr2 decays by a first-order process at pH 1.1 but by a 
second-order process in neutral solution, while in 
HgBr42- it follows a second-order decay in both acid and 
neutral solution.

The flash photolysis of Hgl42- and I-  ions produced a 
transient species with Xmax = 385 m/t (Figure 3b) that is 
attributed to the I2-  radical anion.9'10'15 The e™-x 
used is 1.4 X 104 M-1 cm-1 16 while the literature value9 
for 2k (I2-  -f I2- ) was derived using e = 1.56 ± 0.3 X 
104 M-1 cm-1 (see Table II). The photolysis of Hgl2, 
on the other hand, gave a transient with an absorption 
maximum at 330 m/u, which decayed by a first-order 
process.

The reactivity of Cl2-  and Br2-  radical anions with a 
number of added solutes has been studied and the rate 
constants for the reactions fc(X2-  +  S) are given in 
Tables III and IV. I2-  appears to react more rapidly 
with itself than with the solutes studied, as no change in 
rate was observed on addition of 0 2, H20 2, or ethanol.
Discussion

The photochemistry of the halide ions Cl- , Br- , and I-  
has been thoroughly studied and the main photochemical

(9) L. I. Grossweiner and M. S. Matheson, J. Phys. Chem., 61, 1089 
(1957).
(10) F. H. C. Edgecombe and R. G. W. Norrish, Proc. Roy. Soc. 
(London), A253, 154 (1959).
(11) M. Anbar and J. K. Thomas, J. Phys. Chem., 68, 3829 (1964).
(12) H. C. Sutton, G. E. Adams, J. W. Boag, and B. D. Michael, 
“ Pulse Radiolysis,”  Ebert, Keene, Swallow, and Baxendale, Ed., 
Academic Press Inc., New York, N. Y., 1965, p 61.
(13) B. Cercek, M. Ebert, C. W. Gilbert, and A. J. Swallow, see 
ref 12, p 83.
(14) M. 3. Matheson, W. A. Mulac, J. L. Weeks, and J. Rabani, 
J. Phys. Chem., 70, 2092 (1966).
(15) J. K. Thomas, Trans. Faraday Soc., 61, 702 (1965).
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Table II: Decay Constants of Br2 (Am»* =  360 m/t) and I2~ (Ama* =  385 rriju) Radical Anions Produced in 
the Flash Photolysis of Aqueous Solutions of NaX, HgX2, and HgX<2~

Species System pH Decay order Decay rate0 Lit. value Ref

Br2- KBr, 2 X 10~ 2 M 6 . 0 Second order 2 k — 3.7 ±  0.6 X 109 2k =  3.3 ±  1.0 X 1 0 » 14
Br2_ HgBr2, 2-8 X 10~ 4 M 5.3 Second order 2 k = 5.2 ±  0.6 X 109 2k =  3.6 X 10» 12, 13
Br2~ HgBr2, 4 X IO“4 M 1 . 1 First order k = 2.0  ±  0.1 X 104
Br2_ HgBr42_, 2 X 10~ 4 M HgBr2 + 6 . 0 Second order 2k = 3.19 ±  0.1 X 109

2 X IO"2 M KBr
I2- KI, 10“ 3 Mb 6 . 0 Second order 2k = 1.17 ±  0.2 X 1010 2k =  7.7  ±  1.5 X 1 0 » 9
h ~ KI, IO"3 Mb 1 . 1 Second order 2k = 8.7 ±  0.5 X 10s
Aniitx ” 330 IUjU Hgl2, 7.6 X 10~6M 7.6 First order k = 1.0 ±  0.05 X 104
Amajt — 330 mju Hgl2, 7.6 X 10-*M 1 . 1 First order k = 3.7 ±  0.1 X 104

Is- Hgl42 _, 10- 4 M Hgl2 + 6.5 Second order 2k = 6.7 ±  0.6 X 10s
IO “ 2 M  K I

° 2k given in M  1 sec k given in sec «Br°- =  7.8 ± 0 .2  X 10314 and si“-° = 1.4 X 104.15 6 Solutions were saturated with 
N20.
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Figure 3. (a) Optical absorption spectra of transients produced
in the flash photolysis of (i) 2 X 10~ 2 M  HgCl2 at pH 4.0 (-•-) 
and pH 1 .1  ( • ) ;  (ii) 2 X 10-4  M  HgCl42- (in presence of 
5 X 10- 1 M  NaCl) a t pH 3.0 (•) ; (iii) 4 X 10~ 4 M  HgBr2 

at pH 1.1 (Ô); (iv) 4 X 10-4  M  HgBr42~ (in presence of 
10-1  M  KBr) at pH = 5.0 (O). (b) Optical spectra of
transients produced in the flash photolysis of (i) 7 X 10 ~5 

M  Hgl2 at pH 6.0 (O) and pH 1.1 (□ ); (ii) 10“ 4 M Hgl42~
(in presence of 10~ 2 M  KI) at pH 7.6 (•) ; (iii) 9 X 10~s M  
Hgl2 (in presence of 2 X 10-6 M  KI ) at pH 7.0 (3). All 
spectra were measured at 40 /jsec after the start of the flash.

Table I I I : Second-Order Rate Constants k9 for the Reaction 
of Transient Cl2~ Radical Anions with Added Solutes. Cl2~ 
Produced in Flash Photolysis of Aerated 2 X 
10- 2  M  HgCl2 Solutions

Added Concn range, ki,
solute M pH M "I sec - 1

h 2o 2 0 . 1 - 2 . 3  x  1 0 - 4 4 .0 7 .4 ± 0 . 3 X 107
h 2o 2 0 . 2 - 1 . 8  x  1 0 - 4 1.1 1 ,5 ± 0 . 1 X 108
c h 3o h 2 --8 X 10 “ 4 4 .0 3. 0 ± 1 . 0 X 107
CH3 0 H 0 .2 -1  X 10- 3 1.1 2.,2 ± 1 . 0 X 107
CH3CH2OH 0 .1 -1  X 10 “ 3 4 .0 2 .9 ± 0 . 2 X 107
c h 3c h 2o h 0 .

T0X1
0

0 1.1 5 .4 ± 0 . 9 X 107
f-PrOH 1 .3 -6 .5  x  1 0 - 4 4 .0 6 1 ± 0 . 7 X 107
f-PrOH 0 .3 -1 .6  X IO "4 1.1 1 .4 ± 0 . 2 X 108d6

0 Gì 1 CO X 0 1 4 .0 9 .4 ± 1 . 4 X 107

T able IV : Second-Order Rate Constants k, for the Reaction 
of Transient Br2” Radical Anions with Added Solutes.
Br2_ Produced in Flash Photolysis of Aerated 
4 X 10- 4  HgBr2 Solutions

Concn range, &9,
Solute M pH M~l sec“ 1

h 2o 2 0.9-2 X IO” 4 5.3 3.9 ±  0.2  X 107

h 2o 2 4-9 X 10-6 1 . 1 1.50 ±  0.05 X 108

CH3 0 H 0.1-2 .5  X IO“ 1 5.3 1.5 ±  0.2 X 104
CH3 0 H 0.05-5 X IO" 1 1 . 1 2.8  ±  0.4 X 104

CH3CH2OH 0.4-3 .4  X 10" 2 5.3 1.4 ±  0.2  X 106

c h 3c h 2o h 0 .0 1 - 1  x  1 0 - 2 1 . 1 4.5  ±  0 .2  X 106

z-PrOH 0.2-3 X IO“ 2 5.3 3.0  ±  0.5  X 106

f-PrOH 0.3-2 X 10“ 2 1 . 1 9.0  ±  1.0 X 106

process shown to result in the ejection of an electron 
from the halide ion

x - h 2o X +  eaq ( 1)
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the halide atom formed then reacts with X -  to form 
X2~ radical anions.

X  +  X -  — >  X t -  ( 2 )

The transient absorption spectra of both X2~ radical 
anions and solvated electrons has been observed.9•10,16a 
Most of the work done on the photochemistry of mercuric 
halides in aqueous solutions has been reviewed161* but no 
acceptable mechanism has been proposed for the light- 
induced reactions.

On flash photolysis of aqueous solutions of Cl- , 
HgCl2, HgCh2-, Br~, HgBr2, HgBr42-, I - , and HgL2-, 
the absorption spectra characteristic of the correspond
ing radical anions Cl2_, Br2~, and I2-  have been observed 
in all cases, except in solutions of Hgl2. In the photo
chemistry of the three polyhalide complexes of mercury, 
the primary photochemical act leading to the formation 
of X2-  radicals could be due to either (i) the transfer of 
an electron from a water molecule to give an OH 
radical

HgX42“ H20  - X  [(HgX4)2-]- +  H+ +  OH (3) 
or

HgX2• H20  - X  [HgX2]-  +  H+ +  OH (4)
(this OH radical reacts with X~ ions to form X2-  via 
reactions 5 and 2)

OH +  X -  —> X +  OH-  (5)
and could possibly also react with the polyhalide com
plexes, (ii) the transfer of an electron from one of the 
ligands to the central ion of the complex, for example

HgX42~ - X  [Hg+X43-] X2" +  products (6)
HgX2 [Hg+Cl*-] — ►  X*- +  products (7)

or (iii) the simple homolytic rupture of a mercury- 
halide bond.

To test which of these primary processes occur, use 
has been made of the fact that the rate constant of reac
tion 5 is pH dependent, particularly for Cl-  and also 
for Br~ ions. The formation of Cl2-  by the reaction of 
OH radicals with Cl-  ions was found11 to be first order in 
[H + ] from pH 3 to pH 0. The flash photolysis of solu
tions of HgCl2, HgCl4-2, HgBr2, and HgBr42~ in neutral 
and acid solutions was studied and the extent of forma
tion of X2-  radicals was determined. Though the rate 
constants for decay of the Cl2-  and Br2~ radicals were 
found to be pH dependent (see Table I and II), on 
extrapolation of the decay plots to “zero” time the ini
tial concentration (OD) of the X2~ transients formed 
was found to be independent of pH between 1.1 and 6.0.

This observation, plus the fact that addition of OH 
radical scavengers (e.g., alcohols) does not reduce the 
initial [X2~], is interpreted to mean that the primary 
photolytic process is not the transfer of an electron from 
a water molecule to the complex (reactions 3 and 4).

Available data on the various polyhalide mercury 
complexes cannot distinguish categorically between 
processes (ii) and (iii). However, the absorption 
spectra of the HgX42- complexes have been interpreted 
as electron-transfer spectra, 16 17 with the electron-transfer 
peak moving toward the visible, and the complex ion 
becomes less stable (see Figure 1). Thus the intraelec
tron-transfer mechanism, as indicated by reaction 6 , is 
considered to be the most likely process to occur for 
HgX42_ complexes. No choice can be made at present 
between processes (ii) and (iii) to explain the primary 
chemical act in the photolysis of HgX2 complexes. 
Since there is an excess of halide ions present in solution 
of these polyhalide complexes (except Hgl2), it is not 
unlikely that the X2~ radical anions are produced by 
reaction of primarily formed X atoms with X -  ions 
(reaction 2).

The X2~ radical anions formed in the photolysis of X~ 
and HgX42 ~ at pH 1.1 and at neutral pH decay by a 
second-order process, according to reactions

X2-  +  X2-  —> X3-  +  X -  (8)
and

X2-  +  X2-  —►  X2 +  2X - (80
The second-order decay constants for Br2~ and I2-  
found in this work are in fairly good agreement with 
previously published values (see Table I and II). No 
published values are available for 2fc(Cl2~ +  Cl2- ).

The apparent first-order decay of X2_ in the flash 
photolysis of HgCl2 at pH 4.0 and 1.1 and of HgBr2 

at pH 1.1 is thought to be due to the reaction of X2~ 
with HgX2. A reduction in the initial concentrations 
of HgX2 complexes to verify this pseudo-first-order 
decay was not feasible experimentally, since the con
centration of X2-  radicals produced under the flash 
photolysis conditions used was already quite low, 
[X2~] ^ 10 ~6 M. However, if fc(Cl2~ +  HgCl2) ~  
106 M ~l sec- 1  and &(Br2-  +  HgBr2) ~  10s M ~l sec-1, 
this pseudo-first-order decay would be consistent with 
the ratios [HgX2]/[X2- ] present after flashing. This 
means that HgX2 at the concentration used competes 
effectively with reaction 8 .

(16) (a) M. S. Matheson, W. A. Mulac, and J. Rabani. J, Phys- 
Chem., 67, 2613 (1963); (b) C. Ellis and A. A. Wells, “ Chemical Ac
tion of UV Rays,”  Reinhold Publishing Corp., New York, N. Y ., 1941, 
p 367.
(17) R. J. Marcus, Solar Energy, 4, 20 (1960).
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Table V: Comparison of the Bate Constants of Reaction of Inorganic Oxidizing Radicals with Some Simple
Organic and Inorganic Compounds in Neutral Aqueous Solutions (k(Ro* +  S), M -1 sec-1)

Compound OH“ so. -6 Cl2- C NO38 B ra " '
CHsOH 4.8 X 10s 2.5 ±  0.4 X 107 3.0 ±  1.0 X 107 1.0 db 0.1 X IO6 1.5 ±  0.2 X 104
CH3CH2OH 1.1 X 109 7.7 ±  2.2 X 107 2.9 ±  0.2 X 107 3.9 ±  0.3 X IO6 1.4 ±  0.2 X 10s
¿-PrOH 3.9 X 109 8.3 ±  3.0 X 107 6.1 ±  0.7 X 107 3.6 ±  0.2 X 106 3.0 ±  0.5 X 105
HCOOH 1.0 X 109' 1.4 ±  0.2 X 106" 2.1 ±  0.1 X IO5
CHsCOOH 1.4 X 10s A 8.8 ±  0.2 X 104 8 4.6 ±  0.4 X IO4
H202 4.5 X 107/ 7.4 ±  0.3 X 107 3.9 ±  0.2 X 107
Ce3+ 2.2 X IO" 1.4 ±  0.3 X 108d 3.7 ±  0.1 X IO6
T1+ 9.0 X 10" 1.7 ±  0.2 X IO98 3.5 ±  0.1 X IO7
HCOs- 2.8 X 108 9.1 ±  0.4 X 106

“ G. E. Adams, J. W. Boag, J. Currant, and B. D. Michael, Trans. Faraday Soc., 61, 1417 (1965). b See ref 8. c This work. d L. 
Dogliotti and E. Hayon, J. Phys. Chem., 71, 3802 (1967), pH 0.65. * M. Anbar and P. Neta, Intern. J. Appl. Radiation Isotopes, 16, 
227 (1965); in 1.0 M  H2SO4. f H. Frieke and J. K. Thomas, Radiation Res. Suppl., 4, 35 (1964). " See footnote a of this table; pH 
0.1. '‘ pH 1.0.

In the photolysis of saturated (7.6 X 10-5 M) 
Hgl2 at pH 7.6 and 1 .1 , no I2“ transient is observed. 
Instead, a new transient (present in presence or absence 
of 0 2) is found, with Xmax = 330 mg (Figure 3b). The 
absence of I2-  radicals in this system is considered to be 
due to the very low (<10-8 M) concentration of I -  ions 
present in solution. On addition of 2 pM I - , both I2~ 
and the species with Xmax = 330 mg are observed (see 
Figure 3b). Thus it is suggested that the I atoms 
probably produced in the primary act can now react 
with I~ to form I2~. The unidentified species produced 
and observed in the absence of excess iodide ions is either 
the precursor of I2~ or the partner of the I atom pro
duced in the primary act. This unidentified species 
can also react with I -  ions since the formation of I2~ is, 
at least in part, at the expense of this species. After 
flashing a solution of Hgl2 (in absence of added I - ), a 
red-brown precipitate was observed, due to Hg2I2.

Reaction of X2~ Radical Anions with Added Solutes. 
In the pulse radiolysis of aqueous solutions, these radi
cal anion species whenever observed are produced as a 
result of reaction of added halide ions with the OH 
radicals produced from the radiolysis of water. To 
study the reactivity of X2-  radicals with added solutes 
gives rise to complex competition kinetics since a com
petition is likely to occur between the formation of X2“ 
(reactions 0 and 2) and reactions 9 and 10.

X2-  +  S —> products (9)
OH +  S -—*- products (10)

However, in flash photolysis the transient species are 
normally produced as a result of direct absorption of 
radiation by the solute and this provides a relatively 
simpler method for studing the chemical reactivities of 
these free radicals.

The free-radical chemistry of Cl2~ and Br2~ with 
H20 2, CH3OH, CH2CH3OH, isopropyl alcohol, and 
oxalate ions has been studied. In all cases, the pseudo- 
first-order decay constant was plotted as a function of 
added solute concentration and the /ca values calculated 
from the slope. The kg values were found to be greater 
for Cl2~ than for Br2~ and in almost all cases fc9 is 
greater at pH 1.1 than in neutral solutions. The reac
tivity of X2~ is also greater on going from methanol to 
isopropyl alcohol.

The reaction of Cl2~ with oxalate ions was studied as 
this formed the basis of an old actinometer used early 
this century and referred to as the Eder reaction. It is 
found that on photolysis of mercuric chloride at con
centration of oxalate ions such that no change in the 
absorption spectrum of HgCl2 occurred, the Cl2-  radicals 
formed react relatively fast with C2O42-. However, at 
higher [C20 42-] it complexes with HgCl2, causing an 
increase in initial light absorption and resulting in a con
siderable increase in the concentration of Cl2_ radicals 
and the precipitation of calomel.

The reactivity of I2~ radical anions with the alcohols 
is extremely slow, < 102 M ~x sec“1, with no change ob
served in the rate of disappearance of I2“ on adding up 
to 3.4 M  ethanol. Indeed, the I2-  species has been ob
served in the flash photolysis of 1 “ ions in pure ethanol.18 

The reaction of I2~ with H20 2 could not be studied be
cause the concentration of H20 2 needed to compete with 
the recombination I2“ +  I2-  reaction was >5  X 10 “ 4 M  
and this resulted in the direct photolysis of H20 2 in addi
tion to the photolysis of HgE2-.

The rates of reaction of other simple inorganic oxidiz
ing radicals have recently been studied. Thus the 18
(18) G. Dobson and L. I. Grossweiner, Radiation Res., 23, 290 
(1964).

V olum e 71, N um ber 12  N ovem ber 1967



3814 M. E. Langmuir and E. Hayon

SO4” radical has been produced in the flash photolysis 
of persulfate ions8 and ceric sulfate19 and N 03 radicals 
in the flash photolysis of ceric nitrate solutions.19 A 
comparison of the reactivities of these oxidizing radicals 
and CL- , Br2- , and OH radicals with a few organic and 
inorganic compounds is presented in Table V. It can 
be seen that the decreasing power of oxidation of these 
radicals follows the order OH > S04~ > Cl2~ >  N 03 > 
Br2-  » I2-

Finally, a preliminary investigation of the reported20 

mercury (0) photosensitized decomposition of liquid 
water was made using the technique of flash photolysis. 
No transient was observed down to 240 m/x in the pres
ence or absence of oxygen. Addition of small amounts 
of Cl-  and Br~ ions, with care taken to use the appropri

ate light filter so as not to photolyze the X -  ions, gave 
rise to X2~ transients. Furthermore, the absorption 
spectrum of the original unphotolyzed Hg solution in
creased with the time allowed for the Hg to dissolve in 
solution, the presence of 0 2, and the temperature of the 
solution. These experiments suggest that the so- 
called “photosensitization” of water by mercury(O) 
could mainly be due instead to the photolysis of 
mercury(II) ion formed by autoxidation in air of the 
dissolved mercury, particularly at temperatures above 
room temperature.

(19) See footnote d of Table V.
(20) M. Z. Hoffman and A. Sher, Nature, 210, 1039 (1966).
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Vibrational Spectra of Organophosphorus Compounds. III. Infrared 

and Raman Spectra of (CH3)2PSC1, (CH3)2PSBr, and (CH3) 2POCl

by J. R. Durig, D, W. Wertz, B. R. Mitchell, 1

Departm ent o f  C hem istry, U niversity o f  South Carolina , Colum bia, South Carolina 29208

F. Block, and J. M. Greene

D efense Research D epartm ent, U . S. A rm y  Edgewood A rsena l, Edgewood A rsenal, M aryland  21010  
{R eceived A p r il 3, 1967)

The infrared spectra of liquid (CH3)2PSC1 and (CH3)2PSBr have been measured from 4000 
to 33 cm-1. The infrared spectrum of (CH3)2P0C1 dissolved in various solvents has also 
been measured over the same frequency range. The Raman spectra of the sulfur-contain
ing compounds in the liquid state have been recorded and depolarization values measured. 
The Raman spectrum of (CH3)2P0C1 was measured both on the pure solid and as a solu
tion in benzene. Assignment of the fundamental vibrations based on depolarization data 
and position of the absorption bands is given and discussed. An alternative explanation 
is presented for the origin of one of the two bands of the proposed doublet for the P=S  
stretching vibration.

Introduction
As part of our continued study of organophosphorus 

compounds,2 the infrared and Raman spectra of di- 
methylphosphinoic chloride, dimethylphosphinothioic 
chloride, and dimethylphosphinothioic bromide have 
been recorded. Many conflicting assignments have ap
peared in the literature for the frequency of the stretch
ing vibration of the P=S bond. Several alternative 
reasons have been put forth to explain the variations in 
the assigned frequencies for this normal mode. Re
cently, Chittenden and Thomas3 tabulated the charac
teristic infrared absorption frequencies of the P=S, 
P—S—(C), P—S—(P), P—S—H, and P=Se bonds, 
and two characteristic bands of widely different fre
quencies have been assigned as the P=S stretching 
vibrations. The range for the higher band was given 
as 685-862 cm-1 and for the lower band 550-730 cm-1. 
In some cases the difference in frequency between the 
two bands is quoted as 150-170 cm-1. The most 
widely accepted suggestion for the origin of the two 
bands is that the bands correspond to different con- 
formers of the molecule. However, the large variation 
in the frequency of these bands casts considerable doubt

on this explanation. In order to shed more light on the 
subject, we have investigated the vibrational spectra of 
(CH,)*POCl, (CHi)*PSCl, and (CH3)2PSBr. This series 
of molecules cannot have different conformers, so if a 
second band is observed in the region of the P=S  
stretching mode, it must be assigned to a different 
motion in the molecule or a combination or overtone 
band. In order to be relatively certain as to the origin of 
the observed bands in the 550-860-cm-1 region it was 
necessary to make complete vibrational assignments for 
each of the molecules. A comparison of the frequencies 
of the normal modes for this series of molecules with 
those found for the CH3POF2 and CH3PSC12 molecules 
was expected to help explain the problem of accidental 
degeneracy for the bending modes of the X —P=Y  
group when X and Y are very similar in mass.

(1) Taken in part from a thesis by B. R. Mitchell submitted to the 
Department of Chemistry in partial fulfillment for a Ph.D. degree.
(2) (a) J. R. Durig, F. Block, and I. W. Levin, Spectrochim. Acta, 21, 
1105 (1965); (b) J. R. Durig, B. R. Mitchell, J. S. DiYorio, and 
F. Block, J. Phys. Chem., 70, 3190 (1966).
(3) R. A. Chittenden and L. C. Thomas, Spectrochim. Acta, 20, 
1679 (1964).
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Experimental Section
The infrared spectra were recorded from 4000 to 250 

cm-1 with a Perkin-Elmer Model 521 spectrophotom
eter. The atmospheric water vapor was removed from 
the spectrometer housing by flushing with dry nitrogen. 
In the high-frequency region, the instrument was cali
brated in the usual manner4 5 while the lower region was 
calibrated by using atmospheric water vapor and the 
assignments of Randall, et aU' The (CH3)2PSC1 and 
(CH3)2PSBr spectra were recorded as contact films be
tween CsBr windows while the spectrum of (CH3)2P0C1 
was recorded as a CC14 solution contained in 0.1-mm 
CsBr liquid cells.

Infrared spectra of approximately lOwt % solutions in 
benzene were recorded in polyethylene cells from 300 to 
33 cm-1 with a Beckman Model IR-11 spectrophotom
eter. The instrument housing was purged with dry 
air and calibrated using water vapor and the assign
ments of Randall, et al.s All reported frequencies are 
expected to be accurate to better than ±2 cm-1.

The Raman spectra of the liquids were recorded on a 
Cary Model 81 Raman spectrophotometer which had a 
circulating filter solution of 125 ml of o-nitrotoluene 
and 1.75 g of ethyl violet in 3 1. of 2-propanol to isolate 
the 4358-A mercury excitation line. Depolarization 
values were measured by the method of Crawford and 
Horwitz.6 The Raman spectrum of (CH3)2PSBr was 
recorded using the normal 5-ml sample tube. A 0.6-ml 
sample tube was employed for the (CH3)2PSC1 com
pound. The Raman spectrum of (CH3)2P0C1 was ob
tained in a benzene solution. Owing to the weakness of 
the resulting spectrum, the polarization data on this 
molecule are only qualitative; i.e., the band was ob
served to be either polarized or depolarized only. The 
Raman effect on crystalline (CH3)2P0C1 was observed 
with a Cary-81 Raman spectrometer equipped with an 
He-Ne laser source. The laser work was not done in 
this laboratory, and, unfortunately, no data were taken 
above 1500 cm-1.

The samples were prepared via the method of Pollart 
and Harwood.7'8
Results and Discussion

All three molecules have at most a plane of symmetry 
which passes through the X-—P=S or X—P = 0  bonds. 
Thus, they all belong to the point group Cs. Each 
molecule has 27 normal modes of vibration which can be 
broken down into 15 symmetric A' modes giving rise to 
polarized lines in the Raman effect and 12 A" modes in
volving motions antisymmetric to the plane. Nine of 
the normal modes are due to motions of the skeletal part 
of the molecule while the remaining 18 fundamental 
vibrations arise from movements of the methyl groups.

As a result of the symmetry of the molecules being 
studied, all fundamentals of the methyl groups should 
give rise to both in-phase and out-of-phase vibrations of 
the two groups. However, because of the large mass of 
the phosphorus atom, the coupling is expected to be 
small and many of the vibrations are coincident in 
frequency.

Dimethylphosphinoic Chloride. Dimethylphosphinoic 
chloride, (CH3)2P0C1, should exhibit six CH3 stretching 
motions, three of which are in-phase motions and belong 
to the A' symmetry species of the Cs point group whereas 
the other three vibrations are out of phase and belong to 
the A" symmetry species. The three vibrations in each 
symmetry species can be directly correlated to the CH3 
motions in a methyl halide of C3v symmetry. Thus, the 
four antisymmetric CH3 stretching modes are assigned 
to the band at 2988 cm-1 in the infrared spectrum of 
(CH3)2P0C1 (Figure 1). The lower frequency band, 
2916 cm-1, is then assigned to the two symmetric CH3 
stretching fundamentals. The infrared spectrum of the 
molecules also shows two peaks in the region of 1400 
cm“1, the expected frequency of the antisymmetric 
deformations, and two peaks in the 1300-cm-1 region, 
the frequency expected for the symmetric deformations. 
Thus, the bands at 1412 and 1400 cm-1 are ascribed to 
the four antisymmetric deformations which have been 
split either by lowering of the symmetry or a coupling of 
the methyl groups, but not both. The 1303- and 1292- 
cm_1 bands are then assigned to the symmetric deforma
tions, one in phase and the other out of phase. The 
methyl modes of lowest frequency, excluding the tor
sions, are the CH3 rocking fundamentals. If a compari
son of polarization data obtained on the (CH3)2PSC1 
molecule is made, there is little doubt that the 930- 
and 906-cm-1 bands are the in-phase CH3 rockings. 
The out-of-phase CH3 rocking modes evidently do not 
couple as strongly as do the in-phase motions, for only 
one band, at 865 cm“1, is ascribable to both of these 
motions. The weak band at 836 cm“1 is too weak to be 
assigned to one of the rocking modes, and the only al
ternative is assignment as the m +  r25 = 855 cm-1 
combination band in Fermi resonance with the out-of
phase rocking modes.

The phosphoryl (P=0) stretching fundamental is 
assigned to the strong band at 1246 cm-1. This band

(4) “ Table of Wavelengths for the Calibration of Infrared Spec
trometers,”  Butterworth Inc., Washington, D. C., 1961.
(5) H. M. Randall, D. M. Dennison, N. Ginsburg, and I. R. Weber, 
Phys. Rev., 52, 160 (1937).
(6) B. L. Crawford, Jr., and W. Horwitz, J. Chem. Phys., 15, 268 
(1947).
(7) K. A. Pollart and H. J. Harwood, J. Org. Chem., 27, 4444 (1962).
(8) K. A. Pollart and H. J. Harwood, ibid., 28, 3430 (1963).
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Figure 1. Infrared spectrum of a CCU solution of (CH3)2P0C1 in a 0.1-mm liquid cell equipped with CsBr plates. The regions of 
CClj absorption were rerun in a benzene solution, and the inlay in the frequency range of 700-1000 cm-1 shows the result.

displays a very distinct shoulder at 1235 cm-1 in the in
frared spectrum, a phenomenon common to phosphoryl 
stretching vibrations. The question of phosphoryl dou
blets has been discussed by many research workers, and it 
has been concluded that the doublet arises from two con- 
formers with different phosphoryl vibrational frequen
cies9 _1B or that one component of the doublet has its origin 
in a molecular vibration not connected with the phospho
ryl bond.9'10 11 12 13 14 15'16 However, neither of these reasons is ap
plicable to the dimethylphosphinoic chloride molecule 
because conformers cannot exist and there are no other 
fundamentals assignable to the region of 1250 cm-1. 
We have, therefore, assigned the 1235-cm-1 band to the 
A' combination band w  +  n2 = 1240 cm-1 which has 
obtained considerable intensity from a Fermi resonance 
with the phosphoryl stretching mode. In the Raman 
effect of the benzene solution of (CH3)2P0C1, only one 
strongly polarized line appears in this region at 1243 
cm-1. Our data are in good agreement with previous 
data on the effects of electronegativities on the phos
phoryl stretching frequency. Thomas and Chittenden16 
give the empirical relationship j'p=0 = 930 +  40 2x, 
where the summation is of the electronegativities over 
all the substituents on the phosphorus. The tt con
stants given yield an expected pp_o of 1234 cm-1 while 
the experimental value is slightly lower than 1246 cm-1, 
but owing to the expected Fermi resonance, the exact 
frequency is not known. The Raman spectrum of crys
talline (CH3)2P0C1 has but one line in this frequency 
range at 1195 cm-1. Thus, the frequency of the P = 0  
stretching fundamental shifts about 50 cm-1 in the 
crystal which indicates that a considerable amount of 
association in the crystal must be through the phos
phoryl oxygen.

The infrared spectrum of (CH3)2P0C1 has two ab
sorptions in the region expected for the PC2 stretching 
modes: a medium-intensity band at 751 cm-1
and a strong band at 696 cm-1. The Raman ef
fect shows a strong, polarized line at 700 cm-1 and a 
weak depolarized line at 760 cm-1. On this basis, we 
have assigned the higher frequency band to the anti
symmetric PC2 stretching mode and the 700-cm_1 band 
to the symmetric PC2 stretching vibration. The three 
remaining fundamentals of the mid-infrared spectrum 
can readily be assigned to the P—Cl stretching and The 
in- and out-of-plane 0 = P —Cl bending modes. Durig, 
et al.,2a have shown that the P—Cl stretching mode is 
expected to he in the region of 480 cm-1. Therefore, 
the strongly polarized Raman line at 487 cm-1 is attrib
uted to the P—Cl stretching motion. Polarization data 
on the two bands at 370 and 335 cm-1 indicate that the 
higher frequency band should be assigned to the out-of
plane 0 = P —Cl bending mode while the weakly 
polarized band at 335 cm-1 should be attributed to the 
A' bending motion. The reversal of intensities occur
ring in the infrared and Raman spectra is strong support 
for these assignments; i.e., the A' bending mode is the
(9) F. S. Mortimer, Spectrochim. Acta, 9, 270 (1957).
(10) J. V. Bell, J. Heisler, H. Tannenbaum, and J. Goldenson, J. Am. 
Chem. Soc., 76, 5185 (1954).
(11) R. C. Gore, Discussions Faraday Soc., 9, 138 (1950).
(12) L. J. Bellamy and L. Beecher, J. Chem. Soc., 475 (1952).
(13) L. J. Bellamy and L. Beecher, ibid., 1701 (1952).
(14) B. Holmstedt and L. Larsson, Acta Chem. Scand., 5, 1179 
(1951).
(15) L. S. Maiants, E. M. Popov, and M . I. Kabachnik, Opt. Spectry. 
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Figure 2. Region of absorption of (CH3)2POCI in the 
far-infrared region. The spectrum was recorded in a 
benzene solution contained in 1-mm polyethylene liquid cells. 
The starred band at 303 cm -1 is the result of a 
weak absorption band in benzene.

stronger absorber in the Raman effect while the A" 
bending motion is the more intense absorber in the in
frared spectrum.

Examination of the far-infrared spectrum (below 300 
cm-1) was expected to produce the five fundamentals 
not already assigned, i.e., the PC2 twisting, wagging, 
and deformation, and the in-phase and out-of-phase 
methyl torsions. The region from 33 to 300 cm-1 pro
duced only two additional bands (Figure 2): a very 
weak absorption at 298 cm-1 and a strong absorption at 
237 cm-1. These frequencies are much too high to be 
ascribed to the methyl torsions. The 298-cm~1 band is 
extremely weak, but it could not be attributed to a 
combination or difference band of any of the assigned 
fundamentals. Consequently, we have tentatively as
signed the 298-cm-1 absorption to the PC2 wagging 
which preserves the symmetry plane. The Raman ef

fect of crystalline (CH3)2P0C1 shows two bands in the 
region of 237 cm-1: one at 258 cm-1 and the other at 
221 cm-1. It would appear then that in solution the 
PC2 twisting and deformation are accidentally degener
ate at 237 cm-1, whereas in the solid the two bands are 
split by 17 cm-1. The higher frequency band is as
cribed to the twisting mode whereas the lower band is 
thought to be due to the PC2 deformation. (See Table 
I for spectra of (CH3)2P0C1.)

Dimethylphosphinothioic Chloride. The motions of 
the methyl groups of (CH3)2PSC1 are certainly expected 
to parallel those of the corresponding motions in the 
(CH3)2P0C1 molecule disscussed above. The infrared 
and Raman spectra (Figures 3 and 4) show the obvious 
similarities; consequently, no discussion is given for the 
assignments of the methyl modes for the (CH3)2PSC1 
molecule.

The spectrum of (CH3)2PSC1 has only three funda
mental absorptions in the frequency region of 800-400 
cm-1, but four bands are expected: the symmetric and 
antisymmetric PC2 stretching modes, the P = S  stretch
ing vibration, and the P—Cl stretching mode. The 
three bands are observed at 750, 608, and 455 cm-1 in 
the infrared spectrum. For CH3PSC12, Durig, et al.,2& 
have shown that the P = S  stretching mode absorbs at 
672 cm-1. The frequency of this mode in (CH3)2PSC1 
is thus expected to lie lower than 672 cm-1.3 Thus, the 
608-cm-1 band is assigned to the P=S  stretching vibra
tion. The 750-cm_I absorption is ascribed to both PC2 
stretching modes. The apparent accidental degeneracy 
of the PC2 stretching vibrations is believed to be the re
sult of a mutual repulsion of the A' PC2 and P = S  
stretching energy levels. The result is that the sym
metric PC2 stretching mode is pushed from its unper
turbed frequency of about 700 cm-1 (696 cm-1 in 
(CH3)2P0C1) to 750 cm-1, the frequency of the anti
symmetric PC2 stretching fundamental. Such a per
turbation would also lower the P = S  stretching vibra
tion which accounts for the rather low value of 608 cm-1 
found for the P = S  stretching motion is this molecule. 
The remaining band at 455 cm-1 is confidently assigned 
to the P—Cl stretching vibration.

The low region of the spectrum displays two bands in 
the infrared and three in the Raman. All the bands 
found are considerably higher than would be expected 
for the two methyl torsions. Thus, there are five modes 
which are expected to absorb energy in this region of the 
spectrum. The polarized band at 276 cm-1 in the 
Raman effect is assigned to the PC2 wagging of sym
metry species A'. The band at 217 cm-1 is depolarized 
and is assigned to the A" fundamental described as a 
PC2 twisting motion. The third absorption is found at 
198 cm-1 and is polarized; it is attributed to the PC2
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Table I: Infrared and Raman Spectra of (CH3)2P0C1

Infrared, Raman,
ecu benzene Raman,
soln, soln Depolar- crystal.
cm -1 Intensc (cm -1) Intensb izationc cm -1 ✓------------------------------------Assignments------------------------------------->

2988 V W 3000 30 dp vi, »2, »1«, v n , antisym CH 3 str
2916 w 2917 1 0 0 P Vi, vis sym CH3 str
1412 m 1409 30 P vt, vs, vw , v2o antisym CH3 def
1400 sh
1303 s »e, va  sym CH 3 def
1292 s
1246 vs 1243 15 P 1195 vi P = 0  str
1235 sh vs +  »12 =  1240 cm - 1  in Fermi resonance with »7

930 s 934 14 P vs sym CH3 rock (in-phase)
906 s vs antisym CH 3 rock (in-phase)
865 s v n , v n  sym and antisym CHs rock (out-of-phase)
836 w »11 +  v n  =  855 cm - 1  in Fermi resonance with

v n  and va

751 m 760 2 dp »24 antisym PC 2 str
696 s 700 20 P 710 »10 sym PC2 str
488 s 487 17 P 484 »11 P— Cl str
367 s 370 4 dp 368 V25 0 = P — Cl bend.
334 m 335 8 P 350 »12 0 = P — Cl bend
298° m 297 5 P 308 »i3 PC2 wag
237“ vw 234 7 dp 258 »14 PC2 twist

221 ^26 PC2 def
»15, vn CH S torsions

“ Far-infrared spectrum was obtained in benzene solution. b Intensity measurements in this sample are very rough owing to noise 
and fluorescence. '  Abbreviations used: s, m, w, v, p, dp, and sh denote strong, medium, weak, very, polarized, depolarized, and 
shoulder, respectively.

deformation vibration. Thus, the Cl—P = S  bending 
motions have not been assigned. The 276-cm“1 band, 
however, is considerably more intense in the spectrum 
of (CH3)2PSC1 than it is in the spectrum of (CH3)2P0C1. 
It seems reasonable, therefore, to assume that this mode 
obtains a portion of its intensity from an accidentally 
degenerate in-plane Cl—P = S  bending mode which is

also expected to give rise to a polarized Raman line. 
It is believed that the out-of-plane Cl—P = S  bending is 
not observed here owing to the similarity in the masses 
and bond lengths of the P—Cl and P = S  bonds. 
Durig, et al.2h, have shown that the bending modes for 
the molecules CH3POF2 and CH3PSC12 behave as if the 
molecules had C3v symmetry, and, consequently, only
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FREQUENCY (CM1)

Figure 4. Raman spectrum of 0.6 ml of liquid (CH3)2PSC1.

Table II: Infrared and Raman Spectra of (CHa)2PSCl“

Infrared, Raman,
liquid, liquid, Depolar-
cm" 1 Intena cm1"1 Intena izatioti *■-----------------------------Assignment------------------------------ >

2990 S 2987 49 'A  dp *>1, Vi, Vie, v n  antisym CH3 str
2915 S 2911 100 0.14 p vs, v ie  sym CH3 str

2786 2 0.33 p 2 X  ( v i, vs, v n ,  or v i0 )  =  2810 cm -1
2255 w ( v*, vs, vI9, or V20) +  (i*22 or r23) =  2263 cm-1
2215 vw ( ve  or i*2i ) +  v i  =  2243 cm-1
2155 w ( v i ,  vs, v u ,  or i*2o) +  i*24 =  2155 cm-1
2038 w ( ve  or ><2i) +  i*24 =  2039 cm-1
1408 s 1405 21 'A  dp ve, vs, v ie , v ie  antisym CHS def
1359 w rio +  v n  =  1358 cm-1
1299
1289 i } 1294 2 "A dp ve, v u  sym CH3 def

1225 w v i  +  ( v u  or >>13) =  1226 cm-1
954 s 950 6 0.26 p j>7 sym CH3 rock (in-phase)
915 s 918 4 0.31 p v s antisym CH3 rock (in-phase)
857 s 858 4 “A  dp 4*22, l'a sym and antisym rock (out-of-phase)
750 s 750 21 6 A  dp v 9, vm  sym and antisym PC2 str
678 w ?
608 s 612 78 0.19 p i*io P==S str

555 1 0.39 p 2 X  (ri2 or i*i3) =  556 cm-1
455 s 457 93 0.23 p ru P—-Cl str
278 s 276 78 0.73 p 4*12, i*i3 PC2 wag, Cl— P = S  bend

217 40 'A  dp >*26 PC2 twist
196 s 198 74 0.76 p ru PC2 def

4*26 Cl— P = S  bend
i*i6, 4*27 CH3 torsions

° Abbreviations used as in Table I.

three of the five bending inodes are observed. Analo
gously, the (CH3)2PSC1 molecule would behave like a 
molecule with Civ symmetry; the A" Cl—P = S  bend
ing mode is transformed to the A2 mode. An A2 mode

for a C2v molecule is infrared inactive and is usually not 
observed in the Raman effect. An alternative explana
tion could be that the in- and out-of-plane Cl—P = S  
bending modes are degenerate since only a small split-

The Journal o f  P hysica l Chem istry



Vibrational Spectra op Organophosphorus Compounds 3821

FREQUENCY ( O ')

Figure 6. Raman spectrum of 5 ml of (CH3)2PSBr.

ting was found for the corresponding Cl—P = 0  bending 
modes. (See Table II for spectra of (CH3)2PSC1.)

Dimethylphosphinothioic Bromide. In the case of the 
two chlorides just discussed, the perturbation resulting 
from lowering the symmetry from C3v to Cs was not 
enough to split the degeneracy of the two antisym
metric CH3 stretching modes. The infrared and Raman 
spectra of dimethylphosphinothioic bromide, (CH3)2- 
PSBr (Figures 5 and 6), however, show a very definite 
shoulder on the high-frequency side of the band at 
around 3000 cm-1. Both bands are depolarized and are 
located at 2990 and 2976 cm-1 in the Raman spectrum. 
It would, therefore, appear that the introduction of the 
bromide atom onto the molecule was sufficient to re
move the degeneracy of the two antisymmetric stretch
ing fundamentals. The strong polarized band at 2905 
cm-1 is then assigned to the symmetric stretching. 
There is, however, still no coupling of the two methyl 
groups for these motions. Consequently, all three 
bands represent both one A' and an A" vibration which 
are coincident in frequency.

In the Raman spectrum of (CH3)2PSBr, only one band

is found in the region of the methyl antisymmetric de
formations. In the infrared spectrum, however, three 
bands are observed at 1406, 1397, and 1389 cm-1. If 
the splitting of the degeneracy or the coupling of the 
methyl groups were greater, one would expect to see 
four bands in this region. It is believed that the four 
absorptions are so close together that an accidental 
degeneracy occurs. The symmetric deformations are 
again split into the out-of-phase and the in-phase mo
tions at 1297 and 1286 cm-1. The infrared spectrum 
of the (CH3)2PSBr molecule shows four bands at 954, 
913, 895, and 861 cm-1; the first two frequencies are 
represented by polarized Raman bands at 947 and 909 
cm-1, respectively, while the corresponding Raman fre
quency of the fourth band at 848 cm-1 is depolarized. 
No Raman counterpart to the 895-cm-1 band was ob
served. Using the same arguments as were used for 
the two previous molecules, we have assigned the 
954-cm“1 band to the in-phase symmetric CH3 rock
ing whereas the 913-cm“1 band is ascribed to the in- 
phase motion of the antisymmetric methyl rocking 
mode. The out-of-phase A" rocking vibrations are 
assigned at 895 cm-1 for the symmetric mode and at 
861 cm-1 for the antisymmetric fundamental.

The three remaining bands in the infrared spectrum 
are all due to skeletal modes. For reasons discussed in 
the previous section, the band at 744 cm-1 is assigned 
to both the A' and the A” PC2 stretching vibrations. 
The polarized band at 600 cm“1 is readily assigned as 
the P=S stretching mode whereas the other band, also 
strongly polarized, is ascribed to the P—Br stretching 
vibration of symmetry species A' and is found at 368 
cm-1 in the infrared spectrum and at 373 cm-1 in the 
Raman effect.

The far-infrared and Raman spectra of (CH3)2PSBr 
each contain four bands below 300 cm-1. The bands
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Table HI: Infrared and Raman Spectra of (CH3)2PSBr“

Infrared, Raman,
liquid, liquid, Depolar-
cm -1 Intens cm -1 Intens ization »—-------------------------------- Assignment---------------------------------

2982 m 2990 39 "A dp »i, v m  antisym CH3 str
2976 50 •A dp »2, v n  antisym CH3 str

2905 m 2905 100 0.10 p v 3,  v i s  sym CH3 str
2780 2 0.18 p 2 X ( » 4 ,  v s , v i s ,  or v w )  =  2786 cm -1
2560 1 0.47 p 2 X (»6 or »21) =  2576 cm-1

2240 w 2247 1 6A dp ( v i ,  v s , »19, or v w )  +  »23 =  2241 cm -1
2202 v w 2205 1 0.64 p ( v s  or v n )  +  » 7  =  2235 cm-1
2140 w 2140 1 6 A dp (»4, v s ,  v w ,  or v w )  +  ( » 9  or v u )  =  2137 cm -1
2027 w ( v s  or V21) +  »24 =  2032 cm - 1

1415 sh 1
1397 m 1393 12 ‘ A dp |>» , »5, » 19, »20 antisym CH 3 def
1389 sh 1
1347 w v io  “h ^24 =  1344 cm *
1297 1
1286 s 1288 1 •A dp i> »6, »21 sym CH3 def

1199 w 2»io =  1200 cm-1
954 s 947 5 0.31 p »7  sym C H s rock (in-phase)
913 s 909 4 0.64 p »s antisym CH3 rock (in-phase)
895 sh »22 sym CH3 rock (out-of-phase)
861 m 848 2 6 A  dp »23 antisym CH3 rock (out-of-phase)
852 sh V12 — 864 cm -1
746 s 744 18 "A dp »3, »24 sym and antisym PC2 str
601 s 600 63 0.13 p »10 P = S  str

544 2 0.40 p »11 +  »14 =  536 cm-1
368 s 373 98 0.23 p »11 P— Br str
263 s 264 33 0.70 p »12 PC2 wag, »25 Br— P = S  bend
239 s 235 79 0.50 p »i3 Br— P = S  bend
201 w 202 16 8 A dp »26 PC2 twist
168 s 163 97 0.78 p »14 PC2 def

»15, »27 CHS torsions

“ Abbreviations used as in Table I.

which are observed in the far-infrared region (Figure 7) 
are too high in frequency to possibly be ascribed to the 
two methyl torsions. In the spectrum of (CH3)2P0C1 
is was observed that the PC2 wagging mode was an ex
tremely weak band, and this fact was used in assigning 
the strong band at 278 cm-1 in (CH3)2PSC1 to an acci
dental degeneracy of the PC2 wagging and the S=P—Cl 
bending modes. The spectrum of (CH3)2PSBr has a re
latively strong absorption in this region, 263 cm-1, which 
is again assigned to an accidental degeneracy of the PC2 
wagging and S=P—Br bending modes. An alternative 
explanation is that the PC2 wagging mode is simply too 
weak to be observed in the spectra of (CH3)2PSBr and 
(CH3)2PSC1, and the two strong bands may be ascribed 
simply to the X—P=S bending motions. The Br— 
P==S in-plane bending is ascribed to the strong, polar
ized Raman line at 235 cm-1. The weak, depolarized 
band at 202 cm“1 is assigned to the PC2 twisting mode 
of symmetry species A". The final observed band is 
found at 163 cm-1 and is polarized; it is, therefore,

assigned to the PC2 deformation which is symmetric to 
the plane of symmetry. (See Table III for spectra of 
(CH3)2PSBr.)

Table IV is a summary of the fundamental frequencies 
of the three molecules studied in this work.
Summary

One of the interesting observations in this study is the 
demonstrated coupling of the PC2 symmetric stretching 
vibration with the P=S stretching mode. In the spec
trum of (CH3)2P0C1, two definite absorptions are 
attributable to the PC2 stretching modes: one at 
751 cm-1 assigned to the antisymmetric vibration and 
the other at 696 cm-1 ascribed to the symmetric mo
tion. However, in the spectra of (CH3)2PSC1 and 
(CH3)2PSBr only one band can be assigned to the 
stretching motions of the PC2 bonds, and these are 
found at 750 and 746 cm“1, respectively. The vibra
tional energy levels of (CH3)2P0C1 are thought to be 
unperturbed, and the two PC2 stretching motions ab-
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Table IV : Summary of the Fundamental Frequencies

Description
of mode (CHt)»POCl (CH 3) 2PSC1 (CH 8) 2PSBr

A ' Symmetry Species
Antisym CH3 str 2988 2990 29906
Antisym CH3 str 2988 2990 29766
Sym CH3 str 2916 2915 2905
Antisym CH3 def° 1412 1408 1415
Antisym CH3 clef“ 1400 1408 1397
Sym CH3 def 1303 1299 1297
P = 0  or P = S  str 1246 608 601
Sym CH3 rock 930 954 954
Antisym CH3 rock 906 915 913
PC2 str 696 750 746
P—X  (X  =  Cl, Br) str 488 455 368
0 = P —X  or S = P —X 334 278 239

bending
PC2 wag 298 278 263
PC2 twist 237 2176 201
CH3 torsion . . .

A "  Symmetry Species
Antisym CH3 str 2988 2990 29906
Antisym CH3 str 2988 2990 2976*
Sym CH3 str 2916 2915 2905
Antisym CH3 def“ 1412 1408 1389
Antisym CH3 def“ 1400 1408 1389
Sym CH3 def 1292 1289 1286
Sym CH3 rock 865 857 895
Antisym CH3 def 865 857 861
PC2 str 751 750 746
0 = P — X  or S = P —X 367 263

bending
PC2 def 237 196 168
CH3 torsion

; The exact assignment of these frequencies to the four modes
is unknown. 6 Raman frequencies; all others are infrared fre
quencies.

sorb quite independently. In the case of (CH3)2PSC1 
and (CH3)2PSBr, however, the unperturbed vibrational 
energies of the symmetric PC2 stretching mode and 
P=S stretching motion are believed to be sufficiently 
close to one another to cause a strong repulsion of the 
two symmetric levels. The result is that the A' PC2 
stretching fundamental is shifted to a higher frequency 
and covers the A" PC2 stretching mode. These con
clusions are in agreement with the work of Hooge and 
Christen,17 who state that the isolated P=S stretching 
frequency should be 675 cm-1.

Chittenden and Thomas3 have done considerable 
work on the P=S stretching fundamentals, and they 
state that two bands arise from the P=S motion, 
similar to the P = 0  doublets discussed earlier. The 
two bands of the doublet, however, are split by some 
150 cm-1, the over-all regions being 685-862 and 550-

FREQUENCY (C k f 'l

Figure 7. Region of absorption of (CH3)2PSBr in the 
far-infrared region. The spectrum was recorded as a 
benzene solution in 1-mm polyethylene liquid cells.

730 cm-1. The evidence that both bands arise from 
the P=S motion is the fact that both bands disappear 
during the isomerization of phosphorothionates to 
phosphorothioates

R S R 0
\ /  X - /p  = 1  p

RO OR RO SR
This evidence seems extremely weak if one considers 
the fact that, upon isomerization, the P—C bond also 
disappears and, as mentioned in the text, that is the 
region expected for the PC stretching modes. Thus, it 
would appear that the disappearance of both bands 
upon isomerization is in excellent agreement with the 
assignments put forth in this paper. In conclusion, we 
believe many of the assignments for the P=S stretching 
vibration which were classified as band I by Chittenden 
and Thomas8 are more appropriately described to other 
motions in the organophosphorus compounds. In 
order to give more convincing data for two P=S  
stretching modes of vastly different frequencies, com
plete vibrational assignments are needed for the mole
cules in question.
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The electrical conductivity of aqueous KC1 solutions has been measured over the concen
tration range 0.03-4.0 M , the temperature range —8 to +20°, and at pressures up to 
4000 kg/cm1 2. The effect of these variables on conductivity is similar to their effect on 
viscosity—generally speaking, they all tend to destroy the regions of structure in water and 
cause water to behave more like a “normal” liquid. Inasmuch as their effects are similar, 
the operancy of one variable tends to diminish the relative effectiveness of a second. Thus, 
increasing the temperature or adding electrolyte tends to smear out the anomalous minimum 
in the pressure dependence of the relative viscosity or the anomalous maximum in the 
pressure dependence of the relative conductance.

Introduction
A great many measurements have been reported on 

the electrical conductivity of aqueous electrolytic 
solutions under hydrostatic pressure;1 for example, 
Korber;2 Tamann and Rohmann;3 Adams and Hall;4 
Zisman;5 Buchanan and Hamann;6 Hamann and 
Strauss;7 Ellis;8 Fischer, Mann, and Vaughan;9 Brum- 
mer and Hills;10 Fischer;11 Horne, Myers, and Fry- 
singer;12 and Horne and Courant13 14 15 all have examined 
the system H20-KC1, but the more recent work has 
been concerned with solutions 0.10 M  or more dilute 
with particular emphasis given to the estimation of 
limiting conductances under pressure, and more con
centrated solutions have been neglected.

Measurements of the viscosity of water under pres
sure have shown that pressure is even more effective 
than temperature in destroying the less-dense struc
tured regions in liquid water.1’14 Walden’s rule is a 
good approximation for aqueous electrolytic solutions 
thereby indicating that the effect of temperature on the 
hydration atmospheres of ions in solution, at least that 
part of its hydration that an ion takes with it when it 
moves, is relatively modest; whereas the application of 
pressure tends to break up the water structure near 
ions and by thus in effect decreasing their radii, gives 
rise to a more abrupt increase in electrical conductivity 
with increasing pressure than expected from the vis
cosity and volume changes.1’5’16’16 In addition to

temperature and pressure the presence of an electrolyte 
is known to affect the structure of water both in the 
immediate neighborhood of the ions (électrostriction) 
and more remotely (the total hydration atmosphere). 
The over-all effect of some ions is to enhance the water 
structure whereas others are structure breakers.17 
At 1 atm and 20° a structure-making ion such as Na+
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(2) F. Korber, Z. Physik. Chem., 67, 212 (1909).
(3) G. Tamann and A. Rohmann, Z. Anorg. Allgem. Chem., 183, 
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(1953).
(7) S. D. Hamann and W. Strauss, ibid., 51, 1684 (1955).
(8) A. J. Ellis, / .  Chem. Soc., 3689 (1959).
(9) A. Fischer, B. R. Mann, and J. Vaughan, ibid., 1093 (1961).
(10) S. R. Brummer and G. J. Hills, Trans. Faraday Soc., 57, 1823 
(1961).
(11) F. H. Fisher, J. Phys. Chem., 66, 1607 (1962).
(12) R. A. Horne, B. R. Myers, and G. R. Frysinger, J. Chem. Phys., 
39, 2666 (1963).
(13) R. A. Horne and R. A. Courant, J. Chem. Soc., 3548 (1964).
(14) R. A. Horne and D. S. Johnson, J. Phys. Chem., 70, 2182 
(1966).
(15) R. A. Horne, Nature, 200, 418 (1963).
(16) R. A. Home, Water Resources Res., 1, 263 (1965).
(17) R. W. Gurney, “ Ionic Processes in Solution,”  McGraw-Hill 
Book Co., Inc., New York, N. Y., 1953, Chapter 9.
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has four water molecules tightly bound in its electro- 
stricted innermost solvation sheath, but it has a total 
of 37 waters in its total structure-enhanced hydration 
atmosphere or almost exactly the same number of 
waters as in the average Frank-Wen cluster at the 
same temperature.18 Water is only 55.6 M  in water; 
clearly then, between 1 and 2 M  the ions will begin to 
compete seriously with one another for solvent mole
cules. In the cases of Li+ and Na+, but not K+, 
Good19 has actually observed inflections in the Ar
rhenius activation energy of viscous flow vs. electrolyte 
concentration curves presumably corresponding to the 
onset of overlap of the ions’ hydration envelopes.18

In view of the foregoing considerations it seemed of 
interest to examine the transpost properties of aqueous 
electrolytic solutions under the simultaneous influence 
of all three structure-altering parameters—temperature, 
pressure, and electrolyte—in order to clarify the nature 
of the relationships among these several factors.
Experimental Section

The apparatus and procedures for measuring the 
electrical conductivity of aqueous solutions under 
pressure have been described previously.20 A capillary- 
type conductivity cell was used.
Results

Figure 1 shows the equivalent conductances at 1 atm 
as a function of temperature with values from the liter
ature also shown for purposes of comparison. The 
agreement is satisfactory.

Figures 2-6 show the relative specific conductances, 
K J K x  atm, of 0.03, 0.10, 0.30, 1.00, and 3.00 M  KC1 
solutions as a function of hydrostatic pressure. In 
order to obtain absolute specific conductances it is only 
necessary to convert the equivalent conductances in 
Figure 1 to 1-atm specific conductances and multiply 
by the relative conductances in Figures 2-6. The 
calculation of absolute equivalent conductances at 
pressure entails a correction for volume changes. In 
Figure 6, the old data of Korber2 for 3.0 M  KC1 at 
20° are also plotted, and their agreement with the 
present results is only fair; in particular, the curve 
does not fall off as steeply above the maximum with 
increasing pressure as do more modern measurements. 
The measurements of Adams and Hall4 on 15% (ap
proximately 2.6 M ) NaCl at 30° appear to be commen
surate with the present results on 3.0 M  KC1 at 20°.
Discussion

The application of hydrostatic pressure, in addition 
to destroying the less-dense structured regions in bulk 
liquid water, unlike temperature, is also effective at 
destroying the local water structure of the hydration

Figure 1. Temperature dependencies of the equivalent 
conductivities of aqueous 0.03, 0.10, 0.30, 1.00, 
and 3.00 M KC1 solutions at 1 atm.

atmosphere of ions in solution (see above) and recently 
the dehydration of solid hydrated salts at 25° by high 
pressure has been demonstrated.21 As a consequence 
of the dehydration of ions in solution the relative con
ductance increases more steeply with pressure (Figures
2-6) than does the product (V i/ V P)(vi/vp) of the 
reciprocal of the relative specific volume and relative 
viscosity (Figure 7). Figure 7 shows the product of the 
reciprocals of the relative viscosities and specific 
volumes of pure water as a function of pressure. For 
pure water the specific volume data at 0, 10, 20, and 
30° of Bridgman, as quoted by Dorsey,22 and the 
viscosity data of Horne and Johnson14 at 2, 10, and 20° 
and of Bett and Cappi23 at 30° are used. Comparison 
of the Figures for K J K i  atm vs. P  for the dilute solu
tions with Figure 7 confirms the dehydration phenome
non. However, the pressure dependence of K P/ K X atm

(18) R. A. Home and J. D. Birkett, Electrochim. Acta, 12, 1153 
(1967).
(19) W. Good, ibid., 9, 203 (1964).
(20) R. A. Horne and G. R. Frysinger, J. Geophys. Res., 68, 1967 
(1963).
(21) R. R. Sood and R. A. Stager, Science, 154, 388 (1966).
(22) N. E. Dorsey, “ Properties of Ordinary Water-Substance,’ ’ 
Reinhold Publishing Corp., New York, N. Y ., 1940.
(23) K. E. Bett and J. B. Cappi, Nature, 207, 620 (1965).
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Figure 2. Relative specific conductance 
of an aqueous 0.03 M  KC1 solution.

for the more concentrated solutions should not be com
pared with (V i/V p)(rii/vp) for pure water. Unfortu
nately, the only aqueous electrolytic solution for which 
there appears to exist reliable data for both specific 
volumes and viscosities under pressure is sea water. 
(V i/ V P)(m/Vp) for sea water is shown in Figure 7 as 
dashed curves. The specific volume data are for 
25.568 °/00 salinity sea water at 1.23, 10.15, and 
20.05°24 and the viscosity data for 35.00 °/00 salinity 
sea water (approx 0.5 M  NaCl) at 0.84, 10.13, and 
20.14°.25 The sea water values (Figure 7) indicate that 
electrolyte addition lowers (V i/V p)(rii/vp); thus, al
though the K „/ K i for 3.0 M  KC1 at 20° and 2000 
kg/cm2 has fallen to only 1.03, there is no reason for 
supposing that this ratio is not still greater than the 
corresponding value of (Fi/Fp) (vi/Vp)- 

Figure 8 is a plot of the K v/K\ at 2000 kg/cm2 
near 0 and 20° as a function of electrolyte concentration. 
Perhaps an even more instructive plot would be (K PK i) 
(Vi/Vp) (vi/Vp) vs. concentration, but unfortunately, 
insufficient data are available. Figure 8 indicates 
that as the concentration increases the extent of dehy
dration at a given pressure diminishes, as evidenced 
by a decrease in the value of K J K i  atm. Alternatively,

Figure 3. Relative specific conductance 
of an aqueous 0.10 M KC1 solution.

the maximum value of K v/K\ atm can be plotted vs. 
temperature for various pressures. The resulting 
Figure 9 indicates that the dehydrating effects of both 
temperature and pressure become less marked as the 
concentration increases, for in the more concentrated 
solutions the competition for waters is keen, and the 
waters upon which a given ion can make a claim are 
held more strongly; that is to say, in more concentrated 
solutions there are no, or at least fewer, weakly bound 
waters. The curves for the 0.03 and 0.10 M  solutions 
fall very nearly on the shown curve for the 0.30 M  so
lution.

When an electrolyte is dissolved in water the coulom- 
bic fields of the ions, especially the cations, electro- 
strict the nearby water dipoles, binding them strongly 
and compactly so that the reaction is accompanied by

M+ +  H20 —> M(H20)+ solution (1) 
an over-all volume decrease. Therefore, simply by

(24) W. Wilson and D. Bradley, “ Specific Volume, Thermal Expan
sion, and Isothermal Compressibility of Sea Water,“  U.S.N. Ordnance 
Laboratory Report NOLTR-66-103, June 2, 1966.
(25) R. A. Horne and D. S. Johnson, J. Geophya. Rea., 71, 5275 
(1966).
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Figure 4. Relative specific conductance 
of an aqueous 0.30 M KC1 solution. of an aqueous 1.00 M  KC1 solution.

the application of the principle of LeChatelier, one 
expects that the application of pressure should stabi
lize rather than disrupt ionic hydration, which is an 
exactly opposite conclusion from that drawn above on 
the basis of the more rapid increase in conductivity 
with increasing pressure than expected from the specific 
volume and viscosity changes.

In order to resolve this difficulty we have proposed 
that the structure-enhanced zone of the Frank-Wen 
model of ionic hydration26 (which consists of an inner 
water structure-enhanced zone surrounded by an outer 
structure-broken zone) can in turn be subdivided into 
two further zones: an inner zone immediately adjacent 
to the ion consisting of tightly bound electrostricted 
water more dense than the water at some great distance 
from the ion, and a second zone which is in effect a 
Frank-Wen cluster and which is less dense than the 
water at some great distance from the ion.1’18 In the 
case of NaCl the total number of molecules in the 
structure-enhanced zone (electrostricted plus cluster 
water) can be estimated from the concentration de
pendence of the activation energy of viscous flow19 
and comes out to be the same as the average number of 
molecules in a Frank-Wen cluster in pure water at the

Figure 6. Relative specific conductance 
of an aqueous 3.00 M  KC1 solution.

(26) H . S. F rank  and W . Y .  W en , D iscussions Faraday Soc., 24 , 133 
(1957).
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Figure 7. Pressure dependencies of the product of the 
reciprocals of the relative specific volume and viscosities 
of pure water and sea water (dashed curves).

Figure 8. Relative specific conductances at 2000 
kg/cm2 as a function of electrolyte concentration.

same temperature as estimated by N&nethy and 
Scheraga.27

As the hydrostatic pressure is increased the less 
dense Frank-Wen clusters surrounding the ions are 
destroyed. Then, inasmuch as the dense electro- 
stricted region is relatively incompressible, a pressure

Figure 9. Maximum relative specific conductances 
as a function of temperature.

Figure 10. The temperature dependence of the 
pressure effects on conductivity near 2°.

is reached at which the density of the bulk water ex
ceeds that of the electrostricted water and the electro-
(27) G . N ém eth y  and H . A . Scheraga, J . Chem. P h ys ., 36 , 3382 
(1962).
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Figure 11. The concentration dependence of the 
pressure effects on conductivity in the 15-30° range:
(A) 1.00 M  KC1 at 18.114°, (B) 3.00 M KC1 at 14.91°,
(C) 4.5 m NaCl at 30°, (D) 3.5 m NaCl at 30°, (E) 2.6 m 
NaCl at 30°, (F) 0.5 m NaCl at 30°, (G) 0.05 m KC1 at 
25° [for (C)-(G), Ri atm/Rp},' (H) 0.01 N  NaCl at 30°,6 
(I) 0.30 M  KC1 at 24.74°, (J) 4.00 M  KC1 at 
19.89°, (K) 2.00 M  KC1 at 19.92°.

stricted region begins to break up. Previously we 
estimated28 that by 5000 kg/cm2 the number of water 
molecules in the first hydration sheath or electrostricted 
region of Na+ is reduced from 4 to 1.

If eq 1 is rewritten in more detail as
M+ +  (e +  c +  B)H20 — ►

M+(H2O).(H2O)0(H2O)b (2)
where the subscripts e, c, and B represent electro
stricted and clustered water and the region of broken 
water structure, respectively, then for électrostriction 
to be observed it is only necessary that

|A F h 2o ,b | +  |A 7 H!0,e| >  |A F h 2o ,c| (3)
and hence the observed volume change becomes

|AFh20,b| +  | A F h20 ,ej — |aFh2o,cI
and not

| A F;H 20 ,e |

The concentration dependence of the pressure effects

is shown more clearly in Figures 10 and 11, where the 
relative specific conductances are plotted vs. pressure 
at a low (near 2°) and a higher (near 20°) temperature 
for various concentrations of KC1. Notice that Figure 
11 also reports results of measurements on 2.0 and 4.0 M  
KC1. Comparison of Figures 10 and 11 indicates 
that the effect of the presence of electrolyte becomes 
more important and makes a correspondingly larger 
change in the pressure effect at lower temperatures 
which is what one might expect since there is more 
water structure to be perturbed by the combined 
effects of electrolyte and pressure at lower tempera
tures. In Figure 11 the relative resistance reciprocal, 
ifi atm/Rp, for NaCl solutions as measured by Adams 
and Hall4 are also plotted (as dashed lines) for purposes 
of comparison. The curves for NaCl and KC1 ex
hibit the same general features, namely the maximum in 
Kp/Khim vs. P tends to diminish with increasing elec
trolyte concentration. However, in detail the two 
curves differ widely and increasing the concentration 
of KC1 is much less effective at lowering (Kp/K \  atm) maic 
than increasing the concentration of NaCl. In fact, 
in the latter case (AP/Njatm)maX has disappeared 
by the time a 3.5 M  solution is reached. Adams and 
Hall4 also measured a 0.05 M  KC1 solution at 25° and 
obtained results in agreement with the present experi
ments; hence, the differences between KC1 and NaCl are 
presumably real. The much more pronounced con
centration dependence in the case of NaCl may be due 
to the fact that at 25° NaCl is a structure maker with 
a viscosity B  coefficient of +0.078, whereas KC1 is 
a weak structure breaker with a B  coefficient of only 
—0.014.17 Na+ is more heavily hydrated than K+; 
at 25° the former has 34 and the latter 10 water mole
cules in their total water-structure-enhanced hydration 
atmospheres.18 One might expect that, inasmuch as 
the anomalously steep increase of K p/K i *tm with P  
arises from the dehydration of the ions, d (K p/Ki atm)/ 
dP below 1000 kg/cm2 should always be greater for 
NaCl than for KC1 which is contrary to Figure 11. 
But, as pointed out earlier,18 direct comparisons between 
structure makers and breakers are uncertain. The 
most valid way of comparison would be to contrast the 
relative conductivities with the reciprocal of the rela
tive volume-viscosity product. Recent work14’23 has 
indicated that older studies of the viscosity of compressed 
pure water are unreliable and that the addition of an 
electrolyte,26’29 again, has much less effect on the vis
cosity of water under pressure than reported in the old
(28) R . A . H o m e , R . A . C ou ran t, and  D . S. Johnson , JUecbrocMm. 
A cta, 11, 987 (1966).
(29) R . A . H o m e  and D . S. Johnson , J . P h ys. Chem ., 71 , 1147 
(1967).
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work of Cohen.80 And, as a final difficulty, there are 
no reliable measurements on the viscosities of concen
trated aqueous KC1 solutions under pressure.

The values of (K P/K i a t m ) m a x  and the pressure at 
which it appears, Pmal, both decrease with increasing 
concentration in a nonlinear fashion (Figures 2-6, 10, 
and 11). The former phenomenon is represented in 
greater detail in Figure 12 where (K v/K\ a t m ) m a x  ÍS 
plotted vs. electrolyte concentration on a logarithmic 
scale for a low (near 2°) and a higher (near 20°) temper
ature. At 20° and for KC1 concentrations below 
approximately 0.5 M  there appears to be plenty of water 
to satisfy the hydration needs of the ions, the hydration 
atmospheres are relatively independent of one another, 
and there is little concentration dependence of (K v/ 
K x a t m )  m ax* However, above approximately 0.5 M  there 
are insufficient water molecules, a given ion can lay 
exclusive claims on fewer waters, and as a result ( K J  
K\ atm) max begins to decrease steeply with increasing elec
trolyte concentration. In going from 20° to near 2°, 
just as the number of water molecules in the Frank- 
Wen clusters increases, the number of waters in a cat
ion’s total hydration atmosphere increases. This 
greater hydration makes {K v/Ki atm)max greater and 
causes it to begin to diminish at smaller concentrations 
(Figure 12). Extrapolation of the curve for KC1 near 
20° gives (Ap/Aj atm)max intercepting unity at some 
concentration between 4 and 6 M , a range which, inter
estingly enough, straddles the saturation concentration. 
This intercept also corresponds to roughly 10 waters per 
K+ (neglecting anion hydration) which is not too differ
ent from the above-mentioned estimate of the number of 
waters in the total structure-enhanced hydration atmos
phere. With a certain amount of imagination an analo
gous curve (dashed curve in Figure 12) can be drawn for 
NaCl at 30° on the basis of the results of Adams and 
Hall.4 This curve intercepts unity at a concentration 
corresponding to roughly about 15 waters per Na+ 
which is smaller than the number of waters in the total 
hydration atmosphere (see above). Hitherto we had 
felt that the number of strongly bound, electrostricted 
waters in the hydration atmosphere of an ion (the 
“hydration number” in the conventional sense) is small, 
being 4 for Na+. However, consideration of the élec
trostriction and densities of NaCl solutions30 31 leads to 
the conclusion that of the total hydration atmosphere 
of Na+ half the waters are electrostricted and half are 
cluster water. The number of electrostricted waters 
is then 17 which is comparable to the number yielded 
above by the intercept. That the interpretation of the 
KC1 and NaCl intercepts should be different, the former 
corresponding to the ion’s total hydration atmosphere, 
the latter to the electrostricted sub-zone of the total

Figure 12. Dependence of the maximum
relative conductance on electrolyte concentration (the
numbers beside some of the points are references).

Figure 13. Concentration dependence on the 
pressure of maximum relative conductivity.

hydrated atmosphere, is not entirely implausible inas
much as the two ions are fundamentally different, the
(30) R. Cohen, Ann. Physik, 45, 666 (1892).
(31) R. A. Horne, “ Electrestriction and the Dehydration of Ions 
Under Pressure,”  Arthur D. Little, Inc., Technical Report 26, Office 
of Naval Research Contract Nonr-4424(00), Nov 30, 1966.
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one being a water structure breaker, the other a struc
ture maker.

Figure 13 shows a plot of the pressure at which 
{K v/K x a,m)max appears near 20° for KC1 (based on 
Figure 11) and NaCl (based on data from Adams and 
Hall4). As noted above, Pmax decreases with increasing 
electrolyte concentration.

In the past we have found it useful to analyze trans
port processes using the Arrhenius activation energy, 
E„, simply calculated from the relations

K  =  C e~ EJRT (4)
and

Fa = (log K ,  -  log F 1)4.576(T27,1) AT (5)
since that parameter appears to be highly dependent 
on structural changes in liquid water.28 Despite its 
utility this procedure is not entirely rigorous. For 
example we have assumed that the preexponential C 
is a “constant” and have thereby introduced an error 
by neglecting volume changes. If, as in the present 
experiments, Ha is calculated over at A T of 2°, for 1.0 M  
KC1 at 2000 kg/cm2, for example, the Fa calculated 
from eq 5 is about 1.7% larger than E & corrected for the 
volume changes. If a larger AT  of 10° were used the 
error would have increased to 3.3%. In an earlier 
paper12 we tried to circumvent this difficulty by cal
culating Fa of the molal conductances but it soon be
came clear that this served only to confuse the readers; 
hence, since the correction involved is less than experi
mental error, the usage was abandoned.

The Arrhenius energy of activation of the electrical 
conductivity of “normal,” strong, 1:1 electrolytes ex
hibits a maximum near 4°.32 The decrease in Fa 
above 4° with increasing temperature is attributable to 
the facilitation of solvent vacancy formation, the rate
determining step, by thermal expansion of the liquid 
while the decrease in F a below 4° with decreasing 
temperature has been attributed to the greater ease of 
hole formation in less-dense structured forms of liquid 
water more prevalent in that temperature region.32 
In the case of sea water the maximum decreases in 
value and shifts to lower temperatures as the electrolyte 
concentration increases.33 If D20  is substituted for 
H20, the maximum shifts to higher temperatures al
though the shift is less marked than the corresponding 
shift in the temperature of maximum density.34 The 
maxima occur both for water structure makers (LiCl) 
and structure breakers (CsCl)35 but do not occur for 
the electrical conductance of acid solutions as long as 
the solution is sufficiently dilute so that the Grotthuss 
contribution dominates the protonic conductance:36 
for the conductance of very heavily hydrated electro-

Figure 14. The pressure dependence of the 
Arrhenius activation energy of electrical conduction 
for various concentrations at 19°.

Figure 15. Ea vs. P curves for 0.10 M 
KC1 at various temperatures.

(32) R. A. Horne and R. A. Courant, •/. P hys. Chem., 68, 1258
(1964).
(33) R. A. Home and R. A. Courant, J. G eophys. R es., 69, 1152
(1964) .
(34) R. A. Home and D. S. Johnson, J . P h ys . Chem ., 71, 1936 
(1967).
(35) R. A. Home and D. S. Johnson, J . Chem. P h ys., 45, 21 (1966).
(36) R. A. Home and R. A. Courant, J . P h ys. Chem., 69, 2224
(1965) .
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lytes such as MgS04,37 or for the viscosity of water at 
1 atm;38 although, rather unexpectedly, maxima do 
appear in E a of viscous flow of water under pressure,14 
thereby indicating that these other transport processes 
involve a mechanism different from that of normal 
conductivity.28

The present results confirm earlier observations that 
E a decreases with increasing electrolyte concentration 
(Figure 14). At elevated pressures and in the more 
concentrated solutions the maximum in E a vs. T  appears 
to shift to higher temperature values, which is just 
exactly the opposite of what one might expect inasmuch 
as the temperature of maximum density of pure water 
decreases with increasing pressure. We have no ex
planation for this phenomenon nor are we entirely con
vinced of its reality since it appears to be contingent on

the way in which the curves are weighted through the 
experimental values. No such uncertainty, however, 
attaches to the pressure dependence of E a (Figures 14 
and 15). As reported earlier12 E a vs. P  exhibits a 
minimum between 2000 and 3000 kg/cm2. For a given 
electrolyte concentration (0.10 M , for example) E & 
vs. P  gives a family of parallel curves for different 
temperatures (Figure 15).
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The Effect of Crystallization Temperature and Molecular 

Weight on the Melting Temperature of Linear Polyethylene1

by M . Gopalan and L. Mandelkern

Department of Chemistry and Institute of Molecular Biophysics, Florida State University, Tallahassee, Florida 
{Received April 7, 1967)

A theoretical and experimental study is reported of the dependence of the apparent melt
ing temperature on the crystallization temperature for molecular-weight fractions of linear 
polyethylene. Particular attention is given to the influence of molecular weight and level 
of crystallinity. A critical examination is given of the extrapolation methods that have 
been proposed to obtain the equilibrium melting temperature from this kind of data. It 
is found that for very high molecular weights, at extremely low levels of crystallinity, a 
linear extrapolation of the data yields an equilibrium melting temperature of 146.0 ±  0.5°. 
This value is in very good accord with independent theoretical expectations. However, 
for high levels of crystallinity erroneously low values of the equilibrium melting tem
perature are obtained by the same extrapolation procedures. For low molecular weights, 
theory indicates that a linear extrapolation would not be valid. This latter conclusion 
is borne out by the experimental results.

Introduction
The equilibrium melting temperature, 7V, of a crys- 

tallizable long-chain molecule is defined as the melting 
temperature of crystals formed from infinitely long 
chains which are devoid of nonecuilibrium internal de
fects and are sufficiently large so that there is no in
fluence of interfacial effects. This quantity is important 
in describing the relationship of polymer properties to 
structure and in the analyses of crystallization kinetics 
and nucléation processes. For ohe latter phenomena 
the temperature dependence of the free energy of fusion, 
which depends on T m°, is of major importance.2 A 
similar definition holds for the melting temperature of 
crystals formed from chains of finite length. Despite 
the extreme importance of these quantities, their ex
perimental determination has been very elusive and no 
satisfactory direct determination has as yet been made 
for any long-chain molecule. The reasons for this 
difficulty are well recognized2'3 4 5 and reside in the 
morphological characteristics of the crystalline system 
that is usually formed. For polymers of high molecular 
weight the crystallite sizes that are attained in the chain 
direction are usually much smaller than the extended 
chain length and associated with the crystallites is a

large excess interfacial free energy.2-4 Therefore, a 
significant melting-point depression results even under 
the most stringent conditions of crystallization and 
subsequent heating.3’6

To alleviate the problem of direct experimental 
determination several extrapolation methods have been 
devised. Among the most potent of these is a theoreti
cal method developed by Flory and Vrij6 where from 
an analysis of the equilibrium melting temperatures 
of monomeric homologs (wherein molecular crystals are 
formed) the equilibrium melting temperature for the 
infinite chain can be calculated. By utilizing the data 
available for the n-paraffins, up to cm, the equilibrium 
melting temperature for the infinitely long linear poly
ethylene molecule was deduced to be 145.5 ± 1 ° . This

(1) This work was supported by a grant from the Army Research 
Office (Durham).
(2) L. Mandelkern, “ Crystallization of Polymers,”  McGraw-Hill 
Book Co., Inc., New York, N. Y ., 1964.
(3) L. Mandelkern, J. Polymer Sei., Part C, No. 15, 129 (1967).
(4) L. Mandelkern, J. M. Price, M. Gopalan, and J. G. Fatou, J. 
Polymer Sei., Part A-2, 4, 385 (1966).
(5) J. G. Fatou and L. Mandelkern, J. Phys. Chem., 69, 417 (1965).
(6) P. J. Flory and A. Vrij, J. Am. Chem. Soc., 85, 3548 (1963).
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value is substantially greater than any directly ob
served melting temperature for this polymer.5 The 
theoretical procedure of Flory and Yrij6 has only been 
applied to polyethylene to date since the necessary 
data for the monomeric homologs of other polymers are 
not available.

Another method for extrapolating or estimating the 
equilibrium melting temperature involves measure
ments on the polymers themselves. It is based on the 
widespread observation that the actual measured melt
ing temperature of a crystalline polymer depends on the 
crystallization temperature.2'7'8 9 In this method the 
observed melting temperature Tm* is plotted against the 
crystallization temperature Ta and the data extrap
olated linearly to the line representing the relation 
T m* =  Tc. The point of intersection is then taken to 
represent the equilibrium melting temperature of the 
sample. The theoretical basis for the procedure 
adopted will be detailed below and a brief critique of the 
method has already been given.2 This method has 
been used to extrapolate Tm° for a variety of polymers, 
and it is universally found that this estimated quantity 
is greater than the directly observed melting tempera
tures.7-9

In the present paper we attempt to assess critically 
this extrapolation procedure by studying the fusion 
properties of molecular-weight fractions of linear 
polyethylene. The importance of utilizing molecular- 
weight fractions in investigating the crystallization 
behavior of polymers has recently become quite clear 
from studies of the course of fusion, melting tempera
tures, and thermodynamic and mechanical proper
ties.3-5’10 It has been shown that the utilization of un
fractionated material, particularly with the very broad 
molecular-weight distribution characteristic of poly
ethylene, can easily lead to incorrect conclusions. Par
ticular attention is given in the present paper to the 
influence of chain length and of the level of crystallinity 
on the apparent melting temperature and to the prob
lems involved in the extrapolation to the equilibrium 
melting temperature.

The melting temperature, Tm* of a crystallite com
prising f repeating units in the chain direction, with 
unrestricted size in lateral directions, formed from a 
collection of chains each of which is x  units long is givenby3-5.11

T  o4 m
R

Atfu
2cre

R T m*{ ( 1 )

here AH n is the heat of fusion per repeating unit of the

infinite chain and <rec is the excess interfacial energy per 
chain emerging from the 001 interface of the actual 
mature crystallite formed. For large x, eq 1 reduces to 
the classical expression for the melting of crystals of 
finite size.4 This equation can be compared with the 
relation between the equilibrium melting temperature 
Tm and chain length

1__ i___Ä_ri l
T m T m° AH u _x x  — +  1. (2)

where fe, the equilibrium crystallite size, is given by
2<rece = R T W

x  -  r +  i +  In (3 )

Here <reoe represents the excess interfacial free energy for 
the equilibrium crystallite characteristic of the given 
chain length.6’11 (For reasons cited previously3'5 for 
long-chain molecules irrespective of molecular weight, 
the equilibrium model is represented by crystalline 
sequences whose length is less than the extended chain 
length. In other words, the molecular crystal model 
is not appropriate since chains of exactly uniform length 
are not obtained. Strictly speaking, these equations 
only apply when a chain supplies one sequence to a 
crystallite. However, they can be shown to be excellent 
approximations, at high molecular weights where more 
than one sequence from the same chain can participate 
in a crystallite.)

From nucléation theory pertinent to long-chain 
molecules,12 it is shown that for three-dimensional 
homogeneous nucléation, the critical size in the chain 
direction f* at the crystallization temperature Tc is
r
2 A/» (To) -  R ~  +  -

X X

2 <rB

R T  c
f *  +  1 .

R T c In ( ^ ) (4 )

where Af a is the free energy of fusion per repeating unit 
for the infinite chain at T c and <ren is the interfacial 
free energy per chain that is associated with the nucléa
tion process. The physical significance of the three 
interfacial free energies that have been introduced are 
quite different. It is thus inappropriate and incorrect

(7) L. Mandelkern, J. Polymer Sei., 47, 494 (1960).
(8) J. D. Hoffman and J. J. Weeks, J. Res. Natl. Bur. Std., 66A, 13 
(1962).
(9) K. F. Wisbrun, J. Polymer Sei., Part A-%, 4, 827 (1966).
(10) L. Mandelkern, J. G. Fatou, R. Denison, and J. Justin, ibid., 38, 803 (1965).
(11) P. J. Flory, J. Chem. Phys., 17, 223 (1949).
(12) L. Mandelkern, J. G. Fatou, and C. Howard, J. Phys. Chem., 68, 3386 (1964).
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to equate them with one another without independent 
evidence. If the usual approximation is made that 
A/U(TC) = &Hu(T m° — T c)/T m° then eq 1 and 4 can 
be combined to give an expression for the dependence 
of the melting temperature of a crystal of finite thick
ness on the crystallization temperature. When x  
becomes large, it is found that

which has been previously given.2 Here a =  aee/<ren 
and n = f / f  *. For large x  and the special case where 
simultaneously f = f :* and <rec = aen, a further reduc
tion to

Tm* = V*(ZV» -  T c) (6)
is achieved. Equation 6 is the form originally pre
sented as the basis of the extrapolation method7’13 
and obviously involves a major set of simplifying as
sumptions.

Equation 6 predicts a simple linear relation between 
the apparent melting temperature Tm* and Tc. It thus 
allows for a linear extrapolation, with slope equal to
0.5, to the Tm* =  T c line in order to obtain the equilib
rium melting temperature. However, according to eq 
5 this extrapolation will only be valid if the quantities 
a and n are independent of the crystallization tempera
ture in both the experimentally accessible range and 
at the higher temperatures involved in the extrapola
tion. A more detailed analysis of eq 1 and 4 indicates 
that the expected linear relation would be disturbed for 
low molecular weights. The experimental assessment 
of this extrapolation procedure requires that the melting 
temperatures be determined in such a manner that 
there be no changes in crystallite size and morphology 
subsequent to crystallization. Although the equations 
have been derived for lamellar-type crystallites, the 
same functional forms result if the lateral dimension 
of the cry stal lite is restricted.2

The essence of the method outlined lies in relating 
the crystallite thickness to the critical dimensions of a 
nucleus. In the examples cited so far a three-dimen
sional homogeneously formed nucleus was used. Simi
lar equations are obtained for three-dimensional 
heterogeneous nucleation.2 For nucleation involving 
the unimolecular deposition of chain units on an already 
existing crystal face, it is found that14

2(7en — R T  In (*-$■ * +  1)
r  = A/u — R T/x

(7 )

which reduces in the high molecular weight approxima
tion to

r* n
AU (T C)

Corresponding to eq 5 there is then obtained
Tm* = -  Te +  T m° f  1

n \ n ]

(8)

(9 )

For the special case of both a and n  being simultane
ously equal to unity

Tm° -  Tm* =  Tm° -  T c (10)
Equation 10 states simply that Tm* will equal Tc under 
the conditions specified. Thus melting should occur 
with an infinitesimal increase in temperature above the 
crystallization temperature when a = n = 1. This 
conclusion is contrary to all known facts in regard to 
the melting of bulk crystallized polymers.2 Hence for 
this type of nucleus the special conditions leading to eq 
10 cannot be imposed. According to eq 9 for the 
crystals to be thermodynamically stable above the 
crystallization temperature, the ratio a/n must be less 
than unity. Therefore <rec would have to be less than 
tren or f greater than £*. Since it is highly unlikely that 
the interfacial free energy of a mature crystallite would 
be less than that of the nucleus from which it is formed, 
it is necessary that substantial growth occur in the 
chain direction subsequent to nucleation to satisfy the 
experimental stability observations. Formally, this 
requirement presents no problem as long as it is con
sistent with the molecular nature of the interface. 
(The theory that has.been constructed for the nucleation 
of regularly folded chains yields an additional term to 
eq. 8 which is the order of 10 A and independent of 
undercooling.13’15 It has been recognized15 that thi3 
additional term has only a very minor effect on the 
thermodynamic stability of the crystallites.) No 
problem arises with respect to the thermodynamic 
stability of a crystallite whose size is controlled by a 
three-dimensional nucleation process. Stability in this 
case is achieved with f = f * so that growth in the chain 
direction is not required. Equations 5 and 9 are of the 
same functional form. Therefore, solely from the ob
servations of the dependence of the apparent melting 
temperature no definitive conclusions can be drawn 
as to the kind of nucleation processes that is involved. 
At best it can be hoped that the propositions set forth 
will allow for an estimation of the equilibrium melting 
temperature.
(13) J. I. Lauritzen, Jr., and J. D. Hoffman, J. Res. Natl. Bur. Std 64A, 73 (1960).
(14) L. Mandelkern, J. G. Fatou, and C. Howard, J. Phys. Chem., 
69, 956 (1965).
(15) J. D. Hoffman, Soc. Plastics Engrs. J ., 4, 315 (1964).
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Figure 1. Theoretical plot, according to eq 5, of
Tm* as a function of for indicated chain lengths. For
this example f /f*  = 1 and <reoe = <ren = <reo = 4600 cal/mole.

An illustrative example is given in Figure 1 of the ex 
peeted dependence of the melting temperature on the 
crystallization temperature for different molecular 
weights. The curves plotted were calculated in ac
cordance with eq 1 and 4. The simplifying assumption 
was made, for illustrative purposes, that aKn = <reo =  
(Tec6- The value taken for the interfacial free energy 
was 4600 cal/mole of chain emanating from the 001 
interface. Tm° was taken here as 145.5°6 and A //u as 
950 cal/mole of CH2 units.16 The choice of parameters 
made and the assumed equality of the interfacial free 
energies do not sensibly alter the general conclusions 
that can be drawn from this model calculation. The 
further assumption is made in this illustration that f  
is identically equal to f*. The point at which the 
curves for each x intersects the straight line Tm* = Tc 
gives the equilibrium melting temperature for the par
ticular chain length.

Despite the simplifying assumptions that have been 
introduced Tm* is not predicted to vary linearly with 
Tc in the molecular weight range x <  104. The curves 
characteristic of the lower molecular weights indicate, 
however, that a linear region does exist whose breadth 
becomes smaller with decreasing chain length. In an
ticipation of the analyses of the experimental results, 
it should be recognized that the range of crystallization 
temperatures accessible to experiment is restricted by 
kinetic factors. At high temperatures the times for 
crystallization will be intolerably long, while at lower 
temperatures the crystallization process becomes so 
rapid so that it is virtually impossible to achieve iso
thermal conditions.2 For linear polyethylene, de
pending on molecular weight, the usually accessible 
crystallization temperatures range from about 124 to

130°.2’17 For the highest molecular weights, in accord 
with eq 5, a straight line of slope 0.5 is expected for the 
complete range of crystallization temperatures. As the 
molecular weight decreases, however, the slope of the 
linear region decreases and becomes very small when 
x is the order of 400 or less.

The discussion above has been intended to serve 
primarily as background and as a guide to the presenta
tion and analyses of new experimental data. In addi
tion to a detailed investigation of the influence of 
molecular weight, we focus attention on the effect of 
the level of crystallinity on Tm*, at a fixed Ta, and assess 
the reliability of the extrapolation procedure.

Experimental Section
Materials. The procedures adopted for the molec

ular-weight fractionation of the linear polyethylene and 
the characterization of the fractions have been pre
viously described in detail.5 Other pertinent crystal
lization properties of the fractions studied here, such 
as the density and enthalpy of fusion, have been re
ported elsewhere.3“ 5 Standard dilatometric proce
dures5 were employed to study the fusion process and 
determine the apparent melting temperatures. The 
temperature control of the silicone oil thermostat in 
which the dilatometers were immersed was better than 
0.1°, and melting temperatures could be obtained with 
an uncertainty of ±0.2°.

Procedures. Prior to the initiation of crystallization 
the samples were rendered completely molten by im
mersion of the dilatometer in the thermostat at 160° for 
30 min. The dilatometer was then quickly transferred 
to another thermostat, set at a predetermined tem
perature, and crystallization was allowed to ensue 
isothermally until the desired level of crystallinity was 
attained. The degree of crystallinity was calculated 
from the dilatometer scale readings and the specific 
volume relations given by Chiang and Flory,18 assum
ing the additivity of volumes. The heating schedule 
that was adopted subsequent to crystallization was 
developed to ensure the melting of the actual crystalline 
system formed at the crystallization temperature. Fast 
heating must be avoided to prevent superheating which 
results in erroneously high melting temperatures. 
On the other hand, too slow a heating rate leads to the 
well-known partial melting and recrystallization which 
is characteristic of the fusion of polymers and results 
in a concomitant change in morphology and crystallite

(16) F. A. Quinn, Jr., and L. Mandelkern, J. Am. Chem. Soc., 80, 
3178 (1958); 81,6533 (1959).
(17) W. Banks, M . Gordon, R. J. Roe, and A. Sharpies, Polymer, 4, 
61 (1963).
(18) R. Chiang and P. J. Flory, J. Am. Chem. Soc., 83, 2857 (1961).
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Figure 2. Plot of experimentally determined Tm* as a 
function of T<. for two highest molecular-weight fractions. 
M  = 1.0 X 106: low level of crystallinity, □; high 
level of crystallinity, m. M — 4.7 X 106: low level 
of crystallinity, O; high level of crystallinity, •.

Figure 3. Plot of experimentally determined Tm* as 
a function of Tc for M = 2 X 104: low level of 
crystallinity, O; high level of crystallinity, •.

Figure 4. Plot of experimentally determined Tm* as 
a function of Tc for M = 1.25 X 103: low level of 
crystallinity, O; high level of crystallinity, •.

Figure 5. Plot of experimentally determined I ’m* as 
a function of 5T0 for two lowest molecular-weight fractions. 
M -  5.3 X 103: low level of crystallinity, O; high 
level of crystallinity, •. M = 3.3 X 103: low level of 
crystallinity, □; high level of crystallinity, ■.

size. Extensive preliminary studies of the kinetics 
of melting allowed a heating schedule to be developed 
which gave constant dilatometer readings at each tem
perature between T„ and Tm*. The factors which are 
involved in establishing the heating rate are the initial 
levels of crystallinity, the molecular weight, and the 
temperature range.

For experiments involving the lowest amounts of 
crystallinity, of the order of 3-5%, constant readings 
could be obtained between 2 and 20 min below 130°. 
Above this temperature a heating rate of l° /20  min 
was found adequate. For the higher levels of crystal
linity that were studied, which were of the order of 70- 
80%, the heating rate was l° /2 0  min up to 135° for all 
samples except the very highest molecular weights.

For the higher temperatures and higher molecular 
weights, the heating rate was reduced to l ° /6  hr. Re
ducing the heating rate to as low as 0.5°/day at the 
higher temperatures does not sensibly alter the observed 
melting temperature.

Results and Discussion
The experimental results are given in Figures 2-5 for 

each of the molecular-weight fractions. The data are 
presented as plots of the apparent melting temperature 
Tm* against Tc for the indicated levels of crystallinity 
1 — X. These experiments encompass the very wide 
molecular-weight range of from 3.3 X 103 to 1.0 X 105. 
A crystallization temperature as high as 132° has been 
utilized for M = 4.7 X 105 (for low levels of crystal-
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Table I : Summary of Pertinent Quantities Obtained from Linear Plots of Tm* against Tc

Slope®
-----Crystallinity (1 — X)---->

Tmb
-Crystallinity (1 — X )-

Max T m *  c 
■Crystallinity (1 — A)

M ol wt X ~ 0 .0 5  0.26 0.56 0.80 ~ 0 .0 5

3 .3  X  103 236 0.15 0 132.4
5 .3  X  103 379 0.30 0 137.5

12.5 X  103 893 0 .5 0.2 141.3 ±  
0 .3

2 0 .0  X  103 1,429 0 .5 0.15 141.3 ±  
0 .3

4 .70  X  106 33,571 0.6 0 .1 146.0 ±  
0 .5

1.00 X  106 71,428 0.62  0 .2 146.0 ±  
0 .5

0.26 0.56 0.80 ~ 0 .0 5 0.26 0.56 0.80

132.4 131.6 132.5
134.6 134.5 134.6
138.3 ± 136.4 136.7

0.2
137.9 ± 136.5 137.0

0.2
139.3 ± 137.5 138.5

0 .3
139.5 d= 136.5 137.7

0 .3

“ Slope of linear region of plots of Tm* vs. Ta in Figures 2-5. 6 From linear extrapolation of linear region. 0 Highest directly ob
served apparent melting temperature under prescribed conditions.

linity) and 131° for M = 2.0 X 104. These tempera
tures represent the highest thus far utilized in experi
ments of this type for polyethylene. From purely an 
experimental point of view the results, for a given 
molecular weight and level of crystallinity, can be 
represented by a linear relation between Tm* and T0 
as is indicated by the solid straight lines in each of the 
figures. The continuation of these straight lines, be
yond the experimentally accessible region, to the inter
section of the line Tm* — T0, yield the melting tem
peratures listed in Table I. These temperatures are 
termed the equilibrium melting temperature obtained 
by a linear extrapolation of the experimental data. 
Other important quantities that are obtained from the 
plots in Figures 2-5 are also listed in Table I.

It is convenient, when analyzing the results in more 
detail, to consider first the three highest molecular 
weight fractions. From the theoretical analyses that 
have been given and the plots in Figure 1, it is to be 
expected that the complexities due to finite chain length 
would be minimal in this molecular weight range. 
Hence the linear extrapolation method should be valid. 
The experimental conditions that need to be fulfilled are 
expected to be best achieved at the lowest possible level 
of crystallinity that is susceptible to quantitative study. 
Under these circumstances any complications resulting 
from crystallite growth in the chain direction, subse
quent to nucleation, would be minimized as would be 
any changes in the character of the residual non crystal
line regions. Both these factors must influence the 
apparent melting temperature. For these reasons, as 
well as for the distinct possibility that a crystallite size 
distribution can develop with increasing levels of 
crystallinity, the experiments performed at very low 
levels of crystallinity are of major importance.

In accordance with eq 5 for high molecular weight, 
the slope in the plot of Figure 2 should be equal to 
1/ 2(f*/f)(o'ec/o'en)- A unique assignment of each of 
the factors involved obviously cannot be made. For 
the two highest molecular weights, the observed slope 
of 0.6 is so close to the value 0.5 expected for f  =  f*, 
vec =  (Jen, that a reasonable conclusion could be made 
that the ratios and <W<Jen do not each depart very 
much from unity. The linearly extrapolated melting 
temperature that is obtained for M  =  4.70 X 105 and
1.0 X 10® is 146.0 ±  .5°. These molecular weights are 
sufficiently high so that this melting temperature can 
be identified with Tm°, the equilibrium melting tem
perature of an infinite chain.6'6 This extrapolated 
melting temperature is in excellent accord with the 
theoretical predictions of Flory and Yrij.6 It is some
what higher than the revised estimate of 144.7° recently 
given by Broadhurst.19 The melting temperature 
extrapolated from the plot in Figure 2 should probably 
best be considered a lower limit since the linear ex
trapolation is predicated on the assumption that the 
ratios of (Jec/<Jen and f * / f  will remain constant for the 
higher crystallization temperatures where data are not 
available.

In other experiments of this type, using unfrac
tionated linear polyethylene, an extrapolated value of 
143 ± 2 °  was obtained.8 However, it was concluded 
in this work that the best estimate of the equilibrium 
melting temperature lies between 141 and 143°.8 A 
linear extrapolation of Tm* against T0 yielding a value 
of 145.5° has also been reported.20 This extrapolated

(19) M. G. Broadhurst, J. Res. Natl. Bur. Std., 70A, 481 (1966).
(20) J. J. Weeks, ibid., 67A, 441 (1963).
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value was dismissed, and 142 ± 1 °  was taken to repre
sent the equilibrium melting temperature.16-20

For the molecular weight fraction M  = 2.0 X 104, a 
slope of 0.5 is obtained at the low levels of crystallinity. 
This slope is compatible with the simultaneous ful
fillment of the condition f  = f  * and <rec = <ren although 
not necessarily unique to it. The linear extrapolation 
of the Tm* against T0 plot yields a melting temperature 
of 141.3 ±  3° (Figure 3). If this temperature repre
sents the equilibrium melting temperature for this 
molecular weight, then from eq 2 and 3, <rece is found to 
be 4700 cal/mole of chains for Tm° = 145.5°. If 
Tm° = 146.5°, then aece is found to be 6300 cal/mole for 
this molecular weight. These values of the interfacial 
free energy are close to those deduced from droplet 
nucleation experiments.21-22 and from the fusion of 
random copolymers of polyethylene.23 In these experi
ments the interfacial free energy was found to be 4600 
cal/mole, which corresponds to 170 ergs/cm2 for poly
ethylene. (In their original publication22 Gornick, Ross, 
and Frolen reported a value for crea which was more than 
a factor of two less than that reported previously by 
Cormia, Price, and Turnbull.21 A revision of this work 
(private communication and paper in press) has now 
resulted in virtually complete quantitative agreement 
between the two sets of investigations.) Although the 
possibility of an unusual coincidence cannot be dis
missed, the striking similarity in the values for <reoe and 
«Ten in this molecular weight range is apparent.

A unique value of o-ec. cannot be obtained from these 
results without arbitrarily setting the value of f/f*. 
There is, however, an independent; experimental report4 
of the relationship between the melting point, molecular 
weight, and crystallite size. From these data, <rec 
can be calculated. It was found, for samples crystal
lized to high levels of crystallinity, to increase with 
molecular weight in the lower molecular weight range 
and reach an asymptotic value of 8000-9000 cal/mole 
for molecular weights greater than 5.6 X 104.3-4 Fora 
molecular weight of 2 X 104, <rec was 5000-6000 cal/ 
mole. This quantity is only slightly greater than that 
deduced in the present work for o-ece and also for aen 
if the latter quantity is independent of chain length. 
The ratio of <rec/<7-en for this molecular weight is thus 
estimated to be in the range of 1.0-1.3. Consistent 
with the observed slope of 0.5 the corresponding value 
f/f*  would also be in this same range. If <ren is inde
pendent of molecular weight, a fact which has not as yet 
been experimentally established, then for the two high
est molecular weight fractions, creo/o-en is estimated to 
be in the range of 1.7-1.8 based on previous deductions 
for o-ec.4 Since the slope is 0.6 for the higher molecular 
weights, the estimates of f/f*  vary from 1.4 to 1.5.

The above analysis is a rough estimate based on the 
best values of the different interfacial free energies that 
are presently available. Definitive relations between 
<Tec and a-en, and f and £* cannot be obtained from these 
experiments without additional assumptions.

The above discussion has been predicated on the 
concept that a three-dimensional nucleation process is 
size controlling. If, however, nucleation occurs by a 
unimolecular deposition process (see above) then the 
slopes in Figures 2 and 3 will be equal to (<7ec/ <ren) (£*/£)• 
In this case a significant increase of f over f * is man
datory to allow for the observed thermodynamic sta
bility. For the most favorable situation, aec will be 
equal to cren. Hence, at least a twofold increase in 
crystallite thickness would be required to account for 
the observed slope. It can be expected that for the 
higher molecular weights <rec will be greater than <rm 
so that an increase in crystallite size even greater than 
a factor of two would be required. In a formal al
gebraic sense the data satisfy these conditions. How
ever, this large increase in crystallite thickness over 
that of the initiating nucleus must occur when the level 
of crystallinity is only a few per cent.

As the level of crystallinity is increased, at a constant 
crystallization temperature, the apparent melting tem
perature also increases. This increase in melting tem
perature varies from 2 to 3° at the lower crystallization 
temperatures to 1° or less at the higher ones. At the 
maximum level of crystallinity that can be attained for 
each of the three highest molecular-weight fractions 
there is then a large decrease in the slope (see Table I). 
The extrapolated melting temperatures in this case 
differ by no more than 1-2° from those actually ob
served. For a molecular weight of 2 X 104 the dif
ference between the extrapolated melting temperature 
at high levels of crystallinity and that directly observed 
is less than a degree. The values of the slope have now 
been reduced to the range of 0.1-0.2. As a conse
quence, the linearly extrapolated melting temperatures 
are much smaller than when evaluated at the lower 
levels of crystallinity. For example, for M  = 1.0 X 
106 the difference in extrapolated melting temperature 
is 7° as the level of crystallinity increases from 0.05 
to 0.26.

At the high levels of crystallinity, if <ree/aen is im
plicitly taken as unity,8-1E-20 or the same value prevail

(21) R. L. Cormia, F. P. Price, and D. Turnbull, J. Chem. P h y s 37» 
1333 (1962).
(22) F. Gornick, G. S. Ross, and L. J. Frolen, Abstracts, Polymer 
Division, Meeting of the American Chemical Society, Phoenix, 
Ariz., Jan 1966.
(23) M. J. Richardson, P. J. Florv, and J. B. Jackson, Polymer, 4, 221 
(1963).
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ing at the low levels of crystallinity, then a substantial 
growth would have to take place to satisfy the value of 
the slopes. For example, with this assumption, for 
M  = 1.0 X 106, f/f*  would increase from unity to 2.5 
for three-dimensional control and fivefold for a uni- 
molecular controlled nucléation process as 1 — X in
creased to 0.26. Similarly for M  =  4.70 X 106 a further 
increase in growth by a factor of two over each of the 
values just cited would be indicated for 1 — X = 0.56. 
As crystallization progresses from the very small levels 
of crystallinity, many complexities in morphology and 
structure are to be expected. Thus the burden in 
interpretation should not be placed solely on crystallite 
growth in the chain direction. The distinct possibilities 
exist for aec to increase, for the development of very dif
fuse and complex interfacial regions and for the con
stitution and structure of the residual noncrystalline 
regions to change. These factors are quite involved and 
do not lend themselves to a quantitative description at 
present. Until these and related matters can be more 
explicitly described the empirical extrapolation to the 
equilibrium melting temperature is best limited to the 
simplest morphological and structural situation attain
able. This latter condition is best fulfilled by experi
ments conducted at the lowest levels of crystallinity 
feasible for study.

We have also investigated the change in apparent 
melting temperature as a function of time during the 
final portions of the crystallization process. In this 
crystallization region only small changes in the level of 
crystallinity occur.2 The results are summarized in 
Table II. Over at least a decade of time, in the crystal-

Table II: Apparent Melting Temperature during 
Final States of Crystallization

T J . Time,
M v °C min 1 -  X T m *

4 2 5 ,0 0 0 128 980 0 .6 2 5 1 3 8 .3
128 1 1 ,0 0 0 0 .6 5 1 3 8 .5
126 755 0 .6 3 1 3 8 .1
126 1 1 ,0 0 0 0 .6 6 1 3 8 .2

2 0 ,0 0 0 128 660 0 .8 2 1 3 6 .5
128 1 1 ,1 6 0 0 .8 5 1 3 6 .6
126 755 0 .8 6 1 3 6 .5
126 1 1 ,0 0 0 0 .8 7 1 3 6 .8

lization range cited, there is only a slight increase in 
the level of crystallinity. The increase in the apparent 
melting temperature is a few tenths of a degree at most. 
If it is assumed that this small increase in melting tem
perature results from growth in the chain direction, with

no change occurring in the molecular nature of the 
interface, it follows that

where ATi and AT2 are melting point depressions, cal
culated from the equilibrium melting temperature, cor
responding to the crystallite sizes fi and Hence for 
a maximum increase in melting temperature of 0.3° the 
crystallite thickness will increase by no more than 3% 
for at least a decade of time in the tailing-off region of 
the crystallization isotherm. This analysis, therefore, 
does not indicate any major growth in the chain direc
tion in this region of the crystallization process.20’24 

The interpretation of the data for the lower molecular 
weights presents complications which are related to 
the curvature in the plots for the model calculations 
in Figure 1. For the two lowest molecular weight frac
tions crystallized to the highest level of crystallinity 
attainable (1 — X ~  0.80), the apparent melting tem
peratures are independent of the crystallization tem
perature. Thus, as is indicated in Figure 5, the ex
trapolation to the line Tm* = Tc is easily accomplished. 
This observation is in obvious contrast to the higher 
molecular weight samples. For M  =  5.3 X 103 the 
extrapolated melting temperature is 3° lower than the 
one obtained from the low level of crystallinity data. 
However, for M  =  3.3 X 10s although the slope for the 
low level of crystallinity data is 0.15 the extrapolated 
melting temperatures are identical within experimental 
error. In this molecular weight range, however, since 
the approximation of large x  is not applicable there is 
no theoretical validity for a linear extrapolation. The 
observed invariance of T m* with T0 at the high levels of 
crystallinity is suggestive of a constancy in crystallite 
size and in the ratio of interfacial free energies irrespec
tive of the crystallization temperature. This sugges
tion is supported by electron microscope observations4’25 
in this molecular weight range which have shown that 
at the high levels of crystallinity the crystallite sizes are 
virtually identical with the extended chain length of the 
molecules and are independent of the crystallization 
temperature. The constancy of the melting tempera
ture thus receives a natural explanation. The observed 
melting temperatures (at the high levels of crystallinity) 
can thus be identified with the equilibrium melting 
temperature for the lower molecular weight samples as 
long as <Teo is equal to or very close to the value of o-ece.
(24) J. D. Hoffman and J. J. Weeks, J. Chem. Phys., 42, 4301 
(1965).
(25) F. R. Anderson, J . Appl. Phys., 35, 64 (1964); J. Polymer Sei., 
C3, 123 (1963).
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Figure 6. Comparison between theory and experiment 
for lowest molecular weight fractions at low levels of 
crystallinity. M = 1.25 X 104: O for <rcn = 4600 
cal/mole, <reo = 5200 cal/mole, and <reoe = 5200 
cal/mole. M  = 5.3 X 103: □ for o-en = <re0 = <rece =
2400 and 2800 cal/mole. M = 3.3 X 103: • for <xen =
0ec = ffec® = 2000 cal/mole. f/f*  = 1 for all cases.

An analysis, but not necessarily a unique one, for the 
data obtained at the very low levels of crystallinity is 
given in Figure 6 for the two lower molecular weight 
samples. The solid lines are calculated from eq 1 and 
4 with the assumption that f = f * and <ren — <reoe. For 
M  =  3.3 X 10s, the experimental data are well repre
sented with interfacial free energies of 2000 cal/mole. 
The curvature in this plot is apparent, and the equilib
rium melting temperature is found to be 131.8°. This 
latter quantity depends solely on the value taken for 
o-ec6 and compares favorably with the melting tem
perature of 132.4° obtained directly at the higher levels 
of crystallinity. If molecular crystals were formed from 
polymer chains of this molecular weight, then the melt
ing temperature should be 131.3 ±  0.2° according to the 
analyses of Flory and Vrij.6 As is also indicated in 
Figure 6, similar results are obtained for the fraction 
M  =  5.3 X 103. In this case the data for the low levels 
of crystallinity can be fitted by f = f* and interfacial 
free energies that lie in the range 2400-2800 cal/mole. 
The calculated equilibrium melting point is between

134.7 and 135.8° as compared to the value of 134.5° 
that is directly observed at the higher levels of crystal
linity. Thus, in contrast to the results for the very 
high molecular weights, equilibrium melting tempera
tures are most easily obtained at high levels of crystal
linity for the lowest molecular weight fractions.

The experimental data, at low levels of crystallinity, 
for M  = 1.25 X 104 can be well represented by a 
straight line of slope 0.5 and yield a linearly extrapolated 
melting temperature of 141.3 ±  0.3°. The interfacial 
free energy, o-ece, that corresponds to this melting tem
perature has a value of 2300 cal/mole. However, eq 
1 and 4 indicate that a linear plot is not to be theoreti
cally expected in this molecular-weight range. Hence, 
the equilibrium melting temperature should be some
what less than the above value with a corresponding 
increase in aBCe. The theoretical curves that can fit the 
data in this case depend very crucially on the ratio of 
f / f  * that is taken. An example is also given in Figure 
6 for f/f*  = 1 and <yen = 4600 cal/mole and <rec = 
(Tec6 = 5200 cal/mole. The equilibrium melting tem
perature for these parameters is 138.5°. However, if 
f is allowed to increase to 15% above £*, slightly lower 
values of tren, «n-c, and <rece can be employed to fit the 
experimental data. The resulting theoretical curves 
which fit the data yield melting temperatures which are 
between 138.5 and 141.3°. Therefore, the extrapola
tion of the experimental data of this fraction is ex
tremely sensitive to the choice of parameters that are 
made. Hence in this case only limits can be placed on 
the equilibrium melting temperature.

The experimental results and analyses thereof that 
have been presented indicate that caution must be 
exercised in extrapolating apparent melting point data 
in order to obtain equilibrium melting temperatures. 
A great sensitivity to molecular weight and level of 
crystallinity is apparent. For very high molecular 
weight fractions crystallized to low levels of crystal
linity valid extrapolations leading to a lower limit for the 
equilibrium melting temperature can be obtained. 
The theory developed and the conclusions reached are 
based on general considerations and do not depend cn 
the crystallite morphology or on the details of the mo
lecular nature of the interfacial region.8’16
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The Kinetics of the Reaction of Some Pyrophoric Metals with Oxygen

by Thomas M. Gorrie, 1 Peter W. Kopf, 2 and Sidney Toby
School of Chemistry, Rutgers, The State University, New Brunswick, New Jersey 08903 
(Received April 10, 1967)

Pyrophoric bismuth, cobalt, copper, iron, lead, nickel, and tin were prepared by the de
composition of the metal citrate, oxalate, or tartrate in vacuo at 350-450°. The rates of 
oxidation were first order in oxygen pressure, and the rate constants gave linear Arrhenius 
plots in the range —120 to +75°. The entropies of activation were very similar to the 
standard entropies of the reactions with 1 mole of oxygen. A compensation effect was ob
served which was shown to be due to the fact that the free energy of activation was approxi
mately constant at 18 kcal mole-1 for the oxidation of all of the metals studied.

Introduction
The kinetics of the oxidation of metals is a subject 

of great theoretical and enormous practical interest. 
However, the rate-determining step in the oxidation of 
metals, as usually measured, is governed by diffusion 
processes in the solid phase. This complicates the 
kinetics considerably and the resulting rate laws have 
been described as linear, parabolic, cubic, or logarithmic, 
according to conditions.3 A meaningful comparison of 
rate constants for metals which obey different rate laws 
during oxidation is not possible.

In a previous paper4 it was shown that the study of 
the reaction of pyrophoric lead with oxygen could give 
an insight into metal oxidation processes that was free 
of the usual complexities resulting from diffusion 
through oxide layers. In addition, an attempt was 
made to correlate the (kinetic) entropy of activation 
with the (thermodynamic) entropy of the reaction. 
This papers extends the investigation to other pyro
phoric metals and describes what we believe to be the 
first comparison of the kinetic parameters for the oxi
dation of several metals.
Experimental Section

The apparatus was similar to that previously de
scribed4 except that a smaller reaction volume was 
used. In the course of repeating measurements on the 
oxidation of pyrophoric lead, we found an increase in 
the rate of oxygen uptake when the reaction volume was 
disconnected from associated tubing. This was presum
ably due to a viscous drag slowing the flow of oxygen.

By eliminating dead space the reaction volume was 
reduced from its previous4 value of 580 cm3 to approxi
mately 120 cm3 at which the rate of oxygen uptake 
appeared to be independent of reaction volume. Tub
ing used throughout the apparatus had a minimum i.d. 
of 6 mm.

Approximately 0.5-g samples in break-seals were ex
posed to oxygen in the range —120 to 75°. Initial 
oxygen pressures were kept below 1.0 torr to minimize 
local heating and to conserve sample. Oxygen pres
sures were measured on a thermocouple gauge which 
had been calibrated against a McLeod gauge. It was 
noted that the calibration for oxygen was appreciably 
different from that for air. The most rapid pressure 
changes that could be measured with our apparatus 
corresponded to a rate constant of about 1.0 sec-1. 
This value was approached at the highest temperatures 
used. As previously,4 rate constants were measured 
in the earlier stages of oxidation before the metal was 
exhausted.

The pyrophoric metals were prepared by decompos
ing the appropriate salts at 350-450° in a vacuum 
system with continuous pumping. All salts were com
mercially available and were used without further purifi
cation.

(1) NSF Undergraduate Research Participant, 1966-1967.
(2) NSF Undergraduate Research Participant, 1965-1966.
(3) O. Kubaschewski and B. E. Hopkins, “Oxidation of Metals and 
Alloys,” Academic Press Inc., New York, N. Y., 1962.
(4) J. Charles, P. W. Kopf, and S. Toby, J. Phys. Chem., 70, 1478 (1966).
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Table I : Results of Decomposition of 20 Salts at 350-450° in Vacuo

B i(III) Cd (II) C e(III) C o(II) C u(II) F e(II) M n(II) N i(II) P b(II) Sn(II) Zn(II)

Citrate Pyro
metal

Carbon
and

Pyro
metal

Massive
metal

Pyro 
metal in

Pyro
metal

massive
metal

poor
yield

Formate Red
oxide

Pyro 
metal in

Massive
metal

poor
yield

Oxalate Green
oxide
and

Brown
oxide

Pyro
metal

Brown-
red
oxide

Pyro
metal

Pyro
metal

Oxide

massive
metal

Tartrate Carbon
and
massive
metal

Pyro
metal

Feebly
active
metal

Pyro
metal

Table II : Kinetic and Thermodynamic Parameters for Oxidation of Metals

R e a c t io n E, k c a l / m o le

VsBi +  O2 —►  V3BÌ203 1.7 ±  0.1
2Co -h O2 2C0O 5.2 ±  0.6
2Cu +  0 2 ->• 2CuO 3.8 ±  0.5

VsFe +  02—*' 2/3Fe203 4.9 ±  0.7
2Ni +  O2 2NiO 3.1 ±  0.3
2Pb +  O2 2PbO 3.0 ±  0.3
2Sn -f~ O2 — 2SnO 4.7 ±  0.6

Log A

(A in sec-1)
AS 4 ,

eal/m ole of 
O2 deg

A S ° ,
cal/m ole of 

O2 deg
0 .9 7  ±  0 .1 - 5 6  ±  1 - 4 3 . 0
3 . 5  ± 0 . 6 - 4 4  ±  3 - 4 1 . 6
1 .9  ± 0 . 5 - 5 2  ±  3 - 4 4 . 1
3 .1  ± 0 . 6 - 4 6  ±  3 - 4 3 . 3
2 .1  ± 0 . 4 - 5 0  ±  2 - 4 5 . 0
2 .1  ±  0 .4 - 5 1  ±  2 - 4 6 . 8
3 .0  ± 0 . 7 - 4 7  ±  3 - 4 6 . 6

R esults
Qualitative results of the decomposition of 20 dif

ferent salts are given in Table I. Pyrophoric bis
muth, cobalt, copper, iron, lead, nickel, and tin were 
prepared, and each metal showed the first-order uptake 
of oxygen expected from previous consideration.4 Al
though the reactivity was high in each case, pyrophoric 
copper and tin were found to lose their activity much 
more rapidly than the other metals. It is noteworthy 
that, as in the case for lead,4 pyrophoric bismuth and 
tin were formed at temperatures considerably higher 
than the melting points of the metals.

Arrhenius plots for rates of oxygen uptake are given 
in Figures 1 and 2. In all cases more than one sample 
of pyrophoric metal was used. The Arrhenius parame
ters with estimated errors are collected in Table II. 
Also given are the standard entropy changes for the 
reactions per mole of oxygen. In the case of BiiCh, 
Fe20 3 , and PbO, the identity of the oxide was con

firmed by gravimetric analysis with a correction for the 
carbon contained in the pyrophoric metal. For the 
other metals it was assumed that the stable oxide 
would be formed.
D iscussion

All of the pyrophoric metals described here have 
been made previously,5 but there are no accounts of 
quantitative kinetic comparisons. We were unable 
to make pyrophoric cadmium, cerium, manganese, or 
zinc by decomposition, but these metals have been 
made in pyrophoric form by hydrogen reduction meth
ods. It may be significant that the enthalpies of re
action of the latter three metals with 1 mole of oxygen 
are considerably higher than those of the other metals. 
In the case of cadmium, appreciable sublimation of the
(5) A useful compilation has been made by G. S. Bahn, Fall Meeting, Western States Section, The Combustion Institute, 1964, paper 
64-31.
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Figure 1. Arrhenius plots for the oxidation of 
pyrophoric cobalt, nickel, lead, and tin.

Figure 2. Arrhenius plots for the oxidation of 
pyrophoric copper, bismuth, and iron.

metal was observed during the decomposition in  vacuo, 
and the volatility of the metal probably precluded its 
formation in a finely divided state.

The possibility exists that the observed rates were in 
part governed by gas-phase diffusion effects, and it 
was indeed found that the rate of oxygen uptake was

Figure 3. Compensation effect: plot of TAS^ vs.
AH ̂  for the oxidation of seven pyrophoric metals.
The line drawn has a slope of unity.

measurably decreased by a constriction in the connect
ing tubing. This decrease affected the observed A  
factors but not the activation energies. If diffusion 
were paramount, one would not expect to find appreci
ably different activation energies for various metals. 
Although diffusion effects caimot be entirely ruled out, 
we do not think they play an important part in our 
data.

The similarity between entropies of activation and 
entropies of reaction shown in Table II is quite striking. 
Although lessened somewhat, this similarity would still 
be apparent if appreciable quantities of a lower oxide 
were also formed [e.g., A(S0(Cu20) = —35 cal (mole of
0 2)_1 deg-1]. The restriction on reaction between 
metals and oxygen evidently is an entropy rather than 
an enthalpy effect, and the transition state resembles 
the products far more than the reactants. Our values 
of AS* are insufficiently precise for detailed specula
tion to be justified. However, there appears to be a 
slight increase in entropy in going from transition 
state, which presumably consists of adsorbed oxygen 
molecules, to the oxide product.

A comparison of the A  factors and activation ener
gies in Table II reveals that variations in the two pa
rameters are parallel. For similar reactions it was noted 
by Hinshelwood and Legard6 that log A  was propor
tional to E. This so-called compensation effect was 
observed for solute diffusion in metals7 and is to be

(6) C. N. Hinshelwood and A. R. Legard, J. Chem. SoC., 587 (1935).
(7) R. H. Swalin, J. Appl. Phys., 27, 554 (1956).
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expected for a series of reactions involving similar 
bonds. Laidler8 has considered the compensation ef
fect for reactions in solution in terms of the free energy 
of activation, AG * . Taking this approach and assum
ing that A G *  is approximately constant for the oxida
tion of all metals, then a plot of T A S *  vs. A H *  should 
be linear with a slope of unity. Using the simple tran
sition-state theory formulation, we have evaluated 
T A S *  (at 298°K) and A H *  from our Arrhenius pa

rameters, and the results are plotted in Figure 3. The 
data agree well with the line drawn with a slope of 
unity, suggesting that AG *  is constant for the oxidation 
of pyrophoric metals and possibly for all metals when 
a layer of oxide does not retard subsequent oxidation.

Acknowledgment. We are most grateful to the Na
tional Science Foundation for support of this work.
(8) K. J. Laidler, Trans. Faraday Soc., 55, 1725 (1959).

The Oxidation of Aquopentaammine and of Hexaammineeobalt(III) Ions

by Darwin D . T husius and H enry Taube
Department of Chemistry, Stanford University, Stanford, California 94305 {Received April 10, 1967)

When S20 82- decomposes in the presence of Co(NH3)5OH23 + under the influence of Ag+ 
as catalyst, reduction of Co (III) to Co2+ is observed with 0 2 as the major component of 
the gaseous product. Tracer experiments with 0 18-enriched aquo ion show that in at 
least 0.7 of the acts leading to the reduction of Co2+, complex bound oxygen is trans
ferred to the gas phase. Indirect arguments are presented which indicate that the external 
oxidizing agent attacking the Co(III) complex is neither HO nor S04~. Direct experi
ments using a solution containing Ag2+ show that this ion (or some species in labile equi
librium with it) oxidizes the Co (III) coordinated water to oxygen. The water coordinated 
to Co (III) is shown to be more readily oxidizable than is other water in the system. The 
spontaneous decomposition of S20g2~ in the presence of either Co(NH3)5OH23+ or Co- 
(NH3)63+ leads to the production of Co2+. The rate of production of Co2+ as the concen
tration of Co(NH3)6OH23+ increases reaches a limiting value which is very close to one- 
half the limiting rate of production of HO by the spontaneous decomposition of S20 82~. 
The dominant intrinsic gaseous product of the reaction is N2, at least when Co (III) is 
within 25% of the saturation value. Striking effects of substituting D for H are observed. 
These experiments taken together with others suggest that although NH3 is the coordina
tion sphere of Co(NH3)6OH23+ is oxidized, HO does not attack the NH3 directly. The reac
tion is interpreted as involving oxidation of Co (III) to the Co (IV) state, Co (IV) then 
being reduced by coordinated NH3 by a 2e~ change.

Introduction
The effect of a metal ion on the reactivity of an as

sociated ligand is becoming of increasing interest. 
A specialized part of this subject area is comprised 
of the reactions in which a ligand upon being oxidized

by an external oxidizing agent brings about reduction 
of the metal ion center to which it is attached.1 One 
direction in which this interest is being pursued2 is
(1) (a) P. Saffir and H. Taube, J. Am. Chem. Soc., 82, 13 (1960); (b) 
J. P. Candlin and J. Halpern, ibid., 85, 2518 (1963).
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to use complex ligands which call for electron transfer 
between remote positions if the central metal ion is to 
be implicated. But much remains to be done also for 
simple systems in which the external oxidizing agent 
and the internal are separated by perhaps only a single 
atom in the activated complex for the reaction. Some 
work along this line has been described dealing with 
the oxidation of coordinated halides.2 3 4 5 In the present 
work we have turned our attention to understanding 
the course of the reactions in which H20 or NH3 co
ordinated to Co(III) is oxidized. The experiments on 
the oxidation of coordinated water seem to us to be 
especially significant because the mechanisms of the 
important class of reactions in which water is oxi
dized4,6 are not well understood.

It should be appreciated at the outset that the ions 
we have studied, Co(NH3)5OH23+' (=  RoOH23+)6 
and Co(NH3)63 + (=  RoNH33+), are rather inert 
to oxidizing agents so that to get reactions of the kind 
we were interested in, we were obliged to resort to very 
powerful oxidizing systems.
Experim ental Section

Preparation ofCobalt(III) Pentaammine Complexes and 
Special Reagents. Aquopentaamminecobalt(III) Per
chlorate. Carbonatopentaamminecobalt(III) nitrate 
was prepared by the method of Lamb and Mysels.7 
This salt was converted to the aquo complex by treat
ment with 2 M  perchloric acid and recrystallized three 
times from 0.1 M  perchloric acid (see Table I).

Ow-Enriched AquopentaamminecobalUJII) Perchlo
rate. Aquopentaamminecobalt(III) perchlorate of nor-

Table I :  Analysis of Pentaamminecobalt(III) Perchlorates“

Compound Caled Found
Lit.value

Co(NH3)6OH2(C104)3
«490 4 7 . 3 47.56€345 4 4 . 5 44.8*'
% N 15.2 15.4

3.7 3.7
Co(NH3)6(C1 0 4),

«475 55.7 55.0e
«340 45.5 45.0e
% CIO4- 64.9 65.2
% N 18.3 18.4%H 4.0 3.9

“ N and H determinations were performed by the micro- 
analytical laboratory, Stanford Chemistry Department; ClCb-  
analysis was done gravimetrically by Mr. E. Deutsch, who 
precipitated the ClOi“  as the tetraphenylarsonium salt. b H. 
Taube, J. Am. Chem. Soc., 82, 524 (1960). c A. Zwickel, 
Ph.D. Dissertation, University of Chicago, 1959.

mal O18 content was enriched by the method of Hunt 
and Taube.8 A saturated solution of the complex in 
1.5% H20 18, made 0.01 M  in perchloric acid, was 
heated at 65-75° for 6 hr. The enriched complex was 
recovered by cooling the mixture to 0° and filtering 
the precipitate. The crystals were washed with meth
anol and ether and dried under vacuum at 40°.

Hexaamminecobalt(III) Perchlorate. Hexaammine- 
cobalt(III) bromide (furnished to us by Dr. R. B. Jor
dan) was dissolved in hot water, and perchloric acid 
was added dropwise to it until the solution became 
cloudy. The perchlorate salt which precipitated upon 
cooling was recrystallized three times from redistilled 
water.

C o(N D 3)f,OHi(ClOi)3 . A nearly saturated solution 
of RoOH2(C104)3 in 99.8% D20  at pH 6 (adjusted by 
using OD~ prepared by adding Na to D20) was kept 
at room temperature for 15 hr. At the end of this 
time the small amount of cobalt (III) oxide which had 
formed was filtered off and the solution made acidic 
with trifluoroacetic anhydride. The complex was pre
cipitated with perchloric acid and recrystallized once 
from redistilled H20  at a pH of 1.

Co(NDz)$(ClOi)3. The protonated species was 
placed in neutral 99.8% D20  and heated at ca. 90° 
for 1 hr. At this time a small amount of cobalt(III) 
oxide was visible, and the solution was cooled to room 
temperature. The pH was 9.0 at this point; (CF3C0)20  
was added to pH of 2, then several drops of concen
trated perchloric acid were added and the solution was 
cooled to 0°. The crystals which formed were filtered, 
washed with ether and methanol, and dried in a vacuum 
oven at 45°.

N n-Enriched Ammonium Perchlorate. A mixture 
of ACS reagent grade NH4NO3 and 90% N15H4N140 3 
(distributed by Bio-Rad Laboratories) was dissolved 
in redistilled water, and the ammonium perchlorate 
salt was precipitated by adding perchloric acid to the 
chilled solution. The N15-enriched salt was recrystal
lized from hot, redistilled water by adding just enough 
perchloric acid to give a cloudly solution, then cooling 
to 0°. It was washed with ether and dried under 
vacuum at 40°.

Silver(II) Nitrate Solutions. Silver(II) nitrate in 
6 M  perchloric acid was prepared by the method of
(2) R. Robson and H. Taube, to be published.
(3) A. Haim and H. Taube, J. Am. Chem. Soc., 85, 495 (1963).
(4) H. Taube, / .  Gen. Physiol., 49, 29 (1965).
(5) D. D. Thusius and H. Taube, J. Am. Chem. Soc., 88, 850 (1966).
(6) The radical Co(NHs)s will in the following often be represented 
by the symbol Ro.
(7) A. Lamb and K. Mysels, J. Am. Chem. Soc., 67, 468 (1945).
(8) H. Hunt and H. Taube, ibid., 80, 2642 (1958).
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Kirwin, et al,9 The solution of redistilled water and 
perchloric acid was first purged with ozone to remove 
oxidizable impurities. Then the desired amount of 
silver perchlorate was added and ozone was bubbled 
through the iced solution until no further change was 
detected in the intensity of the dark brown color of the 
solution. Dissolved ozone was then removed with 
nitrogen.

Stock Reagents. The water for both the spontaneous 
and silver-catalyzed persulfate reactions was first 
deionized and then distilled from alkaline permanga
nate. For use in the spontaneous reactions, this 
water was heated (ca. 60°) with alkaline potassium 
persulfate until decomposition was complete, then 
distilled from the potassium sulfate. For use in the 
silver-catalyzed reactions, the water was heated 
(ca. 60°) with potassium persulfate, cobaltous perchlo
rate, and silver nitrate, and after complete decompo
sition of the persulfate, was collected by distillation. 
All water was stored in glass-stoppered bottles.

O18 water (1.5%) was supplied by Bio-Rad Labora
tories. All O18 water was heated with silver nitrate 
and potassium persulfate in the presence of cobaltous 
perchlorate, then distilled and stored in glass bottles. 
D20  (99.8%) was obtained from Bio-Rad Laboratories. 
Before use it was treated with Ag+, S20s2-, and Co2+, 
as in the case of H20 18. Thallic oxide furnished by 
Fisher Scientific Co. was dissolved in twice its weight 
of concentrated hydrochloric acid. To ensure that 
oxidation to the + 3  state was complete, a small amount 
of sodium chlorate was added. The solution was cooled 
and filtered to give hexachlorothallic acid. Standard 
ampoules of NaOH manufactured by P. H. Tamm were 
diluted with boiled water which had been redistilled 
from alkaline permanganate. For solutions more con
centrated than 0.1 N , ACS reagent grade NaOH was 
dissolved in water distilled from both alkaline per
manganate and alkaline persulfate. H20 2 (3%) was ob
tained from the Braun-Knecht-Heimann Co., San 
Francisco, Calif. Cobaltous perchlorate, cerous per
chlorate, and ceric perchlorate were supplied by the
G. Frederick Smith Chemical Co. and were used with
out further purification. All other chemicals were ACS 
reagent grade and used without further purification.

Analyses. Cobalt(II) was determined spectro- 
photometrically as the thiocyanate complex according 
to the method of Kitsen.10 Hydrochloric rather 
rather than chlorostannous acid was used because the 
latter was found to reduce the cobalt(III) ammine com
plexes. Excess Fe(NBu)2(S04)2 in 2 N  H2S04 was 
added to the persulfate solution and back-titrated 
potentiometrically with primary standard Ce(NHi)2- 
(NOs)e in H2S04 (G. Frederick Smith Chemical Co.).

The concentration of a stock cerium(III) perchlorate 
solution was determined spectrophotometrically by 
oxidizing the colorless cerous ion to the yellow ceric 
carbonate complex. This method has been described 
by Sandell.11 pH determinations were made with a 
Beckman Expandomatic pH meter equipped with 
microelectrodes. To determine the pH of a solution 
at an elevated temperature, the instrument was 
standardized at room temperature and the pH was 
then read directly by setting the temperature compen
sator control to the desired temperature. In the case 
of D20  solutions, the meter was standardized using the 
empirical relation pD = pH +  O.4.12

The deuterium content of aquopentaammine and 
hexaamminecobalt(III) perchlorate was estimated by 
comparing the relative peak heights of the N-D and 
N-H stretching modes at 2400 and 3200 cm-1, re
spectively. For Co(ND3)6OH23+ the decrease at 850 
cm-1 was also used. The per cent of nitrogen-15 in 
the N16-enriched ammonium perchlorate was deter
mined by the method of Riley, et al.,13 in which the 
ammonium salt in base is oxidized by hypobromite. 
The nitrogen mass ratio 29/28 was read by peak 
heights with the mass spectrometer. The C02 
equilibration method described by Hunt14 was used 
to determine the O18 enrichment of the aquopenta
ammine complex.

Kinetics. The study of the spontaneous decompo
sition of persulfate in the presence of the cobalt(III) 
ammines was carried out at high and low phosphate 
concentrations, as well as in solutions containing no 
phosphate. For high phosphate concentrations the 
desired amounts of potassium persulfate and disodium 
phosphate were added to redistilled (from persulfate) 
water and the mixture was heated at 50° for 4-6 hr to 
purge the solution of oxidizable impurities. The 
solution was then cooled to room temperature and 
used as a stock reagent over a period of days. The pH 
of these solutions was 7-8. For more acidic reaction 
media the pH of this stock solution was adjusted by 
dropwise addition of concentrated perchloric acid. In 
the case of slow reactions, the cobalt(III) complex was 
added prior to the pH adjustment and the reaction was

(9) J. B. Kirwin, F. D. Peat, P. J. Proll, and L. H. Sutcliffe, J. Phys. 
Chem., 67, 1617 (1963).
(10) R. E. Kitsen, Anal. Chem., 22, 664 (1950).
(11) E. Sandell, “ Colorimetric Determinations of Traces of Metals, » 
3rd ed, Interseience Publishers, Inc., New York, N. Y ., 1954, p 385^
(12) R. G. Bates, “ Determination of pH,”  John Wiley and Sons, 
Inc., New York, N. Y ., 1964, p 219.
(13) R. F. Riley, E. Richter, M. Rotheram, N. Todd, L. S. 
Myers, Jr., and R. Nusbaum, J. Am. Chem. Soc., 76, 3301 (1954).
(14) H. R. Hunt, Ph.D. Dissertation, University of Chicago, 1957.
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started by swirling the reaction mixture in the constant- 
temperature bath. For rapid reactions the persulfate 
solution (at the desired pH) was brought to reaction 
temperature and then either a solution of the complex or 
the salt itself was added with stirring. In the persulfate 
solutions with little or no phosphate, the preheating 
brings the pH down to 2-3. Following the preheating 
primary standard sodium carbonate was used to adjust 
the pH for reactions at pH 3-4 and sodium hydroxide 
for reactions at pH > 4. The sodium hydroxide was 
prepared with water redistilled from persulfate.

Kinetic measurements of the spontaneous decompo
sition were made by following the initial rate of co- 
balt(II) production. Aliquots were pipetted from the 
hot reaction solution, chilled, and diluted with thio
cyanate, acetone, and hydrochloric acid. The optical 
density was determined with a Beckman Model DU 
spectrophotometer. In the case of high cobalt(III) 
hexaammine concentrations, centrifuging was neces
sary to remove the turbidity caused by precipitation of 
the salt by the acetone. In all runs the sample OD 
was corrected by using a cobalt(III) ammine blank of 
the appropriate concentration.

In neutral solutions cobalt(III) oxide was the prin
cipal product. It was produced as a fine suspension 
so that the above sampling procedure was still feasible. 
The sample was first added to hydrochloric acid, to 
convert the oxide to cobalt(II), and then diluted with 
thiocyanate and acetone. The data so obtained gave 
the rate of production of (cobalt(II) +  cobalt(III)) 
oxide. In some runs, only the rate for cobalt(III) 
oxide was determined. In these cases the sampled 
suspension was filtered, washed with dilute perchloric 
acid, dissolved in hydrochloric acid, washed through the 
filter into a volumetric flask, and diluted to volume 
with thiocyanate, acetone, and water.

The initial rate of production of released cobalt (re
leased cobalt is represented by Cop was determined 
from the slope of the plot of ((Co)p) vs. time. The 
specific rate constant for the process is defined as

= d(Co)p 
di , (S2CV-)

The kinetics of the silver-catalyzed reaction were 
followed in much the same way as for the spontaneous 
reaction. Reaction solutions were prepared by first 
mixing all the reagents except the silver nitrate in 
redistilled (from Ag +-S20 82“-Co2 +) water at room 
temperature. After adjusting the pH with concen
trated perchloric acid, the solution was brought to the 
desired temperature in the constant temperature bath. 
Within 5 min the reaction was started by addition of 
the silver nitrate solution. Aliquots were quenched

Figure 1. (a) Reaction vessels used for the uncatalyzed
reaction; (b) vessels used for the Ag+-catalyzed reaction.

by chilling and sodium chloride was added to precipitate 
the silver. After removing the silver chloride by fil
tration the samples were diluted and read as described 
above.

Gas Analysis o f Products. In the persulfate-co- 
balt(III) ammine reactions the general procedure was 
the same for both the spontaneous and silver-catalyzed 
reactions. It entailed the following steps: (1) de
gassing the reaction solution under vacuum, (2) starting 
the reaction and maintaining the solution at the se
lected temperature, usually 50°, (3) freezing the re
action solution and collecting the gas in a Urey tube,
(4) measuring the amount of gas by means of a 
manometer, and (5) retrieving the gas from the man
ometer and analyzing it with the mass spectrometer. 
The vacuum reaction flasks used in these experiments 
are pictured in Figures la and b. The stopcock as
sembly was designed to prevent leaching of grease 
into the reaction mixture by evaporated solvent.

In the case of the uncatalyzed reactions, the re
action mixture was first prepared as described earlier. 
It was then transferred to the reaction flask and de
gassed by freezing the solution with a Dry Ice-alcohol 
sludge, then opening the stopcock and evacuating the 
flask, and finally closing the stopcock and thawing the 
mixture. This procedure was repeated at least two 
more times to ensure complete removal of dissolved 
air. The reaction was initiated by swirling the flask 
in the 50° bath for several minutes. A stream of warm 
air was directed on the stopcock assembly to minimize 
condensation of water vapor. After the desired length 
of time the reaction was quenched by swirling the flask 
in an ice bath.

The silver-catalyzed reaction solutions were de
gassed in the same fashion, with a solution of the co
balt (III) ammine, potassium persulfate, and perchloric 
acid in the large bulb (see Figure lb) and the silver 
nitrate solution in the small bulb. After degassing,
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the solutions were brought to 50° and mixed by tipping 
the flask to transfer the silver nitrate solution to the 
persulfate solution. An ice bath was used to quench 
the reaction.

In both the spontaneous and silver-catalyzed re
actions the gas was transferred from the reaction flask 
to a Urey tube by means of a Toepler pump. 
To dry the gas a Dry Ice-alcohol trap was placed be
tween the reaction flask and the Toepler pump. The 
amount of gas produced was measured by means of a 
vacuum manometer of calibrated volume.
Results

I. The Ag+-Catalyzed Reaction of $2t>8®~ with Co- 
(NHs)iOHis+. General Observations on the Reac
tions in the RoOH‘f +-A g+-SzOii~ System. When a 
solution of AgN03 is added to one containing Iv2S20 8 

and RoOH2(C1 0 4)3 in dilute IICIO4, S20 82- is reduced 
to SO42“, 0 2 is formed, and Co2+ is produced. Ni
trogen gas comprises less than 2% of the gaseous prod
ucts except when the pH becomes much higher. The 
rate of S20 82~ destruction is not materially affected by 
the presence of RoOH23+, nor by the buildup of Co2+ 
or of other reaction products. Thus the specific rate 
of reduction of S20 82~, kAg, as defined by

-d (S 20 22-)/df = fcAg(Ag+)(S20 82-)
in an experiment at 50° and y =  0.58 was found to be 
2.9 X IQ-2 M _1 sec-1 which can be compared to 2.4 X 
10~2 M ~ 1 sec-1 as reported by Gupta and Ghosh16 
based on work in which Mn2+ was the reductant at 
y =  1.0. The difference in rate is slight and can be 
attributed to the difference in ionic strength; Gupta 
and Ghosh find kAg at y =  0.64 compared to y =  1.0 to 
be 1.2. Our specific rate for y =  0.58 compared to that 
measured by Gupta and Ghosh at y =  1.0 is also 1.2.

Figure 2 shows that the rate of production of Co2+ 
declines fairly rapidly as the reaction progresses. Even 
the initial rate of production is small compared to that 
of S042-, and it is therefore impossible on the basis of 
the rate laws alone to decide whether the reaction of 
RoOH23+ with S20 82- represents an additional path 
for the destruction of S20 82 or whether, in common 
with so many systems involving Ag+ and S20 82-, the 
complex reacts with an intermediate generated by the 
action of S20 82- on Ag+. Because even with reducing 
agents more reactive than RoOH23+ the latter situation 
obtains, we believe it obtains also in the present system. 
This view is corroborated by data appearing in Table
II. When the results of expt 2 and 4 in Table II are 
compared, it is clear that the yield of Co2+ is inde
pendent of (Ag+) and thus the reaction for Co2+

Figure 2. The production of Co2 + as a function of time in the 
Ag+-catalyzed reaction: AgN03 = 0.084 I f ;  K2S20 8 —
0.050 M; RoOH2(CI0 4 )3 = 0.043 M; temp = 50.0°; 
pH 2.0 ±  3; m =  0.6 ±  0.1. The initial slope is 
indicated by the straight line. I t  corresponds to 
dCo2+/di = 1.5 X 10-6 M sec-1.

Table II : Yields of Co2+ in the
RoOH23+--Ag+-S20 82- Reaction“

Expt (R 0 O H 2- (C o2+) /
no. (AgNOs) (K îSsOs) (ClOi)a) (S 0 42 -)6
1 0.050 0.051 0.0064 0.0050
2 0.043 0.040 0.023 0.0140
3 0.046 0.039 0.023 0.0108'
4 0.083 0.037 0.023 0.0135
5 0.084 0.050 0.043 0.022
6 0.100 0.041 0.078 0.032
7 0.050 0.046 0.40 0.135"

“ pH variable—ca. 1.9 -*• ca. 1.2 during course of reaction; 
temp 50.0°; y — 0.6 ±  0.1; concentration in molarity. ilCo2 + 
and SO,s2~ after complete decomposition of S2C>82-. 4 (Co-
(ClOddo = 6.4 X 10-4 M; (Co2+)finai = 14.8 X 10“4 M. 
"Temp 81°; y = 2.5.

production and that which leads to the other product, 
0 2, have the same dependence on (Ag+).

The data of Table II show that the yield of Co2+ 
is proportional to the concentration of RoOH23+, a 
circumstance which is quite compatible with the con
clusion reached in the foregoing paragraph as long as 15
(15) Y. K. Gupta and S. Ghosh, J. Inorg. Nucl. Chem.} 9, 178 (1959).
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Table HI : A g + ^O A - - R o0 18H23 + Tracer Results“
Expt (R0OH2- 1 , (Co2 +) X (O2) X O*/

no. (AgNOs) (K2S2O8) (ClCWa) Er min 10> 10> b Eo Co*4"

I 0.043 0.101 0.043 7.25 3.0 1.12 7.75 1.290 0.64
2 0.043 0.101 0.059 7.00 3.0 1.35 8.2o 1.338 0.68
3 0.043 0.100 0.179 7.00 3.0 2.16 6.26 1.643 0.62
4 0.087 0.101 0.044 7.00 1.5 1.03 7.9o 1.240 0.61
5 0.086 0.101 0.044 7.25 2.3 1.13 12.5 1.211 0.75*
6 0.086 0.101 0.022 7.25 1.5 0.69 8.88 1.175 0.73
7 0.084 0.051 0.043 7.25 3.0 1.11 7.27 1.285 0.60
8 0.043 0.048 0.042 7.00 3.0 0.96
9 0.043 0.049 0.042 7.25 3.0 1.24 3.88 1.293 0.61'

10 0.080 0.094 0.041 7.00 2.3 3.05 12.5 1.058 0.79'
11 0.043 0.101 0.043 7.00 3.0 0.78 7.02 1.240 0.72"
12 0.043 0.102 0.044 7.00 3.0 0.64 2 .6 i 1.388 O ^ *
13 0.038 0.098 0.098 7.00 2.3 1.90 2 .8 4 2.370 0.17*'
“ Temp 50.0°; pH 1.7 ±  0.2; n = 0.6 ±  0.1; concentrations in molarity; solvent and S20 82- of normal isotopic composition. 6 (Moles 

of 0 2 evolved)/(liter of reaction mixture). c Number of gram-atoms of aquo oxygen in the gas phase compared to the number of gram- 
atoms of Co2+ produced. d (S20 82~) = 0.0690 M at end of reaction. '  Co(C10 4 )2 = 6.43 X 10-4 M, t =  0 min. 1 Co(C104)2 = 
2.74 X 10~3 M, t = 0 min. 1 pH 0.38. h N*H4C104 = 86 X 10~3 M,t = 0 min. ’ 0.02 M NaOH present, t =  0; Co(III) as oxide = 
6.1 X 10-3 M at end of reaction; Co2+ in 0*/C o2+ refers to sum of Co(III) oxide +  Co2+; N2/ 0 2 = 0.61.

it is true that RoOH23+ consumes only a small fraction 
of the intermediate generated by the Ag+-S20 82~ re
action. Experiment 3 compared to experiment 2 shows 
that Co2+ somewhat inhibits the production of Co2+.

O18-Tracer Results. Although it has been shown that 
Co(III) in the aquopentaamminecobalt(III) complex is 
reduced to Co2+, this fact does not prove that co
ordinated water is oxidized to oxygen. Tracer ex
periments which have been done, using oxygen-labeled 
RoOH23+ in water of normal isotopic composition, 
and examining the isotopic composition of the oxygen 
which is formed do, however, prove that the oxygen 
which is contained in the complex is in good yield con
verted to 0 2 (c/. Table III).

In the table, E-r and E 0 represent enrichment ratios 
(that is, the isotopic ratio Ol8/ 0 16 in the sample com
pared to that in one of normal isotopic composition) 
of the complex and the evolved oxygen, respectively. 
The ratio 0*/Co2 + in the last column represents the 
number of gram-atoms of labeled oxygen placed in the 
gas phase per gram-atom of Co2+ produced. For 
completely efficient transfer to the gas phase of co
ordinated oxygen, this ratio would be 1.00. While 
the values of 0*/Co2 + do not reach this limit, they do 
get to be as high as ~0.075 and show that most of the 
Co2+ produced is accompanied by coordinated oxygen 
being transferred to the gas phase.

It should be mentioned, also, that having RoOH23+ 
present protects the system from the deposition of 
solid products. Cobaltous ion alone serves this pur
pose, presumably acting by scavenging the oxidized

form of silver which otherwise forms solid and pro
viding an efficient route for the oxidation of water.

To sum up the conclusions reached in the foregoing, 
two reactions are necessary to describe the net change

S20 82-  +  H20  = 2S042~ +  y 20 2 +  2H+ (1)
3H+ +  YjSsOs2-  +  Co(NH3)5OH23+ =

S042-  +  Co2+ +  5NH„+ +  ViO* (2)
Reaction 2 waits on the formation of an intermediate 
generated by the interaction of Ag+ and S20 82-. The 
intermediate for the most part reacts to form 0 2 and 
in small part attacks RoOH23 ̂  forming Co2+.

The values of 0 * / C o 2+ shown in Table III are seen 
to be somewhat variable even for experiments which 
are duplicates. The cause of this variability as well as 
of the defect in the values of 0*/Co2+ from 1.00 is that 
processes besides oxidation of coordinated water can 
produce Co2+.

The variability may in part have an extrinsic cause. 
It is difficult to ensure that all carbonaceous material 
has been eliminated even by the pretreatment used. 
All of the gas samples contain C02 in addition to 0 2; 
the C02 content is variable but for the experiments 
reported on in Table III it does not exceed 2 mole %. 
In an earlier series of experiments, a sample of the 
complex salt was used which had become contaminated 
with carbonaceous material. The gases collected in 
the experiments done with this material contained as 
much as 30 mole %  C02 and the values of 0*/Co2+ 
calculated from the results were of the order of 0.45.
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In one of the experiments, an initial sample of gas was 
withdrawn showing a C02/ 0 2 ratio of 0.40; for this 
portion 0*/Co2+ was determined as 0.46. A second 
sample was then withdrawn which showed CO2/O2 

as 0.010 and gave for 0*/Co2+ a value of 0.67. These 
results suggest that stray carbonaceous material does 
reduce Co (III) to Co2+ but without delivering complex- 
bound oxygen to the gas phase as 0 2.

Several experiments were undertaken with carbo
naceous material of known identity to investigate the 
reduction of RoOH23+ by carbon radicals. In one 
series of experiments, Ce(IV) was added dropwise to 
a solution containing RoOH23+ and H2C20 4. The 
Co2+ content of the solution after reaction was deter
mined and a tracer experiment on the C02 was done in 
which the gas was swept from the solution by a stream 
of He and the C02 was collected in a liquid air trap. 
A complication in the experiments is that a precipitate 
may form. The precipitate contains RoOH23+, Ce(IV), 
and oxalate; its formation can be avoided by adjusting 
the concentrations of the solutes, including that of 
HCIO4.

In one experiment with H2C20 4 at 0.072 M , [RoOH2]- 
(C104)3 at 0.0142 M , HC104 at 1.5 M , and Ce(IV) 
perchlorate at 0.016 M  (the concentrations correspond 
to those which would have obtained after mixing but 
before reaction), the ratio of Co2+/C'02 produced was
0.197. In a second experiment the concentrations 
were substantially the same but Ce(IV) was 0.028 M ;  
in this case the ratio Co2+/C 02 was observed to be
0.145. The second experiment was done using O18- 
enriched aquo ion, but no enrichment appeared in the 
C02. A qualitative experiment was undertaken with 
KMn04 as the oxidant; this reagent, oxalic acid, and 
aquo ion were each a ca. 0.05 M  and perchloric acid 
was at 0.2 M . In this system as well considerable re
duction of Co (III) to Co2+ occurred. The three ex
periments demonstrate that the radical obtained by 
le_ oxidation of oxalate has the capacity to reduce 
aquopentaamminecobalt(III).

Carbon-containing radicals are extrinsic to the sys
tem and come into question only because carbonaceous 
matter is difficult to eliminate completely. (Though 
the actual content of carbonaceous material is very 
small, the products of its oxidation represent a sub
stantial part of the gas formed because reaction occurs 
only to a small extent and carbonaceous matter is 
destroyed preferentially.) Radicals derived from H20 2 
may, however, well be intrinsic to the system because 
hydrogen peroxide is a likely intermediate in the ox
idation of water to oxygen. We did an experiment to 
learn whether the reaction of Ce(IV) with H20 2 
induces the reaction of the aquo complex. In the

experiment, 3.00 ml of 0.050 M  Ce(IV) in 0.6 M  HCIO4 
was added dropwise over 10 min to a well-stirred so
lution, 6.00 ml in volume at 50-60°, which was 0.13 M  
in [RoOH2](0 1 0 4 ) 3  and 0.15 M  in H20 2. After the 
addition of Ce(IV), the solution was found to be 9.5 X 
10-4 M  in Co2+; no measureable amounts of Co2+ 
are produced by Ce(IV)-RoOH23+ or H20 2-RoOH23+ 
mixtures under similar conditions. An additional 
blank experiment showed that the Co (III) salt with
out the “inductor” system would account for less than
1 X 10~4 M  Co2+. The induced reduction of Co(III), 
though small in extent, is definite. It is, of course, 
difficult to extrapolate from conditions of these ex
periments to those obtaining for the [RoOH2] (C104)3-  
Ag+-S2082- system. In the former the radical H 02, 
which we may reasonably assume to be the interme
diate, is destroyed by Ce(IV) and in the latter by a 
different oxidizing agent or perhaps by disproportiona
tion. It is possible, therefore, that the radical H02 
plays a much greater role in reducing Co (III) in the 
latter system than is indicated by the induction factor 
uncovered in the [RoOH2]3+-Ce(IV)-H20 2 system.

Still another intrinsic process which may lead to 
reduction of Co (III) without concomitant production 
of 0 2 is oxidation of coordinated NH3. About 0.5-2.0% 
of the gas is N2, which blank experiments as well as the 
magnitude of the Ar peak showed could not have come 
from contamination by air. That most of the N2 does 
not arise from the oxidation of NH4+ was shown by 
doing an experiment (0.043 M  AgN03, 0.100 M  
K2S20 8, 0.097 M  RoOH2(C104)3, pH 1.7, t =  3.0 min) 
in the presence of 0.010 M  NH4CIO4, 16-fold enriched 
in N15. Only 3% of the N2 evolved was found to have 
originated from the NH4+. The major product of the 
oxidation of NH4+ is presumably N 03~. The oxidation 
to nitrate of ammonia released as NH4+ by the re
duction of the complex may also contribute to the de
fect of the values of 0*/Co2+ from the maximum of
1.00. In expt 12 of Table III, 8.6 X 10~2 M  NH4CI0 4  

was added at the beginning of the experiment. Com
pared to expt 1, which is similar except that NH4+ 
was not added initially, the yield of oxygen is seen to be 
much diminished and the value of 0*/Co2+ is signifi
cantly less. The amount of NH4+ formed in the 
course of the reaction such as expt 1, Table III, is 
only of the order of 5 X 10-3 and thus the effect of the 
accumulated NH4+ on the results is expected to be 
considerably less than shown in expt 12. Neverthe
less the factor referred to will be significant in depres
sing the values of 0*/Co2+.

The check on the consumption of S20 82~ which was 
made in expt 5 of Table III proves that reactions 1 and
2 do not account for rhe disappearance of all of the
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S20 82_. Making allowance in the total stoichiometry 
also for the reduction of Co (III) (reaction 2), it ap
pears that 22% of the S20 82~ is found to disappear 
without producing an equivalent amount of 0 2. The 
oxidation of carbonaceous material and the production 
of N2 account for only a small part (2%) of the excess 
persulfate consumed, and it is likely that most is taken 
up in producing NOa- .

There is no dearth of processes to explain the excess 
production of Co2+ which is observed. Correction for 
the oxidation of carbonaceous material can raise 0*/ 
Co2+ to ca. 0.80 and, assuming oxidation of coordinated 
NH3, it can be brought to ~0,90. In view of the ef
fects demonstrated, it seems likely that in those acts 
in which coordinated oxygen is oxidized, 0*/Co2+ is 
in fact close to 1.00.

Other Experiments. A tracer experiment was done 
using S20 82- (0.100 M ) of normal isotopic composition, 
0.043 M  AgN03, and 2.6 X HR4 M  Co(C104)2 (the 
latter reagent prevents the formation of the black 
precipitate) and in water threefold enriched in O18. 
The oxygen gas was collected and was found to be of 
the same isotopic composition as the solvent.

In acting on our concern about the nature of the 
intermediates which give rise to the effects which have 
been described for RoOH23 experiments were done 
adding dilute solutions of Ag2+ to RoOH23+. In one 
experiment at 58° with (AgN03) = 0.25 M , (HC104) =
3.0 M , (RoOH23+) = 0.014 M , A(Co2+)/AAg2+ was 
found to be 0.009; in another at 52°, with (AgN03) = 
0.49 M , (HCICh) = 3.0 M , and (R,oOH23+) = 0.086, 
ACo2+/AAg2+ = 0.070. The effects are seen to be 
of the order of magnitude of those observed in the 
RoOH28+-Ag+-S2082_ system.

I I . The Uncatalyzed Oxidation of RoOH 2i+ by 
S20 s2~. A solution of RoOH23+ when heated with 
S20 82- even in the absence of Ag+ produces Co2+. 
The stoichiometry of the reaction, however, differs 
in important respects from that observed when Ag+ 
is a catalyst. The results obtained in the study of the 
stoichiometry and kinetics of the reaction are sum
marized in this section.

(a) The RoOH 2s+-S 2Oii~ System in the pH  Range 
3 .2 -4 4 . A summary of the results obtained on the 
rate of Co2+ production as a function of several varia
bles is given in Table IV. The specific rate appearing 
in the last column of the table is defined by the rate 
law

k = [d(Co2+)/di]/(S20 82-)
In Figure 3 the results of most of the experiments are 
displayed as a plot of k against (RoOH23+). The

Table IV : Rates of Co2+ Production in the 
S20 82--RoOH2a+ Reaction“

R0OH2- kb
Expt (CIO4) a ( X  10«
no. K2S2OS ( X  1 0 ‘) pH sec -1)

1 0.147 1.6 3.4 0.43'
2 0.145 1.9 3.6 0.53
3 0.147 2.1 3.6 0.48
4 0.147 2.0 3.4 0.40'
5 0.141 3.7 3.6 0.58
6 0.141 7.4 3.6 0.82
7 0.148 14.2 3.5 0.92'
8 0.148 28.3 3.2 1.07'
9 0.0357 40.3 3.4 1.08

10 0.141 1.25 4.2 0.52
11 0.148 5.0 4.3 0.87
12 0.148 19.5 4.3 1.00
13 0.148 36.5 4.4 0.98
14 0.142 452.0 4.1 0.32',d

pH 3.4-4.4:; T 50.0°; sodium phosphate = 0.050 M ; per-
ehlorate media; ß = 0.5-0.8; concentrations in molarity. bk = 
[d(Co2+)/df]/(S20 82-). '  No phosphate. d (Ce3+) -  9.5 X 
IO“ 4 M.

Figure 3. The rate of the Co2 + production in the uncatalyzed 
reaction as a function of (RoOH23+) under various conditions 
(temp 50°, (NalRPCh) = 0.05 M  except where otherwise 
specified, ¡j. = 0.60, (K^Os) = 0.13 ±  0.01 M ): O, 
pH 3.2—3.6; O-, pH 3.2-3.6 (no phosphate); Cf, pH 3.3 
(NH3 in complex, ca. 80% deuterated); O, pH 4.1-4.2;
•, pD 3.7-3.9 (in D20, complex deuterated, no phosphate).
A data point (•) corresponding to k = 9.8 X 10~7 M _1 sec-1 
when (RoOD23+) = 203 X 10-4 is not shown on the graph.

figure also summarizes the results of some isotopic 
experiments which will be considered in a later section.

The most striking feature of the data (c f. Figure 3) is 
that though the rate of Co2+ production does increase 
with (RoOH23+) when (RoOH23+) is low, it becomes 
independent of this variable as its magnitude increases. 
The rate of Co2+ production does, however, vary 
directly with the concentration of S20 82- (cf. expt 8 and 
9 of Table IV) even after the rate has reached a “sat
uration” value with respect to (RoOH28+).
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Some evidence16 has been adduced supporting the 
conclusion that when S20 82- decomposes in not too 
acidic solution, the radical HO is produced.17 The 
specific rate of production of HO on this basis at 
50° is 2.0 X ICR6 sec-1 which is just twice the rate 
at which Co2+ forms. The data of Table V show that 
the 2:1 relationship is maintained over a range of 
conditions. We conclude therefore that the 2:1 ratio 
at saturation is not coincidence, but has stoichiometric 
significance.

Table V : Saturation Specific Rate for the Production of Co2 + 
Compared to the Rate of Production of HO from S2082-

T,
°C pH

k at
saturation,

sec"1

Specific rate 
of HO 

production, 
sec-1

50 .0 4 .2 1 .0  X  10~6 2 .0  X  10“ «
50 .0 3 .4 -3 .6 1 .0  X  10“ 6 2 .0  X  10“ 8
60 .0 3 .4 -3 .6 5 .2  X  10-« 1.0 x  i o - 6
69.9 3 .4 -3 .6 1 .9  X  IO“ 6 4 .5  X  10“ 6

The conclusion cited in the previous paragraph is 
corroborated by the observations made on the total 
stoichiometry at rate saturation. In an experiment 
at 50°, with pH 3.6 (phosphate buffer), (RoOH2(C1 0 4)3) 
= 3.9 X HR3 continuing for 68 min, cobaltous ion was 
formed at a concentration of 5.9 X HR4 M , and the 
amount of N2 formed per liter of reaction solution 
was 2.7 X 10~4 mole. Excluding C02, always present 
in small amount as a result of carbonaceous material 
which was not eliminated, N2 is the only gaseous prod
uct of the reaction at rate saturation and the main 
net change expressed in terms of HO is therefore repre
sented by the equation
3H+ +  Co(NH3)50H23+ +  2HO =

Co2+ +  4NH4+ +  V2N2 +  3H20  (3)
Two HO and one Co (III) are involved in the oxidation 
of one coordinated NH3 to nitrogen, thus accounting for 
the 2:1 ratio of HO/Co2+ observed at rate saturation.

Even when the rate of Co2+ production is well below 
the saturation value, the yield of oxygen remains small. 
In an experiment at pH 3.4 with (RoOH23+) initially 
at 0.119 X 10 ~4 M , after 60 min of heating, (RoOH23+) 
had decreased to 1.04 X HR4 M  and 0.83 X ICR4, 
0.44 X HR4, and 0.055 X 1(R4 moles of Co2+, N2, and 
0 2, respectively, were produced. If the production of 
Co2 + had proceeded at the saturation rate, the (Co2+) 
at the end of the experiment would have been 5.4 X ICR4 
M . The production of 0 2, Co2+, and N2 by no means

accounts for the consumption of S20 82~, and it is clear 
that some process or processes not yet described pro
vides for the consumption of HO radicals. In all 
likelihood, what is involved is the oxidation of nitrogen 
to states above zero in oxidation number. Mass 
spectrometer analysis revealed the presence of N.O 
(ca. 10 mole %) in the products of a reaction similar 
to that referred to above, but with the initial con
centration of RoOH23+ ca. 3.5-fold higher and with 
the pH at 4.5. The amount of N20 was not great 
enough to account for the defect in the production of 
oxidized products and probably N 03-  was also a 
product.

(5) Variation with pH . In Table VI and Figure 4 
are shown data obtained at pH 2.4 and in the range 1.2- 
1.8. A definite decrease in the saturation value of the 
specific rate is observed as the pH falls: it is ca. 0.8 X 
HR6 sec-1 at pH 2.4 and 0.7 X HR6 sec“1 at the lower 
pH range. The concentration of RoOH23+ needed to 
bring the rate of Co2+ production to one-half the 
saturation value is about 3 X 1(R4 M  at pH 2.4 and 
increases somewhat at lower pH. The increase as

Table VI: Rates of Co2 + Production in the 
S20*R-(NHs)5CoO H R  Reaction“

(R 0 OH 2- k
E x p t (C10i)3) (X  101

no. (K sS sO b) X 10* pH s e c " 1)

l 0.147 0.127 2.4 3.3
2 0.147 0.61 2.4 5.3
3 0.147 1.56 2.4 5.8
4 0.147 1.52 2.4 s . s 6
5 0.147 4.20 2.4 7.0
6 0.143 1.03 2.4 5.2°
7 0.189 3.07 2.4 6.3°
8 0.160 10.50 2.4 8.3°
9 0.154 19.00 2.4 7.7°

10 0.130 51.00 2.4 7.5'
11 0.098 2.00 1.2 5.2d
12 0.099 3.40 1.2 6.0<i
13 0.145 2.20 1.4 5.8
14 0.145 10.00 1.8 6.7
15 0.147 20.30 1.2 7.2d
16 0.142 46.00 1.8 2.5''''

°  pH 1.2-•2.4; T  50.0°; sodium phosphate = 0.050 M ;  per-
chlorate media; concentrations in molarity. ò NH4CIO4 =

1.3 X 10“ 3M.  '  Solvent was distilled only from MnCh ; no
preheating with S20 82 . 4 No phosphate. ‘  Ce3+ =  8.6 X
IO“ 4 M.

(16) W. K. Wilmarth and A. Haim, “ Peroxide Reaction Mecha
nisms,”  J. O. Edwards, Ed., Interscience Publishers, Inc., New York, 
N. Y., 1962, pp 199-200.
(17) I. M . Kolthoff and J. K. Miller, J. Am. Chem. Soc., 73, 3055 
(1951).
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Figure 4. The rate of Co2+ production in the uncatalyzed 
reaction as a function of (RoOH23 +) under the same conditions 
as in Figure 3, but in more acidic solution: O, pH 2.4; O, 
pH 2.4 (no preheating of SiOg2-); O-, pH 1.4;
-O, pH 1.2 (no phosphate); •, pH 1.4 (NH3 in complex, 
co. 80% deuterated); •, pH 2.3 (NHa in complex, 
ca. 80% deuterated).

pH is lowered, even if not regular, is at least monotonic 
over the pH range 4-1.4. An analysis of the gas was 
performed for one experiment at pH 2.4. In this 
experiment (RoOH23+) = 0.019 M  and (S20 82-) =
0.147; ca. 6% of the gas was observed to be 0 2 and the 
ratio of AN/ACo2+ was ~ 0.9.

Figure 4 shows that the prepurification has little 
effect on Co2+ production, even though the C02 content 
of the gas was ca. 50 mole % in the samples not subject 
to pretreatment. Even after pretreatment, the C02 
content was in the range 10-25%, but again no effect 
on Co2+ production could be related to the variability 
in C02 production. We are led to conclude that 
carbonaceous matter disappears by a chain reaction 
with S20 82- and that there is little interaction between 
this chain process and the processes leading to the re
duction of RoOH23+. In terms of the earlier discus
sion, one hydroxyl radical can in principle lead to the 
destruction of several equivalents of carbonaceous 
matter by catalyzing its chain reaction with S20 82~. 
Experiment 4 of Table VI compared to expt 3 shows 
that moderate concentrations of NH4+ do not inhibit 
Co2+ production even short of rate saturation. The 
active intermediate apparently does not react readily 
with NH4+.

At high pH’s, the reaction stoichiometry changes 
markedly. In an experiment at 50° with (S20 82~) =
0.125, (RoOH23+) = 11.7 X 10-3, and pH 6.9 
((NasHPCh) = 1.2 X 10~3 M ), k (where this now mea
sures the total rate of destruction of Co (III) and not the 
rate of formation of Co2+) was observed as 1.1 X 10-6 
sec-1. A black precipitate formed which we take to be 
a cobalt oxide, but which analysis proved as con
taining only 12% of the cobalt in the 2-f state, the 
balance presumably being in the 3+  state. The gas 
under these conditions contained oxygen in addition to

nitrogen, the former component comprising about 30% 
of the total. Several additional experiments were 
done to provide information on the mode of formation 
of the cobaltic oxide. They revealed that neither 0 2 
nor H20 2 oxidize Co2+ to Co (III) under similar ex
perimental conditions and further that the oxide 
does not form simply as a result of a bimolecular 
reaction of S20 82- and Co2+. A tracer experiment 
showed that only 5% of the oxygen formed contained 
atoms derived from the Co (III) complex.

(c) H -D  Isotope Effects. A data point in Figure 3 
(see legend) shows that there is no effect on the rate of 
Co2+ production by D substitution in the coordinated 
ammonias of Co(NH3)6OH23+. At the pH of the 
experiment, 3.2, it was shown by infrared analysis of 
the hexachlorothallium(III) salt that 30% exchange 
of D for H had occurred, thus weakening the conclusion 
to some extent. At lower pH’s, the rate of -NH3-D  
exchange is diminished and the conclusion is upheld 
by the data shown in Figure 4, taken at pH’s 1.4 and
2.3.

However, when Co(ND3)5OD23+ reacts in D20, there 
is a marked decrease in the rate. The results of 
Figure 3 demonstrate that the rate of Co2+ release 
as measured by the initial slope is 4.5-5 times less rapid 
than in the corresponding reaction of Co(NH3)3OH23+ 
in H20. In considering the observations account 
should be taken of the fact that although the exchange 
of hydrogen in coordinated NH3 with D20  is slow in 
acid, it is very rapid in coordinated H20. The result 
at high (RoOH23+) as reported in the legend to Figure 
3 indicates that the saturation value of rate is insensi
tive to H-D substitution.

I I I . The Oxidation o f R o N H f+  by S/Jg2~. In the 
reaction of RoNH33+ with S20 82-, Co2+ is produced 
and at the higher values of (Ro(NH3)63+), just as with 
RoOH23+, N2 is the gaseous product of the reaction. 
The kinetic data obtained with RoNH33+ are sum
marized in Table VII and in part are displayed in 
Figure 5.

Rate saturation is observed also with RoNH33+ 
as reductant but the saturation value of the specific 
rate '—'0.7 X 10-6 sec-1 is considerably below that 
observed with RoOH23+. The efficiency of RoNH33+ 
in competing for the intermediate generated by the 
decomposition of S20 82- is considerably less than that 
of RoOH23+ (note that the concentration of RoNH32- 
to reach one-half rate saturation with the former agent 
is ~ 2 X 10-3 compared to ~ 2 X 10-4 for the latter). 
A profound difference between the systems is observed 
in the effects of deuteration. In the present system 
there is a marked decrease in rate when Co(ND3)63+ 
is used in place of Co(NH3)63+. Because exchange
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Table VII: Rates of Co2+ Production in the 
S208s--C o(NHs)63+ Reaction“

Expt
no. (K2S2O8)

(Co(NHs).-
(C104)3)
X 10* Solvent

.—Acidity—x 
p H  p D

k
(X 10»
sec -1)

1 0 .1 4 1.0 h 2o 3.5 0 .1 7
2 0 .1 4 3 .1 h 2o 3.3 0 .5 3
3 0 .1 4 1 0 .4 h2o 3.3 0 .6 8
4 0 .1 5 2 0 .0 h 2o 3.3 0 .7 0
5 0 .1 4 3 .2 h 2o 3.3 0 . 18!
6 0 .1 2 1 0 .0 h2o 3.3 0 .3 5 !
7 0 .1 5 1 0 .5 99% D20 3.8 0 .1 3 '
8 0 .1 5 2 2 .2 99% D20 3.4 0 .2 5 ‘
9 0 .1 5 1 .9 h 2o 2.5 0 .5 8

10 0 .1 5 9 .8 h 2o 2.5 0 .5 8
11 0 .1 4 5 .6 h2o 2.5 ~ 0 . 1 5 ‘
“ T50.0°; sodium phosphate = C.050 M ; perchlorate media; 

concentrations in molarity. 6 The complex was ~70% deuter- 
ated (Co(ND3)63+. c The complex was 99% deuterated Co- 
(NHj)ti+. 8 (Co(C104)2)o = 1.3 X 10-3 M.

5 10 20
(RoOH2s *;x 1 0 3

Figure 5. The rate of production of Co2 + from RoNH33+ in the 
uncatalyzed reaction (temp = 50°, NaH2P04 0.05 M, y = 0.6): 
O, pH 3.3-3.5; 0, pH 3.3 (complex 70% deuterated); Q, pH 
3.4-3.8 (complex 99% deuterated in D20).

during reaction is extensive, it is difficult to get a good 
measure of the H-D effect. Taking account of the 
exchange, a decrease of perhaps 8 or 9 in rate is indi
cated on replacing H by D in the coordination sphere. 
If in addition the solvent is deuterated, the decrease in 
rate as judged by the slope at low Co2+ in Figure 5 is 
by a factor of about 18. Thus a solvent isotope effect 
by a factor of about 2 is indicated.

It seems certain that the rate decreases recorded on 
deuteration are not the result of impurities in the 
deuterated hexaammine. Experiment 3 of Table VI 
was run after first allowing Co(ND3)63+ to exchange 
with solvent and the rate is seen to be normal. Ex
periment 8 was done by allowing Co(NH3)63+ to ex
change with D20, then initiating the reaction. Ex
periments 9 and 10 at pH 2.5 suggest that rate sat
uration in this system, as in the aquo, sets in more 
sharply at lower pH’s and indicate furthermore that

the limiting value of k becomes less at lower pH. The 
data are too sparse to provide firm support for either 
conclusion. Taken together with the results of 
expt 11, they do seem to show that Co2+ has a striking 
inhibitory effect on the rate.
D iscussion

The evidence uncovered for the oxidizing system 
Ag+-S20 82~ acting on RoOH23+ shows that this re
ducing agent in common with many others waits on 
the formation of an intermediate resulting from the 
interaction of Ag+ with S20 82-. The reactivity of the 
intermediate to RoOH23+ is not great, however, and a 
concentration far beyond the limit imposed by the 
solubility of RoOH2(C1 0 4 )3  would be required to reach 
the saturation rate in this case.

An important question to settle is the identity of the 
intermediate which reacts with RoOH23+. When 
account is taken of the chemistry of the system, the 
only reasonable candidates appear to be (i) Co3+,
(ii) Ag(II) (or Ag(III)), and (iii) HO or S04~. Our 
observations suffice to distinguish between the three 
categories but not to make the distinctions within the 
categories (ii) or (iii).

Direct experiments testing the action of Co3+ on 
RoOH23+ as well as the fact that buildup of Co2+ 
decreases the rate of production of Co2+ from RoOH23 + 
in the Ag+-S20 82- reaction show that neither Co3+ 
nor a species of higher oxidation number derived from it 
can be the active species. As the later discussion 
shows, the radical HO (or S04~) is apparently involved 
in the uncatalyzed reaction where the reaction takes a 
markedly different stoichiometric course and the N2 
rather 0 2 is the gaseous product. By elimination we 
are directed to the conclusion that highly oxidized 
silver species attack RoOH2s+. This conclusion is 
supported by the fact that a solution containing Ag2 + 
does produce Co2+ from RoOH23+. It is also reason
able on the grounds that Ag+, being present in high 
concentration in acidic solution, would be expected 
to convert HO or S04% if produced, to Ag(II) or 
Ag(III). Our data suggest that the same intermediate 
attacks water in RoOH23+ as attacks other water, but 
does not lead to a decision between the states Ag(II) 
and Ag(III) which are in labile equilibrium.9'18 In 
principle, a decision could be reached by a kinetic 
study of the direct reaction of Ag(II)(Ag(III)) with 
R oO H 23+.

Two distinct mechanisms for the oxidation of co
ordinated water need to be considered, and both are

(18) B. M . Gordon and A. C. Wahl, J. Am. Chem. Soc., 80, 273 
(1958).
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consistent with the stoichiometry and the oxygen 
tracer experiment.
A. (NH3)6CoOH23+ —►  (NH3)6CoIVOH2 +  e~ (4)

(NH3)6CoIVOH2 +  0H2 —►
Co2+ +  HOOH +  H+ +  NH4+ (5)

B. (NH3)5CoOH23+ +  H*OAg(II) —
Co2+ +  HOOH +  Ag+ +  NH4+ (6)

By either mechanism H20 2 is formed as an intermediate 
but it is, of course, readily oxidized in the Ag+~S20 82~ 
system. In mechanism A, the 0 -0  bond formation 
takes place by a 2e~ change generated on a single 
oxygen; in mechanism B, two one-electron changes 
cooperate in making formation of the 0 -0  bond pos
sible. As will appear presently, we find it necessary to 
invoke Co (IV) as the means by which coordinated NH3 
is oxidized and therefore conclude that mechanism B 
operates in the reaction under present discussion. The 
mechanism has much in common with the “reduction” 
of halopentaamminecobalt(III) species brought about 
by halogen atoms or other oxidizing radicals.3 In 
the present system, however, the radical external to 
coordinated ligand is not pre-formed but is formed in 
the act of constructing the 0 -0  bond. A mechanism 
such as B may also operate in the oxidation of water 
by Co8+. An important path for this reaction is second 
order in (Co3+) and inverse second order in (H+).19

ComOHHOCom —►  2Co2+ +  H20 2 (7)
In many cases, coordination of a ligand to a metal 

center protects the ligand from oxidation. This is no
tably the case for oxalate whether bound to Co(NH3)63+1 
or to Cr3+.20 In the RoOH23+-Ag+-S20 82- system, 
there is kinetic assistance from the Co(NH3)53+ in 
oxidizing coordinated water. When account is taken 
of the rates at which water coordinated to Co (III) 
and other free water are oxidized and their respective 
abundance, the reactivity of water coordinated to 
Co(III) to the oxidizing intermediate is found to be 
approximately 100 times that of free water.

The RoOH23+-S20 82~ system differs from that con
taining also Ag+ in two important respects, namely, 
that the gaseous product is now N2 rather than 0 2 and 
that the reactivity to RoOH28+ of the intermediate is 
very much higher. The reactivity is so great that a 
a concentration of 10-3 M  suffices (see Figure 3) 
to divert all of the intermediate to reaction with 
R oO H 23+. Our results do not distinguish between 
S04~ and HO as the intermediate which attacks 
R oO H 23+. We can, however, rely on the testimony of 
Wilmarth and Haim16 to the effect that a labile 
equilibrium

HO +  H+ +  S042" = H20  +  S04-  (8)
is maintained and thus the position of the 
equilibrium is such that at the low concentration of 
H+ and S042- obtaining in our experiments the one- 
electron oxidizing agent is HO rather than S04~.

The reaction21 of HO with cobaltammines has been 
suggested as one of the processes involved in the 
radiation chemistry of aqueous solutions of ammine- 
cobalt(III) complexes. Our results agree with those 
of Katakis and Allen in the major respect that N2 is 
the dominant gaseous product derived from the re
action of the cobaltammines in their system as in 
ours. There is, however, an important difference 
which we are quite unable to account for, namely, 
that in the irradiated system, Co2+ accelerates the 
rate of the Co2+ production, but in ours it is clearly 
inhibitory (cf. expt 11, Table VII).

The large diminution in rate which is observed when 
Co(ND3)63+ reacts in place of Co(NH3)63+ strongly 
suggests that HO attacks by H-atom abstraction, as 
it does in its reaction with most compounds containing 
H-C bonds.
(NH3)6ComNH33+ +  OH —>

(NH3)6CoNH23+ +  H20  (9)
The species with oxidized NH3 in the first coordination 
sphere can probably be regarded as equivalent to 
Co (IV).

[(NH3)6CoinNH2]3+ =  [(NH3)6CoivNH2-]3+
The formulation of the mechanism by which RoOH23+ 
is oxidized by HO as involving Co (IV) seems to be re
quired also by the data obtained for the aquo ion. 
Despite the fact that coordinated NH3 is oxidized, 
there is no effect on the rate of replacing NH3 by ND3. 
There is, however, a substantial isotopic effect (de
crease by a factor of 4.5-5) when the coordinated water 
and the solvent water are deuterated. Part of this 
effect resides in the solvent—the data obtained for the 
RoNH33+ reaction suggest a factor of 2 for this part 
of the process—but a substantial effect in the coordi
nated water is probably still left. The isotopic re
sults show that HO does not attack the coordinated 
NH3 directly, but attacks elsewhere in the molecule, 
probably at the coordinated water.
(19) (a) D. Weiser, Ph.D. Dissertation, University of Chicago, 1955; 
(b) J. H. Baxendale and C. F. Wells, Trans. Faraday Soc., 53, 800 
(1957).
(20) J. E. Teggins, M. T. Wang, and R. M. Milburn, Advances in 
Chemistry Series, No. 37, American Chemical Society, Washington, 
D. C., 1963, p 226.
(21) D. Katakis and A. O. Allen, J. Phys. Chem., 68, 1359 (1964).
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(NH3)6CoOH23+ +  HO — >
(NH3)5CoOH3+ +  H20  (10)

Here again Co (IV) is generated, which as in the 
Ro(NH3)63+ case, is reduced by an ammonia molecule 
in the first coordination sphere.

We are unable to describe the further course of the 
reaction in any definite detail, but some reasonable 
suggestions about it can be offered. It seems likely 
that NH is produced when Co(IV) is reduced

Co(IV)NH3 — > Co2+ +  2H+ +  NH

and at least when (HO) is kept low by the cobaltammine 
at high concentration, the NH dimerizes and is then 
oxidized to N2. When the concentration of the cobalt
ammine is low, NH is to some extent oxidized before 
it dimerizes and the nitrogen is produced in oxidation 
states above zero.

The specific rates of the reactions of HO with a 
number of reducing agents have been reported. The 
inhibition of the production of Co2+ by Ce3+ therefore 
makes it possible to estimate the specific rate for the 
reaction of HO with RoOH23+. In expt 14 of Table 
IV, HO is consumed by reaction with RoOH23+ and 
by reaction with Ce3+. Since the total rate of pro
duction of HO (at 1 M  S20 82-) is 2.0 X 10~6 M  sec-1, 
the relation to be given holds

[d(Co2+)/d£]
'd(CeIY)

d£
0.33 X 10-6

(2.0 -  2 X 0.33) X 10-6
0.23

The factor 2 multiplying 0.33 in the denominator 
enters because each Co2+ produced consumes two 
hydroxyl radicals. The relation

[d(Co2+) /  d<]/d(Ce)IV/dt =  °-5~c^ Ro0nf .+) . ^ l

defines the rate law for the two processes, again making 
allowance for the 2:1 stoichiometry in the HO-Co(III) 
reaction. Combining the two relations and using for 
kceIV the value 2.2 X 108 M~l min-1 at 25° as de
termined from results obtained in radiation chemistry,22 
kCo>+ = 2X 106 M~l sec-1. This is a minimum 
value because fcCeIV 50° will be somewhat greater 
than at 25°, though not much because the rates are 
close to diffusion-controlled values. The value of 
kCoi* =  1.4 X 106 M -1 is calculated from the experi
ment with Ce3+ added at pH 1.8 (c/. Figure 3). The

agreement is by no means perfect, but the numbers do 
at least suggest the order of magnitude of the specific 
rate in question. The specific rates are low enough to 
be consistent with a significant activation energy 
(~ 5  kcal) for the reaction of HO with RoOH23+.

It is interesting to note that N H 3 coordinated to 
Co(III) is much more reactive to hydroxyl radicals 
than when it is coordinated to H+. Studies in radia
tion chemistry22 23 have shown that the attack of NH4+ 
by the hydroxyl radicals is extremely slow. An 
experiment done in the course of the present work 
(under conditions similar to those of the first entries 
of Table VI but with N 15-enriched N H 4 C I O 4  present 
at 0.01 M) showed that not more than 3% of the N2 
evolved originated from NH4+ (the gas obtained had 
an unusually large proportion of C 02 but it is unlikely 
that this affects the conclusion that N2 originates from 
Co-N H 3 rather than from N H 4+ ) .  It is possible that 
Co(III) cooperating in the 2e-  change

NH3 —> NH +  2H+ +  2e-

is at least partly the cause of the greater reactivity of 
the coordinated NH3.

A disturbing feature of the observations is the fact 
that the limiting specific rate varies with conditions. 
A diminution is expected as the concentration of acid 
increases because the mechanism of S20 82- decompo
sition undergoes a change in acid. However, the de
crease in k registered as the pH decreases to 2.4 and to
1.8 is too large to be accounted for on this basis. It 
is likely that there are changes with pH in the stoi
chiometric course of the reaction which account for this 
difference and for the difference between the saturation 
specific rate for Co(NH3)5OH23+ as compared to Co- 
(NH3)63+. This feature deserves more study as do 
the stoichiometry and kinetics below saturation. In 
our present work we have only sketched the general 
outlines of the behavior of the systems and have re
stricted our attention in the discussion to major con
clusions which will, we trust, survive a more detailed 
investigation.

Acknowledgments. Financial support by the Atomic 
Energy Commission is gratefully acknowledged. Funds 
for purchase of the Cary spectrophotometer were made 
available by the National Science Foundation under 
Grant G-22611.

(22) T. S. Sworski, Radiation Res., 4, 483 (1956); 6, 695 (1957).
(23) T. Rigg, G. Scholes, and J. Weiss, J. Chem. Soc., 3034 (1952).

Volume 71, Number IS November 1967



3858 A. Shatkay

Activity Coefficients of Calcium Ions in Mixed Solutions

by Adam Shatkay

Isotope Department, The Weizmann Institute of Science, Rehovoth, Israel (Received April 11, 1967)

Activity coefficients of Ca2+ in CaCl2 solutions approximately 10~1 2 3 M  were measured with 
ion-specific electrodes in the presence of NaCl and of MgCl2, in the range of the foreign 
salt concentrations from 0 to 1 M. A comparison is made between a simple equation 
allowing an approximate calculation of the activity coefficients of single ions in mixed 
solutions and more elaborate equations suggested by Guggenheim and Glueckauf. It is 
shown that the simple equation yields results which are closer to the experimental values 
than the results of Glueckauf’s equation. However, the lowering of the activity coef
ficients in the presence of foreign salts appears to be even greater than the ionic strength 
of the mixture leads us to expect.

Introduction
In a previous publication,1 we have suggested a con

venient method for the assessment of ion specificity of 
electrodes. The method was based on the simple as
sumption stated by Lewis and Randall2 that “ in dilute 
solutions the activity coefficient of any ion depends 
solely upon the total ionic strength of the solution.”  
While the simplicity of the above method made it a con
venient tool for practical purposes, it is interesting to 
compare the results obtained by it with the results ob
tained by more sophisticated (and laborious) methods, 
such as the evaluation of single ion activities according 
to the derivations of Guggenheim3 or of Glueckauf.4 5 
The results of such comparisons are presented in this 
paper.

Theoretical Section
Our discussion refers to activities of single ions, as 

measured by an ion-specific electrode against a reference 
calomel electrode. The concept of single ion activities 
has been thoroughly criticized.2-6-6 The activity of 
Ca2+ is certainly no more (and no less) defensible than 
the activity of H + measured by a hydrogen reversible 
electrode against a reference calomel electrode. The 
following discussion is, therefore, subject to the same 
limitations as a discussion of pH measurements.

We consider an aqueous solution of CaCl2 in which the 
concentration of Ca2+ is Cca and which contains also 
foreign salts, so that the ionic strength of the solution is
I. The activity coefficient of Ca2+ in such a solution is 
fc&,i and in general it is different from the activity co

efficient /ca.c of calcium in a pure solution of the same 
concentration of calcium Cca- Another solution of pure 
CaCl2 may be considered, having the same ionic strength 
I  as the original mixed solution, in which the concentra
tion of the pure CaCl2 is now C*. The mean activity 
coefficient of such a solution is / +ca,c*- It is thermo
dynamically well defined and can be found from the 
values listed in literature.7 We suggested1 that

/ca ,J  ~  i ^ C a , C *  ( 1 )

As an alternative to eq 1, we might consider some 
form of the Debye-Hiickel equations, but two indepen
dent reasons prevent us from using such equations. 
First, the Debye-Hiickel treatment would be expected 
to give a poorer approximation in the case of an asym
metric salt like CaCl2 than in the case of symmetric 
electrolytes.8 Next, the “ ion size parameter”  of the 
Debye-Hiickel treatment loses its conventional physi
cal meaning and ceases to be constant in mixtures of 
electrolytes.9 These difficulties led Guggenheim3 to a

(1) A. Shatkay, Anal. Chem., 39, 1056 (1967).
(2) G. N. Lewis and M . Randall, J. Am. Chem. Soc., 43, 1112 
(1921).
(3) E. A. Guggenheim, Phil. Mag., 19, 588 (1935).
(4) E. Glueckauf, Nature, 163, 414 (1949).
(5) D . A. Maclnnes, ./. Am. Chem. Soc., 41, 1086 (1919).
(6) E. A. Guggenheim, J. Phya. Chem., 33, 842 (1929).
(7) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
Butterworth and Co., Ltd., London, 1965, p 478.
(8) Cf. ref 7, Chapters 4 and 9.
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different approach toward the calculation of activity 
coefficients.

Guggenheim develops an equation for the thermo
dynamically valid mean activity coefficient of a salt in a 
mixture (eq 52 in ref 3). Introducing the “ Guggenheim 
convention,”  it is possible to express also the single ion 
activity. For the case discussed above, we may write 
(eq 101 in ref 3)

log fce.,i = — 0.50^ ^  +  2xXr ,xCx (2)

where Z+ is the valence of the cation (2 in our case), R 
and X  are, respectively, the cation and the anion of the 
salt considered, Ci is the concentration of i, and XaJi for 
any cation a and anion /3 is defined as

X«,, =  i [1 -  exp(—War e/kT)]do> (3)

In eq 3 TFa/ pec is the contribution of the specific in
teractions between a and /3 to the total potential energy 
Wal3 of the pair of ions a/3. This total energy is divided 
by Guggenheim into the potential energy of some 
standard electrolyse of the same valence type TFaPstand 
and into TF«(3spec, so that

Wa? =  Wapvec +  RVtand (4)
The term dw in eq 3 denotes the element of volume 

occupied by the anion ¡3 relatively to the cation a and 
the integral extends over all the relative configurations 
of the two ions.

For the practical purpose of the evaluation of fc&,i in 
any mixture, eq 2 cannot be employed directly, as the 
complicated Xs cannot as yet be calculated from first 
principles. Discussion of Xs can be found in the 
original publications cited.3’4

Following Guggenheim’s treatment, Glueckauf4 de
veloped an equation suitable to the limited case of one 
electrolyte dissolved in the presence of one foreign 
salt, having a common anion with the electrolyte con
sidered (i.e., X ' =  Cl-  in our case). Glueckauf’s 
equation can be written, using our previous notation

log/ca.r =  lo g /ca,C 

CR'' Kl lo g /ca.c
CrT 
47 L

K-i log / r'x '
k 3 • 

I  +  r l/\ (5 )

The coefficients K  appearing in eq 5 are defined as 
follows, using qx as the value of the ionic charge of the 
ion i

K\ =  q-R'(2qn' — çca +  ?ci) (6)
Ki =  gOa(<?R' +  ffCl)2(?Ca +  ÇCl)-1 (7)

K g  =  V ^ C a Ç R 'Ç c lC çC a  ~  (?R ')2 (i/Ca +  ? C l)  1 ( 8 )

Thus when the foreign salt is NaCl, Ki =  1, K 2 =
2.67, and Ks =  0.333, while when the foreign salt is 
MgClj, Kt =  6, K 2 =  6, and X 3 = 0.

Equation 5 can be used in practice to calculate fcn,r, 
provided the activity coefficient / Ca,c of the pure CaCl2 
solution is known and the activity coefficient of the 
pure foreign salt solution is known, while eq 1 required 
the knowledge of the activity coefficients of only pure 
CaCl2 solutions. The effort involved in the employ
ment of eq 5 as compared to eq 1 is obvious. As to the 
theoretical limitations to the use of eq 5, they are re
ferred to in a later publication by Glueckauf, et al.m

Employing eq 1 and 5 to solutions of CaCl2 of varying 
concentration in the presence of NaCl of varying con
centration, it can be seen that the two methods of cal
culation give results which are similar qualitatively, 
but which differ quantitatively, especially in the case of 
dilute solutions of CaCl2 in the presence of concentrated 
solutions of foreign salts. Glueckauf’s method indicates 
that the lowering of the activity coefficient of Ca2+ will 
be fairly small—at most from about 0.89 for a pure 
10“ 3 M  CaCl2 solution to about 0.76 in 1 M  NaCl solu
tion. Our method predicts much greater depressions 
of the activity coefficients; in the example cited above, 
/ C a,7 should fall to about 0.46. However to test the 
two methods in such optimal conditions would require a 
highly specific Ca2+ electrode, which could measure cCa 
of a 10-3 M solution of calcium in the presence of NaCl 
1000 times as concentrated. Such electrodes are not 
yet available. Use of electrodes specific to Ca2+ in a 
solution of NaCl 100 times as concentrated as the CaCl2 
solution can, however, be attempted.1 Such a case 
corresponds, for instance, to 10“ 2 M  CaCl2, where ec 5 
predicts a decrease of /c a,j from about 0.73 for pure 
CaCl2 to a minimum of about 0.66 at 1 M  Cnbci, while 
eq 1 predicts a decrease to about 0.46. Such a dif
ference between the two predictions corresponds to an 
emf of about 5 X 10 “ 3 v, which can be experimentally 
measured. We shall now present a number of such 
measurements, compared with calculations based on 
eq 1 and 5.

Experimental Section
The activities of Ca2+ were measured with two elec

trodes (Orion commercial electrode and solid polymer 
membrane electrode constructed by us) considered to 
be ion specific toward Ca2+ in at least a considerable part 
of the range of concentrations investigated. As refer- 9 10

(9) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  Reinhold Publishing Corp., New York, N. Y., 
1964, Chapter 14.
(10) E. Glueckauf, H. A. C. McKay, and A. R. Matheson, / .  Chem. 
Soc., S-299 (1949).

Volume 71, Number 18 November 1967



3860 A. Shatkay

lo g  CNaci

Figure 1. The emf’s of Ca2+ specific electrodes vs. calomel 
electrodes in solutions of CaCl2 in the presence of NaCl.
Curves 1 were calculated with eq 5, curves 2 were 
calculated with eq 1, and the circles are experimental 
results: I (O), 1-52 X 10-3 M  CaCl2 measured with 
Orion electrode; II (• ) ,  5.33 X 10-1 M  CaCl2 
measured with solid polymer membrane electrode.

ence electrode we used a calomel (saturated KC1 salt 
bridge) Radiometer electrode. The details of the ex
perimental procedure were as given in a previous pub
lication.1

R esu lts and D iscussion
Part I of Figure 1 presents the behavior of a solution 

of 1.52 X 10~3 M  CaCl-2 in the presence of NaCl in 
varying concentrations, in the range of 10~5 to 1 M. 
The emf’s calculated with the aid of eq 1 and 5 are 
drawn as continuous lines, while the points represent 
the emf’s obtained by the use of the Orion electrode. 
It can be seen that up to a concentration of NaCl of 
about 2 X 10-1 M  the experimental emf’s tend to fol
low the theoretical curves.

At concentrations of NaCl >  2 X 10_1 M  there is a 
large increase of emf for small increases of Cnucij and we 
doubt whether the electrode is specific to Ca2+ in this 
range. Assuming that the electrode is specific to Ca2+ 
for CNaGi <  2 X  10-1, the experimental values appear to 
be better approximated by the use of eq 1 than by the 
use of eq 5.

The values of /c a,/ calculated according to eq 1 and 
5 and from the experimental emf’s are compared in 
Table I. As the experiments were conducted originally 
merely to assess the ion specificity of some membrane 
electrodes, the accuracy of the measurements was only

within ±  10“ 3 v and the fGaj  based on the experimental 
values are therefore accurate only within ±0.01. To 
increase further the accuracy of the potentiometric 
measurements would require a considerable expenditure 
of equipment and time, which did not appear justified 
for the above purpose. We should remark, however, 
that while the values of the activity coefficients of Ca2+ 
listed currently in the literature11 are given to within 
10-3, yet the discrepancies between the various sources 
are also of the order of 10~2. Thus, in the absence of 
any other similar data, our experimental results may 
serve as provisional values for activity coefficients of 
CaCl2 in mixed solutions.

Table I: Values of /c»,/ in Solutions of CaCl2 
in the Presence of NaCl

fCa.,i for 1.52 X  10-»H i /C a ,7  for 5.33 X  10"* M  
CaCh, measured with CaCk, measured with

CNaCl, -— “ Orion”  electrode—> solid polymer membrane
M Eq 1 Eq 5 Exptl Eq 1 Eq 5 Exptl

10~s 0.91 0.91 0 . 9 7

10-2 0.91 0.91 0.81
10 ~3 0.86 0.87 0.87 0.89 0.89 0.90

2 X IO '3 0.85 0.87 0.80
8 X IO“3 0.80 0.86 0.74

1 0 -J 0.79 0.86 0.72 0.81 0.83 0.81
2 X IO“2 0.75 0.85 0.65
8 X IO“2 0.62 0.80 0.55

10"1 0.60 0 .80 0.55
2 X 1 0 -1 0.54 0.77 0.51

A similar experiment was carried out with a solution 
of 5.33 X 10-4 M  CaCl2. In this case the emf was 
measured with the aid of the solid polymer membrane. 
The results presented in part 2 of Figure 1 indicate that 
the membrane is Ca2+ specific only up to about Cneci 
<2 X 10~2 M . The tenfold loss of specificity as com
pared with previous measurements may be understood 
partly as the effect of the higher dilution of the CaCl2 
solution; the ratio of CNaci to Ccacu at the point in which 
the membrane ceases to be specific in the previous ex
periment was about 130, while in the present case it is 
still about 40. However, the fact that the membrane is 
not specific to Ca2+ in the more interesting range of 
Hneci ~  1 M  does not allow us to compare critically eq 
1 and 5.

Within the experimental error, eq 1 and 5 may both 
be considered as consistent with the results. The 
change of /c a,/ with the increasing concentration of NaCl 
is shown in the last three columns of Table I.

(11) C f. ref 9, p p  550, 735, and 738.
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Figure 2. The emf’s of Ca2+ electrodes vs. calomel 
electrodes in a solution of 3.80 X 10~3 M  CaCfi in the 
presence of MgCh. Curve 1 was calculated with eq 5, 
curve 2 was calculated with eq 1: O, experimental 
results with Orion electrode; • ,  experimental 
results with solid polymer membrane electrode.

To investigate the effect of MgCl2 on CaCl2 we used a
3.80 X 10-8 M solution of CaCl2, measured with the 
two different ion-specific electrodes. The results are 
presented in Figure 2, after deducing 1.85 X 10~2 v 
from the results obtained by the Orion electrode, in 
order to facilitate the graphical comparison.

It can be seen that the experimental results obtained 
by the two electrodes are similar, though the solid 
polymer membrane indicates an even greater effect of 
the MgCl2 than the Orion electrode. Assuming that 
the electrodes are Ca2+ specific for Ciigci, <  10_1 M, it 
appears again that eq 1 gives better results than eq 5, 
but the effect of MgCl2 on f Ca,i is stronger than even eq

1 predicts. The comparison of the theoretical and 
experimental values of / c a,/ in this experiment is pre
sented in Table II.

Table II: Values of /c»,/ in 3.80 X 10 3 M  Solution 
of CaCl2 in the Presence of MgCfi

'----------------- -— — — —— — /C a .i ---------------------- -— -
--------------Exptl-

C  MgCh, 
M Eq 1 Eq 5 Orion

Solid
polymer

IO-4 0.81 0.81 0 .92 0.79
10 ~3 0.79 0.83 1.00 0.79

2 X IO“3 0.78 0.83 0.79 0.63
4 X IO“3 0.75 0.83 0.84 0.58
6 X IO“3 0.73 0.81 0.71 0.50
8 X IO"3 0.71 0.79 0.66 0.47

10 "2 0.70 0.77 0.66 0.42
5 X 10~2 0.56 0.71 0.55

IO’ * 1 0.52 0.67 0.49 0.34

The experimental evidence seems thus to support, on 
the whole, the use of our eq 1 instead of the more elab
orate eq 5 as an aid in approximate calculations of 
activity coefficients in mixed solutions; not only is eq
1 easier to apply, but it yields also results which are 
closer to the experimental values. Finally, it appears 
that the activity coefficients of Ca2+ in mixed solutions 
are lowered even more than the mere ionic strength of 
the mixture leads us to expect.
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Electrical Phenomena Associated with the Transport of Ions and Ion Pairs 

in Liquid Ion-Exchange Membranes. I. Zero Current Properties1®

by J. Sandblom ,lb G . E isenm an, and J. L. W alker, Jr .10
Departm ent o f  P h ys io logy , U niversity o f  Chicago, Chicago, Illin o is  60637 {Received A p r il  12, 1967)

A theoretical examination has been carried out of the steady-state properties of a homo
geneous, ideally permselective, liquid ion-exchange membrane in which sites and counterions 
are incompletely dissociated. Dissociated species are assumed to be in chemical equilibrium 
with neutral ion pairs at every point in the membrane, their concentrations being inter
connected by the law of mass action. The flux equations, which describe the complete 
behavior of the system, are derived by considering the free ions and their combined forms as 
separately flowing entities, and the boundary conditions are obtained by assuming the sites 
to be completely trapped in the membrane phase (although free to move within it) while the 
counterions are free to undergo ion exchange. In the present paper, under the restriction 
of zero membrane current, a general expression for the membrane potential is deduced in 
terms of external solution conditions and membrane parameters (e.g., mobilities, dis
sociation constants). From this expression, the factors governing the electrode properties 
of liquid ion-exchange membranes are discussed not only for the steady state but for certain 
transient situations as well. It is concluded that the steady-state expressions derived for 
convection-free systems describe the situations usually encountered with membrane elec
trodes made from liquid ion exchangers where the instantaneous values of successive poten
tials are measured with electrode systems which are not in the steady state and even when 
no precautions are taken to avoid convective mixing within the electrode. The parameters 
controlling electrode specificity are also discussed.

Introduction
Systems composed of a water-immiscible liquid inter

posed between two aqueous solutions were among the 
first “ membranes”  in which electric properties and 
selective ion permeabilities were studied.2-5 When 
such membranes contain an appreciable concentration 
of an ionizable species which is preferentially soluble 
within the membrane phase {e.g., a fatty acid or an 
aliphatic amine), they function as liquid ion exchangers 
whose properties are of interest not only because they 
can be made into electrodes specific for various ions,6-10 
but also because they constitute a model for one of the 
conceivable mechanisms of ion permeation through 
biological membranes.11

Despite their long history, the theory of such liquid 
ion-exchange membranes is not as advanced as that 
for solid ion-exchange membranes,12 no doubt because 
the lack of fixation in a liquid of the ion-exchange sites

introduces additional complexities in obtaining explicit 
solutions to the flux equations. Thus, theoretical 
considerations for liquid ion exchangers prior to that 1 2 3 4 5 6 7 8

(1) (a) T h is  w ork  w as su pported  b y  N ational Science F ou n d ation  
G ran t G B -4 039  and  U S P H S  G rant G M  14404-01. I t  w as assisted 
b y  U S P H S  G eneral R esearch S upport G ran t F R -5 3 6 7  an d  an N IH  
postd octora l fellow ship  t o  J. L . W alker, Jr. (b ) Institute  o f  P h y si
o lo g y  and M edica l B ioph ysics, U niversity  o f  U ppsala, U ppsala, 
Sw eden, (c ) D ep artm en t o f P h ysio logy , U niversity  o f U tah , C ollege  
o f  M ed icin e , Salt L ake C ity , U tah.
(2) (a ) W . N ernst and E . H . R iesenfeld, A n n . P h ys., 8 , 600 (1 902 ); 
(b ) M . C rem er, Z . B iol., 47 , 562 (1906).
(3) F . G . D on n an  and W . E . G am er. J . Chem. Soc., 115, 1313 (1919).
(4) R . B eutner, “ P hysical C hem istry  o f  L iv in g  T issues and  L ife  
P rocesses,”  W illiam s an d  W ilk ins C o ., B altim ore , M d ., 1944.
(5) W . J. V . O sterhout, Cold Spring Harbor S ym p. Quant. B io l., 8 , 51 
(1940).
(6) K . F . B onhoeffer, M . K ah lw eit, and H . Streh low , Z . P h ysik . Chem. 
(F ran k fu rt), 1 ,2 1  (1954).
(7) K . Sollner and  G . M . Shean, J . A m . Chem. Soc.. 86, 1901 (1964).
(8) O. D . B onn er and J. L un ney , J. P h ys . Chem ., 70 , 1140 (1966).
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of Conti and Eisenman13 have been restricted to the 
potentials or fluxes observed under zero current condi
tions.6'14-19 In addition, most treatments have either 
assumed the diffusion potential to be negligible16 or 
have made particular assumptions about the concen
tration profiles within the membrane (e . g linear mix
tures of the Henderson type14-16 or linear concentra
tion profiles18).

However, for the case of a liquid ion-exchange mem
brane with complete dissociation between sites and 
counterions, it has been shown recently that closed 
solutions to the flux equations can be obtained in the 
steady state without making a 'priori assumptions 
about the concentration profiles.13 The characteristic 
features of such a membrane result from the redistribu
tion of sites and are therefore related to such classical 
concentration polarization phenomena as occur in de
pletion layers at the interface between an electrode 
and an aqueous solution.20-22

As was recognized by Conn and Eisenman, the re
striction of their treatment to completely dissociated 
systems constitutes a serious limitation when attempt
ing to apply the results to the usual liquid ion-exchange 
membranes in view of the relatively low dielectric con
stant normally characteristic of these. In the present 
paper, we shall therefore consider the effects of incom
plete dissociation in order to deduce the properties of a 
liquid ion-exchange membrane having any degree of 
dissociation. Additional complexities appear in our 
treatment as a result of association of the sites and 
counterions to form electrically neutral species. In 
particular, when an external force is applied to the 
system so as to perturb the concentration of the dis
sociated species, the concentration of the associated 
species is also perturbed by virtue of the dissociation 
equilibrium which couples the concentrations of dis
sociated and urdissociated species at all points within 
the membrane. Despite these complexities, explicit 
expressions have been obtained for the membrane 
potential at zero current and also for certain nonzero 
current properties (in the case of a single counterion 
species).
Experimental Section

Description of the System. The system to be studied 
(see Figure 1) is isothermal and consists of a membrane 
separating two homogeneous solution phases (e.g., aque
ous) whose electric potentials are <p’ and \p". The 
membrane is composed of a single liquid phase immis
cible with the external solutions. In the membrane is 
dissolved a “site” species S bearing a charge zs = ±1 
(given a negative sign in Figure 1). The sites are as
sumed to be completely reflected at the boundaries,

Figure 1. Diagram of the system; !+ , S - , and X -  refer to 
the counterion, the site, and the co-ion species, respectively.

0 and d (as indicated by the arrows), but are free to 
move within the interior of the membrane. The sys
tem also contains n  number of permeable univalent 
counterion species I whose charge z t is opposite to that 
of the sites and which are free to cross the membrane 
solution interfaces as indicated by the arrows in Figure
1. Any number of co-ion species may be present in the 
external solutions although the co-ions are assumed to 
be completely excluded from the membrane.

Even species which behave as strong electrolytes in 
aqueous solutions will in general not be completely 
dissociated in a liquid ion-exchange membrane. We 
shall therefore assume that species I and S are in chemi
cal equilibrium at every point in the membrane with 
the associated species IS through reactions of the type

i+ +  s - ^ : i s  (i)
indicating that the only reactions assumed to occur in 
the membrane are those in which electrically neutral 9 10 11 12 13 14 15 16 17 18 19 20 21 22

(9) I. W. Ross, Science, 156,1378 (1967).
(10) Corning Ca2 + Electrode Specification. Corning Glass Works 
Ca2 * electrode data sheet No. EL-Ca RPP 2/67.
(11) G. Eisenman, J. Sandblom, and J. L. Walker, Jr., Science, 1S5, 
965 (1967).
(12) F. Helfferich, “ Ion Exchange,”  McGraw-Hill Book Co. Inc., 
New York, N. Y., 1962, pp 19, 20.
(13) F. Conti and G. Eisenman, Biophys. J., 6, 227 (1966).
(14) K, H. Meyer, H. Hauptmann, and J. F. Sievers, Relv. Chim. 
Acta, 19, 946 (1936).
(15) F. M. Karpfen and J. E. B. Randles, Trans. Faraday Soc., 49, 
823 (1953).
(16) M. Dupeyrat, / .  Chim. Phys., 61, 306, 323 (1964).
(17) H. L. Rosano, P. Duby, and J. H. Schulman, J. Phys. Chem., 65, 
1704 (1964); H. L. Rosano, J. H. Schulman, and J. B. Weisbuch, 
Ann. N. Y. Acad. Sei., 92, 457 (1961).
(18) J. T. Davies, J. Phys. Chem., 54,185 (1950).
(19) M. Kahlweit, Archiv. Ges. Physiol., 271,139 (1960).
(20) E. Warburg, Ann. Physik Chem., 67, 493 (1899).
(21) P. Delahay, “ New Instrumental Methods in Electrochemistry,” 
Interscience Publishers, Inc., New York, N. Y ., 1954; I. M. Kolthoff 
and J. J. Lingane, “ Polarography,”  2nd ed, Interscience Publishers, 
Inc., New York, N. Y., 1952.
(22) F. Helfferich, “ Ion Exchange,”  McGraw-Hill Book Co., Inc., 
New York, N. Y., 1962, pp 360-363.
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complexes are formed. For simplicity, we have also 
restricted considerations to the smallest complex pos
sible (i.e., the ion pair). Such behavior is often char
acteristic of weak electrolytes where the formation of 
triple ions and higher order aggregates is negligible over 
wide concentration ranges.28

The chemical potentials corresponding to reaction 1 
are everywhere in the membrane related through

Mi H-  Ms Mis ( f  1 } • • ■ t 'Cl) (2 )

where ¡xs, and nis are the chemical potentials of the 
counterions, sites, and ion pairs, respectively. For 
simplicity, we will assume activities to be equal to con
centrations. Under this assumption, the concentra
tions of the species (cit cs, cis) are related to the dissocia
tion constants K  ,■ through a simple law of mass action

Kt  =  —  ( t = l ,  (3)
Cfs

which, in effect, describes a chemical coupling between 
the various species within the membrane. In addition, 
the concentrations of the charged species are coupled 
electrically through the condition of electroneutrality

cs = (4)
i

Flux Equations
In describing ionic transport processes in a liquid ion- 

exchange membrane, it is useful to consider separately 
the flows of associated and dissociated species. The 
total flux of each species through the membrane can be 
written as a sum of partial fluxes

J  * — Ji +  J  iS (5a)
Js* — J s +  X/Gs (5b)

i

where J t* and J s* are the total fluxes of counterions and 
sites, J f and J s are the fluxes of the species in their 
dissociated state, and J is are the fluxes of the ion pairs.

Since counterions, sites, and associated pairs are 
treated as separately flowing entities, it is possible to 
write separate linear relationships between forces and 
fluxes for each of the species. By the Curie principle, 
the chemical reactions introduce no additional driving 
forces since the membrane is assumed to be isotropic, 
and assuming diffusion only in the x  direction, we can 
therefore write the flux equations in the classical manner as

d
Ju  = -UisCis—-(R T  In cu) (6c)

o x

where us, uu and u is are the mobilities of sites, counter
ions, and ion pairs, respectively, \p is the electric poten
tial, R is the gas constant, F  is the Faraday constant, 
and T  is the absolute temperature. We will assume 
us, u i; and u ts to be constants.
Continuity Equations

The law of conservation of mass leads to a set of 
continuity equations for the total fluxes and concen
trations

div./f* =

div./U =

d jj*  _  ò c *  
òx òt

Ò J *  _  ÒC*

ò x  ài

(7a)

(7b)
where the asterisks refer to total quantities ( c *  =  Cx +
Cìsj cs cs ¿L/Cis).

iAt steady state, the total fluxes are constant as seen 
from eq 7, a conclusion which is not necessarily valid for 
the partial fluxes. In fact, as will be seen later, the 
partial fluxes are generally functions of distance (c f. 
Figure 3 of part II, the following article) and the mem
brane may be thought of as containing local sources and 
sinks. Because we can invoke the continuity equations 
only for the total fluxes, the number of variables is 
increased by n (the number of partial fluxes ./,;,) over 
that in the usual Nernst-Planck treatment. The n 
additional equations needed to solve the problem are 
given by eq 2.
Boundary Conditions

Assuming that boundary processes are not rate 
limiting, the boundary conditions for the counterions 
follow from the continuity of electrochemical potentials. 
Hence we may equate the electrochemical potentials 
of the counterions across each of the two boundaries 0 
and d as
R T  In a/ +  ms° +  ZtF'P' = R T  In ct{0) +  Mt°(m) T

Zil'V(O) (i  =  1, . . . ,  n) (8a)
and
R T  In a "  +  Mi0 +  ZiR'l'" =  R T  In c t{d) +  M i°(m) +  

ZiFi{d) (i = 1, . . . , n )  (8b)
Ji -UrXi.

ÒX
(R T  In Ci +  z tF\p) (6a) respectively. The quantities on the left-hand side of 

eq 8a and 8b refer to the solution phases, while the
J s = —uscs~ ( R T  In cs +  zsF\p) 

òx
(6b) (23) R. A. Fuoss and C. A. Kraus, J. Am. Chem. Soc., 55, 476 (1933) ;

R. A. Fuoss, ibid., 57,488 (1935) ; Trans. Faraday Soc., 32, 594 (1936).
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quantities on the right-hand side refer to the membrane 
phase, n ?  and M;°(m) are the standard chemical poten
tials in the solution and membrane phases, respectively, 
and the superscripts (') and (") refer to the two solu
tion phases (c f. Figure 1).

Subtracting any pair of eq 8a and rearranging gives 
a/kt = a/kj
c,(0) c,(0) 1 j

where the constants k, and are defined as

( 10)
Equations 9 can be written for all the ions

flA = a A = = aJK  = ? a/fci
ci(0) c2(0) '' ’ c„(0) c5(0) (ID

where the condition of electroneutrality (4) has been 
used to obtain the last term. From eq 11 the membrane 
concentrations c,(0) can be expressed in terms of the 
solution concentration c/ as

c,(0) = cs(0) X (12)

Similar expressions hold for the other membrane 
boundary.

Subtracting eq 8a from eq 8b gives the expression 
for the total membrane potential (F = \p" — ip') in 
terms of internal potential (A\p = ^(d) — ^(0)) and 
the concentrations at the boundaries as

z ,F V  = z {F/\\f/ +  R T  In -  R T  In (13)
Ci( 0) Ci(cO

Combining eq 12 and 13 yields an expression in terms 
of the activities of the counterions in the solutions and 
ratio of the site concentrations at 0 and d

T, A , , R T  , c M )  , R T  , F -  +  ~  In ^  +  —  !n (14)

This equation will be used to express the total potential 
in terms of external conditions and membrane parame
ters.

The boundary conditions for the sites follow from 
the assumption that the sites are completely reflected 
at the membrane boundaries, which leads directly to 
the equations

^ Jo C*^X =  5 * (15)

J s* = 0 (16a)
Equation 16a is valid for all values of x  at steady state, 
but in the nonsteady state it is only valid at the bound
aries where

J.*(t, 0) = J s*(t,d) = 0 (16b)
Equation 15 expresses the condition that the total 
number of sites contained in the membrane is constant, 
regardless of their concentration profile. Expressed 
per unit area, this number is equal to the average total 
concentration cs* times the membrane thickness d. 
Equation 16a states that the total flow of sites must be 
zero at all points in the membrane in the steady state, 
whereas eq 16b indicates that for nonsteady state J *  
is zero only at the membrane-solution interfaces.

If eq 5b is introduced in eq 16a we get

which indicates that a “circulation” of sites exists in 
the steady state as a result of equal and opposite flows 
of sites in their dissociated and associated forms. This 
circulation of material is characteristic of membranes 
containing “carriers”24-26 and the neutral ion pairs may 
therefore be viewed as ionic carriers.

Equations 1-16 describe the total behavior of the 
system, but we shall only consider special cases: (1) 
the membrane potential at zero current here and (2) 
the complete steady-state properties for the case of a 
single counterion species, in the following paper.
Results

Since the electric current I  is carried only by the 
charged species, it is given by

I  =  F Z t i J i  +  FzsJ s =  Fzi^Y jJi -  J (17)
Substituting eq 5 in eq 17 yields

/  = F ^ z J t *  +  F z J * (18)
%

from which it is seen that the electric current is also 
given by the sum of the total flows. The potential 
gradient at zero current can now be expressed by in
serting eq 6a and 6b into eq 17 for I  = 0 and rearranging 
to yield 24 25 26

(24) J. .B. Best and J. Z. Hearon, “ Minerals and Metabolism,”  Vol. 
1A, C. L. Comar and F. Bronner, Ed., Academic Press, Inc., New 
York, N .Y ., 1960, p 11.
(25) A. H. Katehalsky and P. Curran, “ Nonequilibrium Thermo
dynamics in Biophysics,”  Harvard University Press, Cambridge, 
Mass., 1965, p 204.
(26) A. Finkelstein, Biophys. J., 4, 421 (1964).
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dip RT 1 $ /V '  \—  = ----- l  ^ ------;----------  z-lL.UiCt -  uscs) (19)
dx ztt  2-jUfii +  uscs dx\ i )

X
which is recognized as the usual expression for the 
potential gradient in a “Planck” liquid junction. The 
difference appears when eq 19 is integrated since the 
presence of ion pairs will influence the profiles of ct and 
cs. In order to perform this Integration, we shall derive 
another expression containing dc,/dx.

Combining eq 5b, 6b, and 6c, we get

Js* =  — uscŝ -(RT In cs +  zsFip) -  
ox

12uisciŝ - RT\n cis (20)

and inserting the mass-law eq 3, this yields directly

recombining the various terms in eq 23 to obtain a com
mon denominator.) When eq 23 is integrated between 
the two boundaries 0 and d, we obtain the internal po
tential at zero current, designated as Aip0

Fz Y,UiCt(d)

R T Ah  =  _ ln  ¿ u iCi(0)

■ \r—\  His

* E K {c< 
t d in  1

Yjufii

fJO
RT

dx

f  H s  H”  O f "f~ i l $
\ i /  i X ■

Vs is 
Ki

(25)

In order to arrive at an expression for V0, the total 
membrane potential at zero current, eq 25 is combined 
with the boundary conditions (12) and (14) to yield

J s *  =

ÒC,
RTus --------Fuszscsox

dip
dx

R T T ~ c s p
i K-i Ox

R T Y ~ c ^  (21)
i K t dx

Equation 21 is now combined with eq 19 to eliminate 
dcs/dx and solving for the potential gradient, we get

Fzj dip 
RT dx

àct
i l i  I-  ils^s 

O X iKiòx
y—̂UiS

i H sCsjL j  r rx

U s J  s

RT

(22)

By rearranging this equation, we finally obtain the 
expression

Z ^ i M / 'Fzi
RT 0 Rubidi

(26)

where are the two integrals appearing in eq 25.

Since in the derivation of eq 26 no equations based 
on the assumption of steady state were used, eq 26 
is valid for nonstationary as well as stationary states. 
The E0 of a liquid ion-exchange membrane is there
fore seen from eq 26 to be composed of three terms, 
only the first of which is independent of site distribu
tion.

This is in contrast to the situation in a fixed site 
membrane where us =  0 and Js* =  0, so that, as can be 
seen from eq 24 and 25, V0 reduces to the first term in 
eq 26 which is the usual equation for such a mem
brane.27'28

Fzt dip 
RT dx Z « A

i

Z Uu d<h 
K t dx

sr-y His
Z x Ci■ x &i

YiUiCi
X

U s J s *

RT

U s + T ^ C i ^ U i C i  +  U s C ^  Ct
\ i -ft-i /  i X & -i

(23)

where

Steady State
General Considerations. In the steady state when, 

according to eq 16a, Js* =  0, F 0 is described by the two 
first terms in eq 26. Examining the parameter t, 
given by eq 24 and which determines the behavior of 
the second term in eq 25, it is seen that the degree of dis
sociation enters through the quantity

Hŝ s
Z«is<hs (27)

t =  - ----------------- — ------------------- (24)

^ I UsCs
i

(That eq 23 is identical with eq 22 can be checked by

The second term is therefore affected by the total con
centration of sites, cs*, since cis and cs do not vary pro-

(27) F . H elfferieh , “ Io n  E xch an ge,”  M cG ra w -H ill B o o k  C o ., In c ., 
N ew  Y o rk , N . Y .,  1962, see eq  8 -9 0 .
(28) F . C on ti and G . E isenm an, B iophys. J ., 5 , 247 (1 965 ); see e q  38.
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portionally when the total number of sites is changed. 
This fact is most easily illustrated by adding the mass 
laws (3) and inserting the condition of electroneutrality 
(4). We get

cf y ',KiCjS
i

and from this it is seen that the quantity given by eq 27 
varies inversely as the concentration of free sites, cs. 
As the degree of dissociation is varied, for example by 
varying cg from zero to infinity keeping all K ( constant, 
it follows therefore that the quantity t varies from zero 
to ts, where ts, the transference number of free sites, is 
given by

f _ USCS

y  '.U iCi U$CS

Consequently, the membrane potential at zero cur
rent depends on the site concentrations at intermediate 
degrees of dissociation. However, when the degree of 
dissociation is small and the quantity given in eq 27 is 
small compared tc unity, the potential becomes inde
pendent of the degree of dissociation. This behavior 
is analogous to that of fixed-site membranes where Vo 
depends on the fixed-site density for intermediate values 
(c/. Teorell,29 eq 22-24), but for fixed-site density values 
high enough to achieve co-ion exclusion, the potential 
becomes independent of the site concentration (see 
below, eq 32).

Limiting Case of Complete Dissociation. In this case

J  is zero (t =  0) and since J is also zero in the steady

state, the potential is described by the first term of eq 
26

E mA « / 'ZjF
RT

Vo = - I n
Yauik(af

(28)

which can be seen to be the proper value for this limit 
from its agreement with Conti and Eisenman’s eq 35.13

Special Case of Two Counterions and Strong Associa
tion. If we confine ourselves to two counterions and 
strong association, i.e., when eq 27 is much less than

unity, the integral I in eq 26 can be written as

i ,  -
G + i ) x

(ui +  uf) b  m 2 +  ns
Cl

din

Ui$ C\ U2s

Ki 72 +  K2 

ClMi------1- u2
C2

(29)

where the condition of electroneutrality has been taken 
into account and where we have divided through by c2. 
The only independent variable now appearing is ci/c2, 
and the integral can therefore be solved explicitly. 
This gives

where

E ( m < +  us)ct(d)
r) In ^ ------------------------ +

E ( m < +  w s) C i ( 0 )
¿ = i

E vr cfd) E ufifd)
1 -¿M -i i = 1

2  ̂ 2

E f  Ci(°) Ema(0)
In (30)

¿ = 1

(U2s _
\ k 2 K J

/ I \ ^2s / , x Mu
[U i -T  Us) —  [U2 + Us)  -ZZK2 A i

(31)

Equation SO depends only on the values of cf of the 
boundaries and is therefore profile independent, which has 
important consequences to be discussed later.

When the boundary conditions (9) are inserted and 
eq 30 combined with eq 26, taking into account thatJ =  0 in the steady state since Js* =  0, then we obtain

for the total potential

2
,, E ( m* +  us)kiai'
J~Vo =  (1 -  r) In ^ ------------------------  +

E  (Mi +  Us) h a t"
i — 1

E  - h a f
t In ^ —  --------- (32)

E W
i = l A  i

The form of eq 32 can be illustrated by plotting the 
exponent of the potential against the mole fraction of 
one of the counterions in the external solution. The 
external solution is kept constant on one side of the 
membrane and varied on the other in such a way that 
the total ionic strength is always kept constant. Under 
these circumstances eq 32 can be written in the follow
ing way when solution (') is constant and solution ( " )  is 
varied.

(29) T. Teorell, Progr. Biophys., 3, 305 (1953).
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FzjV o
RT =  constant +  (1 — r) X

In
~ U i  +  u s  h

u 2 +  Us k2 +

r ln
Mis K2 ki

_uis Ki hi
where X i"  is the mole fraction of species 1 in the ex
ternal solution on the side which is being varied. This 
equation is represented in Figure 2 where the exponent 
of [(FztVo/RT) — constant] is plotted against Xi" 
for various values of r. Experimental data can be 
represented directly by such a plot, but since it can be 
seen from Figure 2 that the curves are approximately 
straight lines regardless of the value of r, eq 32a might 
alternatively be represented to a good approximation 
by a single logarithmic term, defining a set of "average 
ionic selectivities.”

It should he emphasized that eq 32 has been derived 
using only the condition that J *  = 0 and does not require 
the counterions to he in a steady state. This important 
fact will he used in the following section.

All the parameters appearing in eq 32 are measurable 
by classical methods except uis, the mobilities of the ion 
pairs. These can be calculated from the current-volt
age characteristics as will be shown in the following 
paper.

An interesting limit of eq 32 is obtained by putting 
all u{ =  us. In this case r =  0.5, and from eq 19 it is 
apparent that the internal potential vanishes. Al
though V0 is then due to the boundary potentials alone, 
its value can be seen to depend not only on the expected 
equilibrium parameters k( and K t but also, somewhat 
surprisingly, on the mobilities uis of the ion pairs.

Transient State
Despite the many studies of the electrode properties 

of liquid ion exchangers, none of the measurements pub
lished to date appears to correspond to the convection- 
free steady state to which we have restricted con
siderations to this point. This is because the membrane 
phase has either been deliberately stirred7-8'17 or 
because precautions to prevent convective mixing in its 
interior have not been taken4'5’16’16 (the membrane 
phase being so thick that steady states have generally 
not been reached and because moreover, stable con
centration gradients could only be established in the 
relatively static layers just internal to the solution 
interfaces). W e will show here that the transient 
behavior of F 0 depends not only on the membrane pa
rameters (particularly the degree of dissociation) but 
also on the experimental arrangement. Nevertheless,

Figure- 2. The form of eq 32. Equation 32 is represented 
by plotting exp[(FziVo/RT) — constant] as a function 
of mole fraction (Xi) of species 1 in the external 
solution. The parameters are chosen arbitrarily so 
that eq 32 may be written as exp[(FziVo/RT) — 
constant] =  exp[(l — t ) ln (1 +  0.9Ai") -f- r  ln 
(1 +  O.lXi")]. This function is plotted for the 
following values of t: 0, 0.2, 0.5, 0.8, and 1.0.

the present results are directly applicable to a number of 
experimental situations, not restricted to the steady 
state. For a more thorough discussion of the different 
experimental situations and their implications for the 
observed electrode potential properties, the reader is 
referred to Eisenman.30

Case of Simple Dilution. It is seen from eq 11, 15, 
and 16 that a simple dilution of the external solution 
on one side of the membrane (i.e., all the a /' are changed 
by the same proportionality factor) will not alter the 
interior concentrations. (The concentration ratio of 
counterions is not changed by dilution (cf. eq 11); the 
remaining two boundary conditions, (15) and (16), 
needed to solve for the individual concentrations are 
independent of the external solution conditions.) 
The first two terms in eq 14 are therefore unaltered by 
such a dilution, and the potential will vary with the 
natural logarithm of the concentration with a Nernst 
slope (i.e., RT/ziF) as given by the third term. This 
behavior is a consequence of assuming complete co-ion

(30) G . E isenm an, A nal. Chem., in  press.
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exclusion and completely trapped sites. Since eq 14 
is valid at all times, this has the important practical 
consequence that the membrane potential will respond 
in a step fashion to a step change in solution conditions 
whenever this corresponds to a simple dilution.

More General Considerations. Except for the above 
case, however, a step change in external solution 
conditions will be accompanied by a redistribution of the 
sites until a new steady state is reached, which has the 
following consequences for the behavior of electrode 
potentials.

When a step change is made from a previous steady 
state, the profiles are initially unaltered. J * is there
fore zero in the interior of the membrane at zero time. 
At the boundaries J *  is zero at all times by virtue of 
the boundary conditions (16b). The last integral in

eq 26, J', is therefore zero instantaneously following a

step change in solution conditions. This is due to the 
fact that the initial ion exchange takes place across one of 
the membrane solution interfaces where the sites cannot 
move.

Since in the limit of complete dissociation J of eq 26

is zero while in the limit of strong association J  is a

profile independent (being given by eq 30), we reach the 
important practical conclusion that the instantaneously 
observed potential is given by the steady-state expres
sions (26a) for complete dissociation and (32) for strong 
association in these two limiting cases, respectively. It 
should be emphasized that this conclusion is true not 
only for convection-free systems but also for stirred

systems because is independent of the concentration

profiles. Equations 26a and 32 therefore can be used 
to describe measurements carried out by holding solutions 
(') constant and comparing the instantaneous values of 
successive potentials observed for various conditions of 
solutions ( " )  even when no precautions are taken to avoid 
convection*■5-16’16 or when the membrane phase is de
liberately stirred.7,8,17

In addition, if the membrane interior is deliberately 
stirred, a quasi-steady state of potential will be rapidly 
established (again described by eq 26a and 32) since in

this case J  is zero because the uniform distribution of

sites in the stirred interior reduces J *  to zero there 
long before the interior concentrations attain their 
steady-state values. This situation is analogous to that 
existing in a co-ion excluding fixed-site membrane where 
V0 is time independent, although the profiles are not 
in a steady state.28

For systems of intermediate dissociation, it is difficult

to ascertain the behavior of V0 even when J is zero since

the quantity t (eq 24) cannot be expressed in terms of 
ci/c2 in this case.

Liquid Junctions within the Membrane Phase. By 
virtue of the boundary condition (16b), the second

integral J was shown to be zero both in a membrane

in a stirred interior and instantaneously following a 
step change in external solution conditions.

In certain other experimental conditions,19 the mem
brane phase has been preequilibrated with different solu
tions, and the F0 is measured across the liquid junction 
which is formed when two such membrane phases, each 
in equilibrium with their respective solutions, are 
brought in contact. In this case the sites are not con-

strained by any boundary and J and therefore

is not necessarily zero. In fact, the membrane poten
tial in these cases has been calculated from eq 19 as
suming linear mixtures of free sites and counterions.16

The Parameters Controlling Electrode Specificity
We shall here only discuss the parameters as they ap

pear in eq 32 for strongly associated systems. This 
equation applies instantaneously and at steady state 
to convection-free membranes as well as in stirred 
membranes. Each logarithmic term appearing in eq 
32 defines a set of ion selectivities. In the first logarith
mic term, the only parameter depending on the proper
ties of the sites is seen to be us. This affects the selec
tivity in a particularly simple way since the sum (w,- +  
us) is given directly by the limiting value at infinite 
dilution of the equivalent conductance A,,0. On the 
other hand, the parameters kt are related to the limiting 
values at infinite dilution of the distribution coefficients 
Stx° of the salt between the solution phase and the 
pure solvent of the membrane. If the same anion X “  
is used in measuring the distribution coefficients of two 
salts, IX  and JX, the ratio [(Sy/iSy]2 is equal to kjkj, 
regardless of the anion species. The standard chemical 
potentials determine Six° according to the treatment of 
Shedlovsky and Uhlig,31 which has been carried out 
under the same assumptions used in the present paper, 
and the square appears because k t/k j is the ratio of the 
distribution coefficients of the counterions while Six0/ 
Sjx° is the ratio of the distribution coefficients of the 
salt.32

(31) T. Shedlovsky and H. H. Uhlig, J. Gen. Physiol., 17, 563 (1933).
(32) Cf. p 161 of L. W. Holm, Arkiv Kemi, 5, 151 (1956).
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It follows then that the selectivity between I and J 
is given by

(u} +  us)kj _  A /
(ut +  u s)k f  A is °

Notice that since the parameters on the right-hand side 
of eq 33 are all defined for infinite dilution, they are 
completely independent of ion-site interactions, and the 
first logarithmic term of eq 32 therefore depends only 
on the properties of the solvent despite the fact that we are 
considering a system which is strongly associated.

On the other hand, the selectivity between I and J 
for the second logarithmic term of eq 32 is given by

UjS kj K { UjS /o4\
7 j r  \ y ^ )

'll is Uis

where K tj is the ion-exchange equilibrium constant for 
the reaction

J+(aqueous) +  IS (membrane)
JS(membrane) +  I +(aqueous) (35)

i V T
J 5 J  J (33)

This result was deduced by combining eq 2 and 3 and 
introducing the expressions for kf and k, from eq 10, to 
yield

kj Kj _  ( n f  — ¡if — njs°(m) +  /iis°(m)
Kj kt eXp\ RT

(36)

From eq 34, the ion-exchange equilibrium constant 
K tj is seen to be the product of a term [(kj/ki) = (Sjx0/ 
Sif Y] dependent on the properties of the solvent and a 
term (jK{/K}) dependent on ion-site interactions.

Finally, it should be noted that if the mobilities of the 
associated pairs are approximately the same for all 
counterion species (as seems likely to be approximately 
true for the usual long-chain liquid ion exchangers), the 
selectivity of eq 34 reduces to K ti and is therefore the 
same as that characteristic for equilibrium ion exchange. 
Thus the selectivity of the second logarithmic term of 
eq 32 is characteristic of the properties of the site as well as 
of the solvent.
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Electrical Phenomena Associated with the Transport of Ions and Ion Pairs 

in Liquid Ion-Exchange Membranes. II. Nonzero Current Properties18

by J. Sandblom,lb G. Eisenman, and J. L. Walker, Jr. 10

Departm ent o f Physiology, U niversity o f Chicago, Chicago, Illin o is  60627  (Received A p r il 12 ,1967)

This paper continues the theoretical examination of the steady-state properties of liquid 
ion-exchange membranes in which sites and counterions are incompletely dissociated. 
The flux equations derived in the preceding paper are integrated for the case where only a 
single counterion species is present without the restriction of that paper to zero membrane 
current. The current-voltage relationship is deduced, and the steady-state fluxes and inter
nal concentration profiles are related to the total membrane potential. On the basis of 
these relationships, the effects of association between sites and counterions are examined. 
A comparison is also made between the theoretically expected properties of liquid ion- 
exchange membranes having complete dissociation vs. strong association, as well as between 
the expectation for liquid vs. solid ion exchangers. It is concluded that increasing associa
tion makes a mobile-site membrane progressively more difficult to distinguish from a fixed- 
site membrane on the basis of its purely electrical properties, but progressively easier to 
distinguish on the basis of a comparison of electrical and flux properties. Some biological 
implications of these results are also discussed.

In a previous paper, the effects of association on the 
properties of a mobile-site membrane were examined.2 
The membrane under consideration was formally 
treated as a multicomponent system containing ionic 
as well as nonionic (ion pairs) species, assumed to be 
in chemical equilibrium at every point in the membrane 
but flowing independently of each other. Having 
chosen this approach as the basis for a quantitative 
treatment, the flux equations and boundary condi
tions for all the species were derived and the equations 
were solved under conditions of zero current.

This paper constitutes the second part of the same 
treatment and deals primarily with the behavior of the 
system under nonzero current conditions. The equa
tions are written and solved for the case of a single 
counterion in steady state. Expressions are obtained 
relating concentration profiles, fluxes, and resistance 
to the total membrane potential and from these ex
pressions the various effects of association on the mem
brane properties are deduced.

In the case where only a single counterion species is 
present in the system, the following set of equations 
can be deduced from eq 1 to 16 in part I.2

J\ =  —RTu 1 —  — ziFuiCi 
ox

d t p

ÒX (1)

ÒCS
Js ~  RTus —  zsFuscs ox

Ò ì p

ÒX (2 )

Ju =  -R T u »  Ò ~  ox (3)

C\ cs (4)

Ĉ  =  K
Cls

(5)

J (Cs +  Cls) d z  =  C*d (6)

(1) (a) This work was supported by National Science Foundation 
Grant GB-4039 and USPHS Grant GM  14404-01. It was assisted 
by USPHS General Research Support Grant FR-5367 and an NIH 
postdoctoral fellowship to J. L. Walker, Jr. (b) Institute of Physi
ology and Medical Biophysics, University of Uppsala, Uppsala, 
Sweden, (c) Department of Physiology, University of Utah, Col
lege of Medicine, Salt Lake City, Utah.
(2) J. Sandblom, G. Eisenman, and J. L. Walker, Jr., / .  Phys. Chem.t 
71,3862 (1967).

V olum e 71, N um ber 12 N ovem ber 1967



3872 J. Sandblom, G. Eisenman, and J. L. Walker, Jr.

T/ A , R T  1 R T  , « '

y = i *  +  S ' ln c Ä + i i ln 7 ' (7)

J î* =  «A +  «A» —
Z \ r

J * = Js +  J1s =  0

(8)

(9)

Equations 8 and 9 are obtained from the condition of 
steady state, but all other expressions are valid in the 
nonsteady state as well.

W e shall solve this system of differential equations 
to obtain fluxes and concentration profiles in terms of 
total membrane potential and external solution condi
tions. Dividing eq 8 by u\ and eq 9 by us and adding 
the resulting expressions, we obtain

I _  <A _|_ <A 2JIs
ZiFui Ui Us Mis

where Hu is a constant defined as

UlUs
Mis =  2

Ml +  Ms

(10)

(ID

which we shall call the interdiffusion mobility of the 
dissociated species. Inserting eq 1-3 into eq 10 and 
using the condition of electroneutrality (4), we get

- 4 ---------ZiFui ax
2RT Mis dCis

Mu d x
(1 2 )

This equation can be integrated directly from 0 to x to 
yield

lx
ZiFui

= —2RT[cs(x) — c,(0)] —

2RT ~  [cis(x) — cis(0) ] (13)
Uis

Equation 12 is then integrated from 0 to d, and, taking 
into account eq 6, we get

— =  - 2  RT —  Q +  2 RT
2z\Fu\ Uis

Cs(0) +  ~  cis(0)
Mis

where the quantity Q is given by

Q = c* + if-'-‘Ifd AJ o
cs dx

(14)

(15)

In general, Q is a function of the electric current, but 
it is seen from eq 15 that in a number of limiting cases 
it is a constant, e.g., when m1s =  Mis or when the degree 
of dissociation is so small that the second term can be 
neglected in comparison with the first term. In cer-

tain other cases, it has been found justifiable to 
approximate Q by a constant.3

Equations 13 and 14 can be combined to eliminate 
Cs(0) and cis(0). This gives

2RT — ' Cis(a;) +  2RTcs(x) =
ills

2RT — Q +
Mis

id r  _  2x\
2ziFu\ d )

(16)

and finally, eq 4 and 5 are used to express eq 16 in 
terms of cs{x). After rearrangement, this gives an 
expression for the concentration at any point x, cs(x), 
in terms of the electric current and the various mem
brane parameters

+  —  C(W -  KQ +  -  I )
K u i s

Mi,

(17)

from which cs(x) can be solved in terms of the electric 
current. The quantity Q may then be evaluated by 
inserting the resulting expression in (15) and integrat
ing, as will be discussed in the section, “ Concentra
tion Profiles.”

In order to relate the concentrations at the mem
brane boundaries to the total membrane potential, eq 
2 and 3 are added, divided by us/zi, and integrated 
using the steady-state condition (9) for the flow of 
sites. This gives

A\p =
RT ^  Cs(d) RT Mis Td dcls(x) 
z iF  c,(0) Z\F ms Jo c s(F )

(18)

After expressing Cis(a;) in terms of c„(x) through eq 4 
and 5, the integral is solved, and when this is introduced 
into eq 7, we obtain an expression for the total potential

RT 2RT cs(d) 2RT uu
zi F a" +  «1F c,( 0) +  ZyF Kus X

[cs(ri) -  cs(0) ] (19)

The solution to the equations is essentially complete 
since eq 19 can be combined with eq 17 to yield explicit 
expressions for the concentration profile and electric 
current in terms of the total membrane potential and 
external solution conditions.

Limiting Currents. Equations 17 and 19 indicate 
that the steady-state current-voltage relationship for a 
single counterion species depends on the mobilities of 
the undissociated as well as the dissociated species, the 
total concentration of sites, and the degree of dissocia-

(3) J. L. Walker, Jr., G. Eisenman, and J. Sandblom, J. Phys. Chem., 
in press.
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tion. The left side of eq 17 contains only positive 
quantities, and by inspecting the right-hand side after 
setting the left side of eq 17 equal to zero for x = 0 and 
x — d (i.e., cs(0) =  0 and cs(d) =  0, the respective 
concentrations at 0 and d for strong applied voltages), 
it can be seen that the electric current is confined to 
an interval given by

-  A R T F u i — Q  <  I  <  4 R T F u i  (2 0 )
d Uis d His

Thus, we find that a finite limiting current, previously 
deduced as being characteristic of a mobile-site mem
brane in the limit of complete dissociation,4 is char
acteristic of mobile-site membranes quite generally 
regardless of their degree of dissociation. The end 
values of the interval in eq 20 define the values of the 
limiting currents / 1 whose absolute values are given by

Ji
4RTFui uu

J  — V
Cl 1X\ $

(21)

Concentration Profiles. In order to simplify the ex
pressions, we shall introduce a quantity <t> defined as

IdJXs
 ̂ 4RTFuiUlsQ

Note that <> -*■ 1 as 7 h. Substituting this defini
tion in eq 17 and solving for cs(x), we get an explicit 
expression for the concentration at any r a s a  function 
of (j)

However, in order to calculate the concentration pro
files, an expression for Q must be obtained. This is 
done by inserting eq 22 in eq 15 and integrating, which 
yields

Q = c* -  i ~  -  l }  X
W ls )

[(f 2) + KQ(1+*>] -
Kûu [(IS V*

2 uu 3 <f>KQ

from which Q can be calculated graphically or by suc
cessive approximation.3

Figure 1 illustrates the concentration profiles for the 
indicated values of <j> calculated from eq 22 and 23 for a

membrane in which K  =  4 X  10 ~7 mole/cm3, c* = 
10-6 mole/em3, and u u / u is =  1/3.04. (These particu
lar values were chosen because they correspond to 
those characteristic of HC1 in isopropyl alcohol, a 
liquid system in which the present theory has been 
tested).3 Examining this figure, we notice that the 
concentration profiles are parabolic in form, in contrast 
to the linear profiles expected4 and observed8 in a com
pletely dissociated mobile-site membrane. W e also 
see that the concentration of sites becomes increasingly 
skewed as the applied field is increased, so that in the 
limit as i£ —► 1, the site concentration is reduced to zero 
at one side of the membrane, as noted in deducing eq 20.

Current-Voltage Relationship. An explicit relation
ship between current and voltage is obtained by ex
pressing es(0) and cs(d) in eq 19 in terms of eq 22. This 
gives

V  =
ZiF a' ziF

i ti
in u* '

*\2 u j

K ûu 
2  uu

( K ü u

\2 Uu

2RT Uu 
Z\F usK

P KQ( 1 +  <j>) K  Uu

2 uu

+

Mfî) 
V(

+  KQ( 1 -  t i 

fi- KQ( 1 +  ti (24)

The general shape of the current-voltage relation
ship for varying values of the dissociation constant K 
and constant total concentration is illustrated in Figure 
2 for a membrane in which Uu/uu =  1/3.04.

Figure 2 indicates that the voltage range over which 
the I-V  relationship is nearly linear becomes increas
ingly extended with increasing association. This is 
because the increasing number of undissociated ion 
pairs, which are not acted on by electric forces, acts as a 
“ reservoir” of sources and sinks for the dissociated 
species. Therefore, significant skewing of the con
centration profiles does not occur until the field is so 
high that the fluxes are large enough to overcome the 
capacity of the “ reservoir.”

Examining the curves for successively smaller values 
of K, it can also be seen that, for a membrane in which 
c* is constant, the steady-state resistance initially de
creases as the association increases, which can be ex-

(4) F. Conti and G. Eisenman, Biophys. J 6, 227 (1966).
(5) J. L. Walker, Jr., and G. Eisenman, Ann. N. Y. Acad Sci., 137, 
777 (1966); Biophys. J .} 6, 513 (1966).
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d

Figure 1. Concentration profiles are plotted for <t> =  

0, 0.5, 0.9, and 1.0. K  — 4 X  10-7 mole/cm3, 
c* =  10-6 mole/cm3, u „  =  3.04ui„ Note that all the 
profiles intersect at the same point, d / 2 , a fact 
which may also be deduced from eq 17.

Figure 2. Theoretical current-voltage relationships 
for a membrane having the indicated degrees of 
dissociation ( K  is expressed in moles/liter) and u „  =  3.04«is 
corresponding to the measured values for HC1 in 2-propanol. 
C* has been held constant at 10~3 mole/1. Note the 
initial decrease in resistance and subsequent increase as K  
is varied from infinity to zero. Also note that the 
limiting current at high positive voltage increases 
monotonieally as A  is varied from infinity to zero.

plained by the following considerations. For the case 
of complete dissociation (K =  <»), the electric current 
at steady state is carried only by the counterions. 
This follows from the fact that in a completely dis-

sociated sytem Js* = Js =  0. In an incompletely dis
sociated system, however, movement of the sites also 
contributes to the electric current within the membrane 
even in the steady state (the sites move as free ions 
in one direction and as neutral species combined with 
counterions in the other direction) so as to preserve the 
balance of eq 9 which in steady state requires Js* to be 
zero. In this way, the associated sites act as “ carriers.” 
If the mobility (wis) of the neutral species is larger than 
the mean mobility (mis) of the ions, the steady-state 
resistance will initially decrease as the association in
creases (compare K =  5.0 X  1 0 with K  =  OO ), but 
as the association becomes still stronger the sites will 
be “ consumed” and the resistance will increase (com
pare If =  co with If =  8.3 X  10~s and If =  1.8 X  10~6).

Except for the special case where uu — Uu the degree 
of association also affects the magnitude of the limiting 
current as can be deduced from eq 20 and is illustrated 
in Figure 2 (c/. the limiting values at the right). When 
uu >  uu, as in Figure 2, the backflow of the neutral 
species has a larger effect than the depletion of free 
sites, and the limiting current increases with increasing 
association. The reverse will be the case when uu <  u-u ■ 

Memprane Resistance. The instantaneous resistance 
R„. of the membrane, as measured using a step change 
in current or by a high-frequency alternating current is 
given by

_  1 Cd da;
ft» = w i t  j l  \ I ~7T (25)F2(«1 + Mi) Jo cs(x)

When the integration is performed, this gives

12» F2(ui +  us)KQ<t> X

(If Mu in cs (c£)
l2wis L (o )J

+  cs(d) -  c, (26)

where, again, cs(d) and cs(0) may be expressed in 
terms of If, iiu/uu, 4>, and Q through eq 22.

The steady-state resistance R0 is given by

and is obtained from eq 24 recalling that 4> =  I/[li|.
A  comparison between the steady-state resistance R0 

and the instantaneous resistance R„ is most easily made 
in the limit of zero current (0 =  0). In this case, eq 
25 and 27 reduce, respectively, to

« „ ( *  =  0 )
d

F \ u i  +  u s) c s
(28a)

and
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Roti — 0)

us +  uls Cs

K

F2 V jXV js^ s + t i l  +  Us)
UisCç2

k ~ _

X  d

(28b)

From these expressions it is seen that as the association 
increases (K  ->  0), the instantaneous resistance ap
proaches the steady-state resistance. In the other 
limit of complete dissociation (K -*■ «>), the following 
relationship is obtained between the two resistances

R -ti  =  0) =  (1 -  ts) X  Roti =  0) (29)

where ts is the transference number of the dissociated 
form of the sites, given by d

ts Us

Ui +  u.

The relationship expressed by eq 29 was found and 
experimentally verified by Walker and Eisenman.6

Fluxes. Recalling that for the present single counter
ion case, Ji* =  I/F, the dependence of the total flux 
of the counterion species on the solution conditions and 
applied electric potential can be obtained from eq 24 
and is shown in Figure 2. It has been mentioned that 
only the total fluxes are constant throughout the mem
brane, whereas the partial fluxes are subject to sources 
and sinks. This is seen by deriving explicit expressions 
for the partial fluxes Ji, Js, and Jis. The partial flux Jls 
is obtained from eq 3-5

J i s  =  — R T u i s  
d̂a:

RTuis dcs2 
K  daT

2RTuis cs dcs 
da:

(30)

from which dcs/da; and Acu/dx may be expressed in 
terms of Jy. Inserting these expressions in eq 12, we 
get after rearrangement, recalling that Ji*F =  I

J Is tçC'S

J *  . K  Uis
+  -  —  

2 Uis

(31)

Recalling the dependence of cs on x in eq 22, eq 31 
indicates the distance dependence of the partial flux Jls 
in the steady state for constant Ji* (i.e., constant cur
rent). This dependence is illustrated in Figure 3, 
which presents flux profiles of Ji as a fraction of the total 
flux Ji* calculated from eq 31, 22, and 8 using the same 
values of the parameters and currents as those given 
for Figure 1. Note that the ratio Ji/Ji* is smaller 
than unity for all currents less than the limiting one.

Figure 3. The partial flux Ji of the counterion is 
plotted as a function of x in terms of the fraction 
of total flux (Ji/Ji*) for & = 0, 0.5, 0.9, and 1.0. The 
dotted line represents the total flux J,* = I/F.

It is only when <p = 1 and the sites are depleted at one 
end of the membrane that the counterions are seen to 
carry the total current. Notice that for small currents 
(i.e., for low values of </>) the flux of counterion species is 
essentially constant for a given applied field, being 
independent of the position within the membrane. This 
is comparable to the situation for all applied currents 
in a fixed-charge membrane in the steady state. More
over, notice that this flux (Ji) is less than 4 0%  of the 
total flux, demonstrating that circulation of sites con
tributes significantly to the flow of electric current 
even in the steady state despite the fact that the shes 
cannot cross the membrane-solution interfaces. In
deed, notice that as 4> becomes increasingly large, it can 
be seen that the flux of the counterion becomes a func
tion of distance, an effect which is surprisingly small 
until <j) is greater than 0.5. The slope of the curve is of 
course the rate of change of the flux of the counterion 
species with x, which determines the rate of transfor
mation from the dissociated form to the undissociated 
form. Ji* (namely the total flux of species 1 in all of 
its forms within the membrane) is exactly equal to the 
fluxes of species 1 entering and leaving the membrane. 
This can be seen to be constant throughout the mem
brane in the steady state, as required by eq 8 (see dotted 
line in Figure 3). The difference between curves Jx* 
and Ji for each applied field represents the flux of the 
site species Js, which is directly equal and opposite in 
this case to the flux of the associated pairs (see eq 9).

Diffusion Coefficients. For the present single counter
ion treatment, one interesting property of an associated
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mobile site membrane which contrasts with the situa
tion in a fixed-site membrane is that the diffusion coef
ficient measured by tracer flux (Dtr) differs from that 
measured from the high-frequency electrical resistance 
( .D e i) .  Since the labeled and nonlabeled isotopes have 
the same properties, there will not be any potential 
gradient or site gradient at zero current regardless of 
the concentrations in the solution phases. The total 
tracer flux Ji*tr can therefore be written directly in 
terms of concentration gradients of the tracer in the 
membrane.

When the tracer is added to one of the external solu
tions and the rate of appearance Ji*tr is measured on 
the other side, we obtain

, / 1* t r  =  - R T u i
d c ^

da:
— R T u is

dei.

RT U\ + Cs^ls

K

' d c itr 

drr

d r 

RT
d R i +  „ ^ I s

A
sMxCi

(32)

where s is the specific activity (curies/g), Mi the molecu
lar weight of the counterion, and citr the concentration 
of tracer in the membrane which is measured in curies 
cm-3 . Ci is the (uniform) concentration of counterion 
as defined before and is measured in moles cm-8 . Ji*tr 
is measured in curies sec-1 cm-2 . The measurement of 
tracer flux can be compared with the measurement of 
electric conductance performed at zero current and high- 
frequency alternating current.

This conductance is obtained from eq 28a, recalling 
that for a single counterion ct =  cs

G „ ( 4> =  0 )  =
F 2(u i +  Us) Ci

Dividing eq 32 and 33, we get 

-J i* tr F2
GT RT

s M i

Ui +  TTMu 
A

U i + u s

U i
+

Uu

U i +  us U i +  us K

(33)

~  (3 4 )

Equation 34 is seen to define a ratio between a diffusion 
coefficient measured by diffusion ( Dd =  RT[ui +  
(cs/K)uis]) and an electrically measured diffusion co
efficient (Dei =  RT(ui +  us)).

For the limit of complete dissociation (K  —*■ °o), this 
ratio is given by the transference number of the counter
ion (see eq 34). On the other hand, for strong associ
ation (K  -*■ 0), c 2 = Kcis — Kc* and eq 34 reduces to

Pant _  uu Jc*
Dei Ui T  us ' K

The discrepancy between diffusion coefficient mea
sured electrically and that measured by tracer diffusion 
is therefore inversely proportional to the square root of 
K for strong association (K -*■ 0).

D iscussion
Physical Systems to Which the Present Analysis Is 

Applicable. The present analysis is restricted to mem
branes in which (a) univalent counterions and sites are 
assumed to behave ideally except insofar as they can 
associate through a simple law of mass action to form 
neutral ion pairs, and in which (b) the sites are assumed 
to be unable to cross the membrane-solution interface, 
(c) the concentration of co-ions is assumed to be neg
ligible. and (d) the mobilities of species are assumed to 
be constant, (e) In addition, we have considered 
only the situations in which the diffusion of counterions 
is membrane controlled (he., we have assumed that 
negligible concentration polarization occurs in the 
solutions adjacent to the membrane and have neglected 
interfacial effects). Membranes for which these as
sumptions are expected to be approximately valid are 
those containing the usual monofunctional liquid ion 
exchangers6 dissolved in water-immiscible solvents over 
some as yet undefined range of dielectric constant. 
Notice that for solvents of very low dielectric constant, 
the assumption (a) may no longer be correct since as
sociation is likely to be complicated by the formation of 
“ triple ions” and other higher order aggregates.7 In
deed, typical liquid ion exchangers such as diisooctyl hy
drogen phosphate are known to form associated com
plexes in low dielectric constant solvents whose degree 
of aggregation is a function of the size and charge of the 
counterions.8 The present system may also be thought 
of as a model for certain types of “ carrier transport” 
mechanisms postulated for biological membranes.9

The conditions under which the present treatment is 
expected to apply to membranes made from the usual 
liquid ion exchangers are examined in more detail be
low; however, it is worth noting here that a simple 
physical system has been devised and studied by 
Walker, Eisenman, and Sandblom8 to test the prin
cipal expectations of the present theory. This system,

(6) C. F. Coleman, C. A. Blake, Jr., and K. B. Brown, Talanta, 9, 297 
(1962).
(7) R. A. Fuoss and M. Krauss, J. Am. Chem. Soc., 55, 476 (1933); 
R. A. Fuoss, ibid., 57, 488 (1935); Trans. Faraday Soc., 32, 594 
(1936).
(8) G. J. Janz and S. S. Danyluk, Chem. Reo., 60, 209 (1960); cf. pp 
228-230.
(9) W. Wilbrandt and T. Rosenberg, Pharmacol. Rev., 13, 109 (1961).
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in which all of the present assumptions are satisfied, 
consists of a solution of hydrochloric acid in 2-propanol 
bounded by two chloridized silver plates. In this 
system, chloride ions can enter or leave the aqueous 
phase, but hydrogen ions can only redistribute within 
it. We have therefore only one species of counter
ion— the chloride ion, while the hydrogen ion corre
sponds to the mobile site. The mobile associated 
species is the HC1 molecule, whose dissociation is 
governed by a simple law of mass action. After con
ventional measurements had been made of the dis
sociation constant for HC1 and of the individual mobili
ties of H + and Cl“ , the mobility of the undissociated 
HC1 species was measured from the value of the limit
ing current density using eq 21 of the present theory. 
With the value of this parameter known, the steady- 
state current-voltage relationship is completely speci
fied for all HC1 concentrations and so are the concentra
tion profiles, electric potential profiles, and instanta
neous conductances for the steady state of any applied 
current. Measurements were therefore made of all of 
these properties and were found to be in quantitative 
agreement with the expectations of the present paper.

The Conditions under Which Assumptions b and e Are 
Satisfied Simultaneously. Assumption b that the sites 
are completely trapped within the membrane is an 
idealization whose validity is a function of the solubility 
of both the membrane phase and of the sites in the ex
ternal solution phases. Since the site species must 
have a finite solubility in the external solutions which 
can be considered as infinite reservoirs, some fraction 
of the sites must be transported across the membrane 
under nonequilibrium conditions. Thus, if an electric 
field is applied to the equilibrium situation of a mem
brane separating two identical solutions, accumula
tion of sites will occur in the solution at one of the 
membrane-solution interfaces, together with a corre
sponding depletion of sites in the solution at the other 
interface as the system passes to the stationary state. 
Consequently, the number of sites contained in the 
membrane will change during the process. If, however, 
the ionic redistribution within the membrane is rapid 
compared to the rate of loss or gain of sites, the sites 
will transiently act as if they were trapped. There
fore, the physical situation which might be realized in a 
liquid ion exchanger corresponding to assumption b is 
that the transport of sites must be rate limited by the 
membrane boundaries (e.g., film controlled)10 whereas to 
satisfy assumption e the transport of permeant species 
must be rated limited by the membrane phase (e.g., 
membrane controlled).10 Since the activation energies 
for counterion diffusion across the membrane-solution 
interfaces may be much larger than within the mem

brane phase,11 it is necessary to have a sufficiently 
thick system in order to ensure that this effect is neg
ligible, while at the same time being certain that the 
membrane is sufficiently thin to maintain rate-limiting 
surfaces for the diffusion of sites.

The above conditions can be formulated quantita
tively for the situation where the limiting part of the 
membrane boundaries may be attributed to an unstirred 
layer of thickness 5 in the external solutions adjacent 
to the membrane surfaces. Confining ourselves to the 
case of a single counterion species and completely dis
sociated sites and counterions, the time constant of es
tablishing interior profiles, td, is given by

td
æ

7T2Z)m
(35)

where d is the membrane thickness and Dm = RTûis.
In order to calculate the time constant rs for the loss 

of sites, we shall consider the case when the electric 
current is zero and the concentration of sites in the 
external solution is zero initially. If the ionic redis
tribution within the membrane is rapid compared to 
the rate of loss of sites, the concentration profile within 
the membrane is essentially uniform. The rate at 
wffiich the sites disappear must therefore be given by

dc* _  2Df_.
~dt ~  ~dSS°

(36)

where S is the distribution coefficient of the sites, S =  
[c*(m)/cs*(f)], and Df is the diffusion coefficient 
(RTûis) in the film. The time constant rs calculated 
from eq 36 is

_  d ôS  

~  2D i
(37)

and the condition for trapped sites may therefore be 
expressed as

Ts  A >  TD

or

,SDn 
d Df

(38)

A  quantitative formulation can also be given to the 
condition (e) that the counterions are membrane con
trolled. Helfferich10 (eq 8-8) has derived such an 
expression by considering self-diffusion in the stationary 
state, and under these conditions his treatment is also

(10) F. Helfferich, “ Ion Exchangers,” McGraw-Hill Book Co., Inc., 
New York, N. Y „  1962.
(11) J. T. Davies, J. Phys. Chem., 54, 185 (1950).
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valid for a dissociated liquid ion-exchange membrane. 
The expression he obtains is

C 5 Wlm

c d uu
« 2 (39)

where c* is the total concentration in the membrane, 
c is the total concentration in the external solutions, 
and uim, uu are the mobilities of the counterion in the 
membrane and film, respectively. Note that c*/c in 
(39) is not necessarily equal to S in (38) since we have 
assumed the presence of impermeable co-ions in the 
external solutions. In deriving eq 38 and 39 we have 
only considered completely dissociated systems. How
ever, if the mobilities of associated and dissociated 
species are equal, these equations are also valid for 
membranes containing ion pairs.

We can also conclude that in order to satisfy both eq 
38 and 39, the sites should have a high affinity for the 
membrane (i.e., large S) and the ratio c*/c (i.e., total site 
concentration to total external concentration) should be 
chosen to be as small as possible.

Activity Coefficient Effects. It is possible in calculat
ing the I -V  curve for a single counterion to take vary
ing activity coefficients into account. To introduce 
variable activity coefficients, we shall approximate 
them with the rather generally observed empirical 
relationship

d In af 
d In c{

(40)

where n is a constant characteristic of the nonideal be
havior . This leaves the flux equations unaltered except 
for the relationship between diffusion coefficient and 
mobility for the ions which becomes

The solution to the problem then follows the same line as 
presented above.

Biological Implications. Many types of ion-exchange 
membranes have been proposed as possible models for 
biological membranes and the liquid ion-exchange mem
brane treated here is a conceivable model for the postu
lated lipid soluble carriers. Some of the important 
features described in this paper may therefore be used as 
criteria for distinguishing this type of permeation mech
anism from other types, e.g., permeation through pores 
lined by fixed charges.

We have shown that in general mobile-site membranes 
are distinguishable from fixed-site membranes by the 
presence of limiting currents although in the case of 
strong association this property becomes increasingly 
difficult to assess. On the other hand, we have also 
demonstrated that a discrepancy between diffusion co
efficients measured electrically and by tracers is to be 
expected, and this discrepancy becomes more pro
nounced for stronger association. This is a classical 
example of what is called exchange diffusion in the bio
logical literature. 12 This effect may be thought of as a 
consequence of the fact that association leads to a 
transport of the counterion in an electrically neutral 
form due to combination with the oppositely charge 
mobile site.

In summary, we can therefore state that increasing 
association makes a mobile-site membrane progressively 
more difficult to distinguish from a fixed-site membrane 
on the basis of its purely electrical properties, but pro
gressively easier to distinguish on the basis of a com
parison of electrical and flux properties, and that there
fore the latter measurements should be used in trying 
to distinguish the two permeation mechanisms in a 
biological membrane.

D j =  nRTut (41) (12) H . U ssing, Advan. E nzym ol., 13, 21 (1952).

T he Journal o f  P hysica l Chemistry



Thermodynamic Properties of Aqueous Solutions of p-Ethylbenzenesulfonic Acid 3879

Thermodynamic Properties at 25° of Aqueous Solutions of 

p-Ethylbenzenesulfonic Acid and Its Alkali Metal Salts. Comparisons with 

Cross-Linked Polystyrenesulfonate Type Cation Exchangers1

by G. E. Boyd, F. Vaslow, A. Schwarz,2 and J. W. Chase
Oak R idge N ational L aboratory, Oak R idge , Tennessee 378S0  (Received A p r il  18, 1967)

Molal osmotic and mean molal activity coefficients, <p and y, and apparent molal heat con
tents, 4>L, of aqueous solutions of p-ethylbenzenesulfonic acid (p-EBSA) and its alkali 
metal salts were determined at 25° for a wide range of concentrations. The strength of 
the acid was inferred to be less than that of HNO3 , and evidence was obtained for ion-pair 
formation with the cesium salt. The concentration dependence of 4>-l was unusual in 
that values above the Debye-Hiickel limiting slope were observed with all but Cs p-EBS. 
Calculations of solvent relative partial molal entropies, S\ — Si°, indicated that the p-ethyl- 
benzenesulfonate anion possessed “ water structure forming”  properties. Free energies of 
dilution, A(td, were computed from </> and y, and the differences between these were com
pared with the standard free energy changes, AGex°, for ion-exchange reactions between 
the alkali metal cations and hydrogen ion in cross-linked polystyrenesulfonic acid type 
cation exchangers. Differences in <£L were also compared with standard heats of cation 
exchange, AHex°. The concordance between the various thermodynamic quantities indi
cated that the analogy between concentrated electrolyte mixtures and cation exchangers 
was valid.

The objective of this research has been to conduct the 
measurements necessary for a comparison of the differ
ences in the thermodynamic properties at 25° of 
aqueous solutions of the alkali metal salts of p-ethyl- 
benzenesulfonic acid with the standard enthalpies, 
free energies, and entropies of ion exchange for the 
corresponding cations in cross-linked polystyrenesul
fonic acid type cation exchangers. Justification for 
this comparison lies in the existence of numerous analo
gies in the equilibrium behavior of organic ion exchangers 
with concentrated aqueous electrolyte solutions. The 
electrochemical properties of sulfonic acid groups in 
cross-linked polystyrenesulfonates, for example, appear 
to be virtually the same as those for the same groups in 
low molecular weight analogs such as in p-ethylbenzene- 
sulfonic acid or p-toluenesulfonic acid. The pH titra
tion curves for the cross-linked polymer acid and its heat 
of neutralization indicate strong acid behavior. Further, 
Raman spectral3 and nmr4 measurements on poly-

styrenesulfonic acid and on ethylbenzenesulfonic acid 
have shown that the amount of associated hydrogen ion 
must be quite small.

Comparisons between the thermodynamic properties 
for alkali metal cation-exchange reactions and those for 
concentrated aqueous alkali metal chloride solutions 
have been attempted.6 6 However, only a poor cor
respondence was observed for several reasons. The 
properties of aqueous alkali metal salt solutions are 
strongly dependent on the nature of the anion, as may

(1) R esearch  sponsored  b y  the U . S. A to m ic  E n ergy  C om m ission  
un der con tra ct  w ith  the U n ion  C arb ide  C orp .
(2) R ad ioch em istry  D ep artm en t, Israel A to m ic  E n ergy  C om 
m ission, S oreq  N u clear  R esearch  C enter, Y a v n e , Israel.
(3 ) S. L ap an je  and S. A . R ice , J. A m . Chem. Soc., 83 , 496 (1961).
(4 ) L . K o t in  and M . N agasaw a, ibid,., 83 , 1026 (1961).
(5 ) E . C ru ickshank  and P . M eares, Trans. Faraday Soc., 53 , 1299 
(1957).
(6) O. D . B onn er and J. R . O verton , J. P h ys. Chem ., 65 , 1599 
(1961).
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be seen by comparing the activity coefficients and 
apparent molal heat content values for the chlorides 
with those for the nitrates. Comparisons of the proper
ties of concentrated electrolyte solutions with those of 
cation exchangers therefore should be made with 
aqueous solutions of the “ model compounds.”  Fur
ther, in one instance7 8 it was mistakenly assumed that 
a hydrostatic pressure exists inside a cross-linked ion 
exchanger. Consequently, the free energies and heats 
of dilution for the alkali metal chloride solutions were 
corrected by estimated free energies and heats of com
pression (or decompression), respectively. In act- 
tuality, the pressure in an ion-exchange gel is the same 
as the ambient pressure, which is usually 1 atm. A 
probe placed in the gel, for example, would not register 
a pressure different from that outside the gel. The 
free energy of the molecular network of an ion exchanger 
varies with its volume; formally this variation has the 
units of pressure and the derivative has been termed the 
“ swelling pressure,”  although a better term would have 
been the “ strain free energy. ” 7

The lithium, sodium, potassium, and cesium salts of 
the “ model” compound, p-ethylbenzenesulfonic acid, 
were employed in this investigation of the analogy 
between cation exchangers and concentrated electrolyte 
solutions. Molal osmotic coefficients, <£, for these salts 
in aqueous solution were measured with the gravimetric 
isopiestic vapor pressure comparison method and with 
a vapor pressure osmometer.8 '9 These determinations 
were employed to compute mean molal activity coef
ficients, 7 , and free energies of dilution, A(?D, as a 
function of concentration. Calorimetric determina
tions of the heats of dilution of aqueous solutions of the 
acid and its alkali metal salts also were made and values 
of their apparent molal heat contents, <f>l, as a function 
of concentration were derived. The values of A(?D 
and </>L thus obtained were employed to estimate free- 
energy differences, A(A(?D), and enthalpy differences, 
A0 l , for comparison with standard free energies and 
enthalpies of cation exchange.

Experimental Section
Materials. The synthesis of p-ethylbenzenesulfonic 

acid and its lithium and sodium salts have been de
scribed. 10 Measurements of the infrared and nmr 
spectra of the barium salt of the acid indicated at least 
99% para substitution. The potassium and cesium 
salts were prepared from the barium salt, which was 
converted by ion exchange to give an aqueous solution 
of the acid which was neutralized with pure K 2C 0 3 or 
Cs2C03, respectively. The salts were recrystallized 
from absolute ethanol and vacuum-dried at 60°. 
Equivalent weights, determined by titration of the

acid released when solutions containing known weights 
of salt were passed through a deep bed of H-form cation 
exchanger, were 224 and 318 for the potassium and 
cesium salts compared with theory values of 226 and 
317, respectively.

Osmotic Coefficient Determinations. The gravimetric 
isopiestic vapor pressure comparison apparatus and 
techniques employed in measuring the concentrations 
of the model compound solutions in vapor pressure 
equilibrium with standard sodium chloride solutions 
have been described. 11 Concentrated stock solutions 
of the alkali metal p-ethylbenzenesulfonates were made 
up by weight, and weight burets were employed in the 
preparation of more dilute solutions as required. A 
vapor pressure osmometer was employed in the mea
surements with solutions of concentrations less than 
0.5 m. The precision of these measurements was lower 
than with the gravimetric technique, particularly below 
0 .1  m; however, the speed and convenience with which 
determinations can be made on dilute solutions are 
important advantages. Approximately 6 - 8  min was 
needed for the system to come to a steady-state tem
perature difference and give a constant resistance 
reading. Repetitive measurements were made and the 
data were averaged to increase precision.

Molalities of the isopiestic NaCl and alkali metal 
p-ethylbenzenesulfonate solutions of 25° observed with 
the gravimetric technique are presented in Table I. 
Molal osmotic coefficients were computed from these 
data with

r x ÎWx$ x =  I/rTOr0 r ( 1 )

where the number of ions, v = 2 , mx is the sulfonate 
molality, <£x is its osmotic coefficient, and mr and <£r 
are the molality and osmotic coefficient of the refer
ence electrolyte (NaCl), rsepectively.

The osmotic coefficients given in Table II were com
puted with the equation

(m0 )x =  (ARx/ART)(m<l>)r (2)

where (ARx/ARt) is the measured resistance ratio. 
Values for the osmotic coefficient, <t> r. of the reference 
electrolyte solution (NaCl) at 25° were computed from 
mr with the equation12

(7 ) F o r  a  fu rther discussion  see J. J. H erm ans, “ F lo w  P rop erties  o f 
D isperse S ystem s,’ ’ N orth -H o lla n d  P ublish ing  C o ., A m sterd am , 
1953, C hapter I I I .
(8 ) O . D . B onn er and O. C . R ogers, J . P h ys . Chem ., 65 , 981 (1 961).
(9 ) G . E . B o y d , A . Schw arz, and S. L indenbaum , ibid., 70 , 821 
(1966).
(10) S. L ind enbaum  and G . E . B oy d , ibid., 71 , 581 (1967).
(11) S. L indenbaum  and G . E . B oy d , ibid., 68 , 911 (1964).
(12) E . A . G uggenheim  and J. C . T u rgeon , Trans. Faraday Soc., 51, 
747 (1955).
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l  -  <t> =  0.3903mI/5cr (m1/j) -  /3m (3)
using /3 = 0.15.

Mean molal activity coefficients were calculated from 
the osmotic coefficients with the Gibbs-Duhem equa
tion. The required integrations were performed nu
merically with a CDC 1604 digital computer. The

Table I : Molalities of Isopiestic Solutions at 25°

OTNaCi Li p -E B S N a p -E B S K  p -E B S Ca p -E B S

0.1994
0.3493 0.3596

0.2150

0.3973
0.4316

0.4150
0.4840 0.5143

0.4561 0.5170 0.5499
0.4646 0.4953
0.4886 0.5128 0.5274
0.5947 0.6375 0.6641
0.6674
0.6862

0.7270 0.7678
0.8788 0.9646

0.7837 1.097 1.213
0.8187
0.8732 1.008 1.135

1.180 1.310

0.9937 1.690 1.855
1.104
1.208 1.548 1.939

2.085 2.227
1.221 1.974
1.4525
1.537 2.0905 2.723

3.167 3.346
1.764 2.441 3.218
2.084
2.1635 3.006

4.927 4.849
2.211 3.085 4.026
2.533
2.741 3.751

5.874

2.971 6.9405
3.3845
3.385 4.520

7.873
3.392 7.894
4.009 9.473
4.155 
4.210

5.410
10.044

4.808 11.739
5.1195 12.624

necessary extrapolation of the </>x values to zero con
centration was performed with eq 3 with /3 taking the 
valuesO.il, 0.08, —0.035, and —0.19 ±  0.03 for the lith
ium, sodium, potassium, and cesium salts, respectively. 
A value, /3 = —0.047, derived from the measurements of

Table II : Osmotic Coefficients for Dilute Solutions from 
Vapor Pressure Osmometer Measurements at 25°

WIK p.EBS 4>K p-EBS WCs p-EBS iCs p-EBS
0.02129 (0.9368) 0.10012 0.9044
0.04998 0.9379 0.15001 0.8868
0.10000 0.9165 0.19420 0.8642
0.14996 0.9011
0.19954 0 .8 86 5

Bonner,13 was employed for the acid. Osmotic and 
activity coefficients computed for interpolated con
centrations are given in Table III. The concentration 
dependence of the measured osmotic coefficients in
cluding those for the acid is exhibited in Figure 1, where 
it may be seen that the sequence of values for the 
p-ethylbenzenesulfonates taken at a constant con
centration resembles that for the corresponding nitrates. 
Interestingly, the sodium and potassium salts were 
relatively insoluble; the sodium salt in fact was the 
least soluble alkali metal p-ethylbenzenesulfonate.

Calorimetric Measurements. The calorimeter and 
accessories employed in the heat of dilution measure
ments have been described.14 Several improvements 
to the electrical measuring circuits were effected,15 
thereby increasing the temperature sensitivity to 
approximately 15 /¿deg. Solutions of accurately 
predetermined concentration were measured into the 
calorimeter pipet from weight burets. The initial 
volume of water in the calorimeter was ca. 500 ml 
accurately measured by weight; the final concentra
tion after dilution was less than 0.01 m in all cases. 
Over-all checks on the calorimetric system were made 
by measuring the heat of solution of KCl(c). The 
reaction temperature was 25.2° and the results are 
expressed in terms of the defined calorie (i.e., 1 cal = 
4.1840 absolute joules).

Corrections to the observed heats for “dilution to 
infinite dilution,” fafynf), were computed with the 
equation proposed by Guggenheim and Prue16 follow
ing a procedure outlined elsewhere.17 In this procedure 
requisite values of the coefficient (dB/dT) were ob
tained from the correlation between (dB/dT) and 
(B  mx — B k c i)  computed from the values of J5Mx =
(13) O. D. Bonner, G. D. Easterling, D. L. West, and V. F. Holland, 
J. Am. Chem. Soc., 77, 242 (1955).
(14) G. E. Boyd and F. Vaslow, J. Chem. Eng. Data, 7, 237 (1962).
(15) S. Lindenbaum and G. E. Boyd, J. Phys. Chem., 69, 2374 
(1965).
(16) E. A. Guggenheim and J. E. Prue, Trans. Faraday Soc., 50, 710 
(1954).
(17) G. E. Boyd, J. W. Chase, and F. Vaslow, J. Phys. Chem., 71, 
573 (1967).
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T able I I I : Osmotic and Activity Coefficients for Interpolated Molalities of Aqueous 
Alkali Metal Salt Solutions of p-Ethylbenzenesulfonic Acid at 25°

m
.--------H p-I

<t>
SBS°------- ,

7
-------- Li p-EBS------- \

7
-------- Na p-EBS------- ,

7
-------- K

4>
p-EBS------- >

7
-------- Cs  ph-EBS------->

7

0 .1 0 .9 1 5 0 .7 4 9 0 .9 3 2 0 .7 7 3 0 .9 2 9 0 .7 6 9 0 .9 1 6 0 .7 5 2 0 .9 0 4 0 .7 3 4
0 .2 0 .8 91 0 .6 8 3 0 .9 1 8 0 .7 2 3 0 .9 1 5 0 .7 1 7 0 .8 88 0 .6 8 3 0 .8 6 4 0 .6 5 2
0 .3 0 .871 0 .6 3 7 0 .9 06 0 .6 8 8 0 .9 0 2 0 .6 8 2 0 .8 6 4 0 .6 3 4 0 .8 3 4 0 .5 9 5

0 .4 0 .8 5 2 0 .6 0 0 0 .8 9 3 0 .6 59 0 .8 8 5 0 .6 5 0 0 .841 0 .5 93 0 .8 0 4 0 .5 4 8
0 .5 0 .8 3 2 0 .5 6 8 0 .8 8 0 0 .6 3 4 0 .8 6 2 0 .6 1 7 0 .8 1 7 0 .5 5 7 0 .7 7 7 0 .5 0 9
0 .6 0 .8 13 0 .5 3 9 0 .8 6 6 0 .611 0 .8 3 9 0 .5 8 7 0 .7 9 2 0 .5 2 4 0 .751 0 .4 7 5
0 .7 0 .7 93 0 .5 13 0 .8 5 2 0 .5 9 0 0 .8 19 0 .5 6 0 0 .7 6 7 0 .4 9 4 0 .7 2 5 0 .4 4 4
0 .8 0 .7 7 2 0 .4 8 8 0 .8 3 8 0 .5 6 9 0 .7 9 5 0 .5 3 4 0 .741 0 .4 6 6 0 .7 0 0 0 .4 1 7
0 .9 0 .7 5 4 0 .4 6 6 0 .8 2 7 0 .5 5 0 0 .7 72 0 .5 0 8 0 .7 1 5 0 .4 4 0 0 .6 7 5 0 .3 9 2

1 . 0 0 .7 3 7 0 .4 4 6 0 .8 0 8 0.531 0 .751 0 .4 8 5 0 .6 8 9 0 .4 1 5 0 .6 5 0 0 .3 69
1 .2 0 .7 09 0 .4 1 2 0 .781 0 .4 9 8 0 .7 12 0 .4 4 5 0 .6 42 0 .3 73 0 .6 0 3 0 .3 2 9
1 .4 0 .6 8 7 0 .3 8 5 0 .7 57 0 .4 69 0 .6 7 6 0 .4 0 9 0 .6 0 4 0 .3 3 8 0 .5 6 8 0 .2 9 8

1 .6 0 .6 7 2 0 .3 63 0 .7 3 8 0 .4 4 5 0 .6 4 0 0 .3 7 7 0 .5 6 7 0 .3 09 0 .5 3 8 0 .2 7 2
1 .8 0 .6 6 5 0 .3 4 7 0 .7 2 2 0 .4 2 4 0 .6 0 6 0 .3 4 8 0 .5 38 0 .2 84 0 .511 0 .2 5 0
2 .0 0 .6 6 0 0 .3 3 3 0 .711 0 .4 0 7 0 .5 8 4 0 .3 2 6 0 .5 1 4 0 .2 6 4 0 .4 8 8 0 .2 3 2

2 .5 0 .661 0 .3 0 9 0 .7 0 5 0 .3 7 9 0 .5 5 4 0 .2 8 8 0 .4 7 6 0 .2 2 7 0 .4 5 4 0 .1 9 9
3 .0 0 .6 8 2 0 .2 9 7 0 .7 13 0 .3 6 2 0 .5 3 6 0 .2 6 0 0 .4 5 5 0.201 0 .4 3 5 0 .1 7 6
3 .5 0 .7 0 6 0 .2 9 0 0 .7 3 7 0 .3 5 5 0 .5 3 8 0 .2 4 2 0 .4 4 0 0 .1 8 2 0 .4 25 0 .1 6 0

4 .0 0 .7 3 5 0 .2 8 8 0 .7 6 8 0 .3 5 5 0 .5 4 8 0 .2 3 0 0 .4 2 9 0 .1 6 7 0 .4 2 0 0 .1 4 7
4 .5 0 .7 73 0 .2 9 0 0 .8 0 2 0 .3 5 7 0 .5 6 3 0 .2 2 2 0 .421 0 .1 5 4 0 .4 23 0 .1 3 8
5 .0 0 .8 2 2 0 .2 9 8 0 .8 3 7 0 .3 6 3 0 .5 8 2 0 .2 1 5 0 .4 1 8 0 .1 4 5 0 .4 2 8 0 .1 3 0

5 .5 0 .8 7 0 0 .3 0 8 0 .8 7 4 0 .3 7 2 0 .4 3 3 0 .1 2 4
6 .0 0 .9 1 7 0 .3 2 0 0 .4 3 8 0 .1 1 9
7 .0 1 .009 0 .3 4 9 0 .4 4 8 0 .1 1 0

8 .0 1 .1 00 0 .3 8 5 0 .4 6 2 0 .1 0 4
9 .0 0 .4 69 0 .0 9 8

1 0 .0 0 .4 7 4 0 .0 9 3

Computed fiom gravimetric isopiestic vapor pressure comparison data supplied by Professor O. D. Bonner, private communication.

2/3/2.303 employed above in fixing the osmotic and 
activity coefficients at 0.1 m. Values of dB/dT  of 
0.00338, 0.00138, 0.00175, 0.00323, and 0.00473 were 
employed for the acid and the lithium, sodium, potas
sium, and cesium salts, respectively.

The <Pl values in Table IV are believed to be reliable 
to ± 10 cal mole-1 or to ±2%, whichever is the larger. 
Initial and final concentrations in moles per kilogram of 
water are indicated as m-i and nit, respectively, and Q 
is the heat absorbed in calories per mole of solute on 
diluting from mi to mi. Graphically smoothed </>i. 
values for interpolated molalities, m, and calculated 
relative partial molal heat contents, Z, and Z2 of solvent 
and solute, respectively, are given in Table V. The 
calculations of L x and Z2 employed the smoothed <bXj 
values and the defining equations for these quantities.18

Heats of solution for the crystalline compounds are 
summarized in Table VI, where Q is the observed heat,

mf is the concentration of the final solution, and AH „°  
is the “heat of solution to infinite dilution” obtained by 
correcting Q as in Table IV. The dissolution of the 
alkali metal p-ethylbenzenesulfonates appears to be 
more exothermic than for any other salts of these 
cations thus far measured. Interestingly, the difference 
in A Ho,0 values between the lithium and cesium p- 
ethylbenzenesulfonates was smaller than for any other 
of the alkali metal salts.

The concentration dependence of the </>L values is 
shown in Figure 2, wherein the unique thermal behavior 
of aqueous ethylbenzenesulfonate solutions becomes 
apparent. An evolution of heat occurred on dilution 
from initial concentrations of 1 m and less with all 
salts. Further, a plot of 4>~l against \/m  revealed that the
(18) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  3rd ed, Reinhold Publishing Corp., New 
York, N. Y., 1958, p 176.
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Table IV : Experimental Heats of Dilution of the p-Ethylbenzenesulfonates at 25°

mi \ /w if Q

H p-EBS 0.0929 0.0411 -192
0.182 0.0418 -338
0.451 0.0406 -583
0.837 0.0393 -  848
1.797 0.0409 -1060
3.190 0.0426 -1122
4.300 0.0411 -1201
4.860 0.0399 -1255
6.340 0.0422 -1351
6.890 0.0423 -1384
7.870 0.0413 -1498

13.22 0.0427 -1867

Na p-EBS 0.0566 0.0413 -126
0.206 0.0436 -265
0.478 0.0413 -413
0.967 0.0413 -554
1.457 0.0425 -573
1.87 0.0413 -511
2.15 0.0413 -430
2.60 0.0413 -311
3.04 0.0425 -235
3.31 0.0425 -181

Csp-EBS 0.0918 0.0409 -99
0.192 0.0417 -153
0.477 0.0417 -216
0.681 0.0416 -263
0.902 0.0405 -268
1.46 0.0415 -197
1.986 0.0422 -59
2.60 0.0412 25
3.16 0.0423 218
3.96 0.0426 324
4.95 0.0423 479
6.10 0.0419 704

0 L m i y / m t

209 Li p-EBS 0.0577 0.0413
355 0.0935 0.0413
599 0.201 0.0425
864 0.449 0.0400

1076 0.494 0.0425
1139 0.950 0.0413
1218 1.016 0.0436
1271 1.509 0.0480
1368 2.003 0.0425
1401 2.53 0.0447
1515 3.28 0.0425
1884 4.39 0.0436

144 5.24
6.39

0.0425
0.0425284

431
572

8.00
8.57

0.0436
0.0443

591 K p-EBS 0.0528 0.0413
529 0.1369 0.0417
448 0.334 0.0426
329 0.553 0.0413
253 0.573 0.0501
198 0.919 0.0408
115
169
232
279
283

1.055 0.0400
1.429 0.0423
1.909 0.0591
2.019 0.0426
2.628 0.0421
2.89 0.0423213

75
- 9

-202

3.402 0.0430
4.078
4.26

0.0648
0.0438

-308
-463
-688

Q

-123
-182
-306
-546
-556
-911
-943

-1092
-1147
-1186
-1226
-1271
-1325
-1397
-1542
-1594

-8 2
-188
-274
-382
-376
-488
-481
-450
-318
-334
-190
-106

- 8
142
130

141
200
324
563
574
929
962

1113
1165
1205
1244
1290
1343
1415
1561
1613

97
205
291
399
396
505
497
467
340
351
207
123
25

-118
-112

heat of dilution for all but the cesium salt was greater 
than that given by the Debye-Hiickel limiting law, 

= 472 \/c, in the concentration range 0.1-1 m. No 
other strong electrolyte solutions show this unusual 
thermal behavior,19 although solutions of tetra-n- 
propylammonium fluorides20 and tetra-n-butylammo- 
nium chloride21 and (/3-hydroxyethyljbenzyldimethyl- 
ammonium fluoride22 may be examples.
Discussion

The Physical Chemistry o f p-EthyIbenzenesulfonate So
lutions. The p-ethylbenzenesulfonates exhibit a distinc
tive behavior in their aqueous solutions, as might be an
ticipated from the nature and structure of the anion. 
Considering the osmotic coefficients (Figure 1), it may 
be noted that the curve for the acid falls below that for 
the lithium salt at all concentrations and, at concentra
tions less than 1 m, below the curve for the sodium

salt. Moreover, the measurements at 0.1 m show that 
the osmotic coefficient for the acid is also smaller than 
for the potassium salt. This behavior suggests that a 
slight association of hydrogen ion must occur.

Ion association may be significant with the cesium 
salt, as indicated by the relatively small osmotic 
coefficients it shows in dilute solutions. The magnitude 
of the “unlike ion interaction parameter,” /3 of eq 3, 
has been suggested12 as an approximate measure of 
association; for (3 < —0.12 kg mole-1 association has

(19) V. B. Parker, “ Thermal Properties of Aqueous Uni-univalent 
Electrolytes,”  National Standard Reference Data Series, NSRDS- 
NBS 2, National Bureau of Standards, U. S. Government Printing 
Office, Washington, D. C., 1965, p 18.
(20) R. H. Wood, H. L. Anderson, J. D. Beck, J. R. France, W. E. 
deVry, and L. J. Soltzberg, J. Phys. Chem., 71, 2149 (1967).
(21) S. Lindenbaum, ibid., 70, 814 (1966).
(22) G. E. Boyd, J. W. Chase, and F. Vaslow, ibid., 71, 573 (1967).
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Table V : Apparent Molal and Relative Partial Molal Heat Contents for 
Aqueous Solutions of the p-Ethylbenzenesulfonates at 25°

H  p -E B S ----------- , L i p -E B S - N a  p -E B IS-----------, - K  p -E B S -------------N O s p -E B S -------------•.
m 0  L - A i 1 0 - tL j 0 L - u 10~ *L 2 0L u 10 - » £ , 0  L L i 1 0 -* I ,2 ■ Al 10 ~*Z2

0.1 223 0.3 3.9 203 0.3 3.5 185 - 0.2 2.8 154 - 0.1 2.3 110 - 0.15 1.8
0.2 357 0.8 5.7 321 0.8 5.3 264 -0 .5 4.1 224 -0 .5 3.5 165 - 0.3 2.4
0.4 553 2.5 9.0 520 2.5 8.5 383 -1 .3 5.6 324 -1 .3 5.0 230 - 0.7 3.2
0.6 706 4.4 11 705 4.9 11 462 -2 .2 6.7 409 -2 .3 6.2 263 - 0.8 3.4
0.8 825 5.6 12 850 8.3 14 520 -2 .7 7.1 460 -1 .7 5.8 280 - 0.5 3.1
1.0 902 5.8 12 960 8.5 14 559 -2 .7 7.1 481 - 1.0 5.4 280 1.7 1.8
1.5 1000 6.0 12 1113 8.7 14 576 2.9 4.7 443 5.9 2.2 202 8.1 -1 .1
2.0 1050 6.0 12 1165 8.8 14 490 17 0.14 351 16 -0 .78 80 17 -3 .8
2.5 1083 7.9 13 1199 8.7 14 358 26 -2 .1 230 30 -4 .3 -28 24 -5 .7
3.0 1120 12 13 1224 8.4 14 258 30 -2 .9 104 37 -5 .9 -135 33 -7 .5
3.5 1155 16 14 1251 12 15 163 39 -4 .6 10 38 -5 .9 -232 42 -8 .9
4.0 1191 21 15 1280 16 15 85 40 -4 .7 -76 49 -7 .6 -323 52 -10 .5
4.5 1228 26 16 1306 20 16 20 45 -5 .4 -413 65 -12
5.0 1263 33 16 1335 25 16 -4 0 48 -5 .7 -500 80 -1 4
6.0 1338 48 18 1390 42 18 -660 110 -1 7
7.0 1410 65 19 1464 70 20
8.0 1485 86 21 1560 90 22
9.0 1560 110 22

10.0 1632 130 24
11.0 1708 160 25
12.0 1781 180 26
13.0 1855 210 28

Figure 1. Concentration dependence of the molal osmotic coefficient, <f>, for p-ethylbenzenesulfonie acid and its alkali metal salts in 
aqueous solution at 25°. (Experimental points shown are computed from isopiestic molalities given in Table I.)
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Table VI: Heat of Solution (cal mole"1) in 
Water of p-Ethylbenzenesulfonic Acid and Its 
Crystalline Alkali Salts at 25°

Compound Qa \Araf

p-EBSA ■ H20 — 4260 ±  80 0.0401 -4 2 7 5  d= 80
Li p-EBS -1 6 6 0  ±  5 0.0436 -1 6 8 0  =b 5
Na p-EBS 1780 ±  2 0.0400 1760 zb 2
K p-EBS 3305 db 5 0.0406 3290 =b 5
Cs p-EBS 5410 d= 10 0.0421 5395 d= 10

Figure 2. Concentration dependence of the relative apparent 
molal heat content, <t>l, for p-ethylbenzenesulfonic acid and 
its alkali metal salts in aqueous solution at 25°.
(Experimental points are from data in Table IV.)

been said to be important, although small. Cesium 
p-ethylbenzenesulfonate shows (3 = —0.19 ± 0.03.

The large, amphipolar p-ethylbenzenesulfonate anion 
undoubtedly interacts in an unusual way with the water 
molecules surrounding it in aqueous solutions. The 
hydrocarbon portions of this ion should exert a “struc
ture-forming” action on the adjacent water molecules, 
while the sulfonate group may be slightly “structure
breaking,” possibly analogous to nitrate or chlorate 
ions in aqueous solution which show negative viscos
ity B  coefficients.23 The question as to which effect 
predominates may be explored by comparing the 
relative partial molal entropies of water given by eq 424

Si -  Si° =  Li/T  -  R  In (ch/N i) (4)

Figure 3. Concentration dependence of the solvent relative 
partial molal entropy (Si — S°i) at 25° for aqueous 
nitrate (dashed lines) and p-ethylbenzenesulfonate 
(solid lines) solutions.

in solutions of the alkali metal nitrates and p-ethylben- 
zenesulfonates, respectively. In all cases with solutions 
with a common cation, dhe excess entropy of the solvent 
was lower (Figure 3) when the anion was p-ethylbenzene- 
sulfonate rather than nitrate. This observation sug
gests that the former ion possesses a net water structure 
forming tendency. Measurements25 of the volume 
change accompanying the ion-exchange reaction of 
p-ethylbenzenesulfonate anion in aqueous solution with 
fluoride ion on a lightly cross-linked strong-base anion 
exchanger are of interest and appear to support this 
conclusion. A value AF = —0.58 ml equiv-1 was 
observed as expected when the former ion was extracted 
and replaced by fluoride ion.

The abnormal concentration dependence of <£l 
noted above may be given a qualitative explanation if, 
following the hypothesis of Frank and Wen,26 it may be 
assumed that cagelike structures of hydrogen-bonded 
water molecules surround the p-ethylbenzenesulfonate 
anion in solution. As the salt is diluted the hydrogen- 
bridged regions around the anion are completed because 
there is less overlap between the regions surrounding 
each anion and heat is evolved because the total amount 
of hydrogen bonding in the solution increases. Dilu
tion of solutions containing structure-making cat
ions (viz. H+, Li+) would give a relatively small
(23) R. W. Gurney, “ Ionic Processes in Solution,”  McGraw-Hill 
Book Co., Inc., New York, N. Y., 1953, p 168.
(24) H. S. Frank and A. L. Robinson, J. Chem. Phys., 8, 933 (1940).
(25) G. E. Boyd and K. Bunzl, unpublished data.
(26) H. Frank and W. Y. Wen, Discussions Faraday Soc., 24, 133 
(1957).

° Average of duplicate determinations.
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additional increase in structure, while structure breakers 
(i .e ., Cs+) would act in an opposite sense. The order in 
4>l is therefore H+ «  Li+ > Na+ > K+ > Cs+, as with 
inorganic anions. Friedman27 has proposed that in the 
concentration range (i.e., 1-3 M ) where overlap is the 
main contribution to the value of cj>L that the overlap 
and hence 4>i, will be approximately linear in concentra
tion (cf. Figure 2).

Comparisons with Heats and Standard Free Energies 
o f Cation Exchange. The osmotic coefficient and heat 
of dilution values measured in this research will now 
be applied to determine the adequacy of the analogy be
tween cross-linked organic ion exchangers and concentra
ted aqueous electrolyte solutions. This test will be per
formed by computing the standard free energies, AG°, 
and enthalpies, AH °, for a hypothetical ion-exchange re
action between alkali metal cations, Mi and M2, or hydro
gen ion, where X signifies the p-ethylbenzenesulfonate 
anion, when the products and reactants are in their 
standard states.

A f f °M!X(mi) +  M2+(to = 0) ^
M2X(mf) +  Mi+(m = 0) (A)

Reaction A may be regarded as the sum of two partial 
processes: (a) the dilution of MxX to infinite dilution 
from an initial concentration of mi

M!X(mi) ^  M!+(m = 0) +  X"(m = 0) (B)
and (b) the concentration of M2+ and X" initially 
at infinite dilution to a final concentration, mi

M2+(m = 0) +  X~(m = 0) ^  M2X(mf) (C)
The heat evolved in reaction B will be AH-o(mf) = 
— 4>l (mi), that in (C) will be —AH o  = <f>L(»if), and 
for reaction A, AH °  = <f>L(mf) — <£L(wti) = A</>L. To 
the extent that p-ethylbenzenesulfonic acid and its 
alkali metal salts are “model” compounds for the 
corresponding cation forms of cross-linked polystyrene- 
sulfonate type cation exchangers, AH °  may be com
pared with the standard heat of cation exchange, 
A Rex°

A H ° =  <j>h(mi) — 0L(mi) = A<j>L = A H ex° (5)
Similarly, the standard free energy of cation ex

change, AGex°, for the cross-linked exchanger, cor
rected for the decrease in the free energy of its molecular 
network, f ir d V e, accompanying the standard-state 
reaction, may be compared with the difference in the 
apparent molal free energy of dilution, A(AG'd), of the 
“model” compound solutions

AGd (wiî) — AGoimt) =

A(A(7d) =  AGex° -  f VfTdFe (6)
J  V i

The AGd values required by eq 6 and the values of the
/•Vi T dFe were computed following the

V imethod previously described.17
Values of A(AGD) and A<f>L, computed with the data 

in Tables II and IV, respectively, for values of m\ and 
mi corresponding to the water contents of the pure 
cationic forms of the cross-linked ion exchangers in their 
respective standard states, are compared in Table VII 
with the values of AGex° — JVdFc and AH,IX° derived 
from equilibrium distribution and heat measurements,28 
respectively, on the same cation exchangers. Com
parisons unfortunately could not be made with ex
changers of greater than nominal 8% DVB cross 
linking because of the limited solubility of sodium 
p-ethylbenzenesulfonate. However, the agreement 
between A$l and AH ex° for the 2, 4, and 8% DVB ex
changers appears satisfactory excepting with the potas
sium-sodium ion-exchange reaction where A0L was sig-

Table VII: Comparison of Standard Free Energies, AGex°, and 
Enthalpies, A//,.*0, of Cation Exchange with Free Energy and 
Heat of Dilution Differences for Aqueous Solutions of the 
Salts of p-Ethylbenzenesulfonate (kcal mole-1)“

Cross
link- — A(?ex0 —
ing m Wf - -  â l f *  dFe — A (AGd)

Na+/H + Exchange
2 1.06 1.95 0.46 0.42 0.05 -0 .56
4 2.4 2.9 0.86 0.86 0.14 -0 .1 8
8 4.6 5.4 1.18 1.30 0.23 0.00

Na+/Li +
2 1.6 1.95 0.65 0.61 0.05 0.06
4 (2.8) 2.9 1.08 0.95 0.20 0.14
8 5.1 5.4 1.46 1.41 0.32 0.31

K+/Na +
2 1.95 2.0 0.29 0.16 0.17 0.14
4 2.9 3.2 0.41 0.20 0.18 0.15
8 5.4 6.6 0.55 0.34 0.19 0.17

Cs+/Na +
2 1.95 2.9 0.56 0.61 0.21 0.07
4 2.9 (4.3) 0.62 0.65 0.24 0.14
8 5.4 7.0 0.77 0.76 0.26 0.275
“ Values for m¡, mi, - A F „ ° ,  and —AG,,X° from ref 28.

(27) Y . C. Wu and H. L. Friedman, J. Phys. Chem., 70, 166 (1966).
(28) G. E. Boyd, F. Vaslow, and S. Lindenbaum, ibid., 68, 590 
(1964).
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nificantly smaller than AHex°. Because of the unknown 
contribution of the enthalpy of swelling, A i 7° n e t w o r k ,  to 
Affei° a quantitative agreement cannot be expected. 
The concordance between A</>l and AHex° obtained with 
the alkali metal p-ethylbenzenesulfonates, however, is 
demonstrably much better than that obtained with the 
chlorides. The correspondence between the corrected 
standardfreeenergy of exchange, A(7ex° — fir dFe, and the 
dilution free-energy difference, A(A(?d), is satisfactory 
except with the ion-exchange reaction involving hydro
gen ion for reasons not immediately evident. The 
majority of the thermodynamic data (Table VII)

nevertheless is believed to be consistent with the 
hypothesis that the gel solutions of cross-linked pcly- 
styrenesulfonate cation exchangers are analogous to 
concentrated aqueous electrolyte mixtures. Interest
ingly, this analogy appears to be valid at lower cross 
linkages in cation than in anion17 exchangers. Presum
ably the alkali metal “ counterions”  are distributed in a 
much more diffuse double layer surrounding the nega
tively charged cation-exchange polymer chains and the 
counterion atmospheres about the chains overlap suf
ficiently for the “ homogeneous gel solution”  model to 
become a good approximation.
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Theoretical Treatment of Hydrogen-Ion Effects on Hydrolytic Enzyme 

Systems Involving Two Enzyme-Substrate Complexes12

by Jam es A. Stew art and H ung S . L ee1 2 3
Department of Chemistry, University of North Dakota, Grand Forks, North Dakota (Received April 13,1967)

An exact mathematical solution is given for a general mechanism, which is applicable to 
hydrolytic enzyme systems. This three-step mechanism takes into consideration that all 
or any of the ionizable species at the active site may be functional even though they are 
protonated. General equations are derived for both transient and steady-state kinetics. 
The transient-phase equations are solved under the experimental conditions of excess en
zyme and excess substrate, but the steady state, which is not attained with excess enzyme, 
is treated only for excess substrate. Complete general expressions are given for the pH 
dependence of the specific rate constants and the so-called Michaelis constant. These 
expressions are complex, but they become simple when the pH of the reaction medium is 
either above or below the optimum for catalysis. To illustrate the wide applicability of the 
proposed mechanism, specific examples are given for chymotrvpsin and trypsin systems. 
A new system of nomenclature is proposed for the ionization constants, Kam, of functional 
groups and specific rate constants, km, for the catalytic stages. The system uses three- 
digit subscripts. The first digit represents the stage of catalysis, the second digit gives the 
number of ionizable hydrogens on the functional groups of the site, and the last digit refers 
to the number of ionizable hydrogens on the substrate.

According to early Michaelis-Menten theory,4 an 
enzyme and its substrate form a complex which de
composes directly to products. For a typical hydrolytic 
system, this decomposition results in three products 
and insinuates that the products of hydrolysis are 
released simultaneously from the enzyme surface, as 
shown by eq 1.

E +  S ES — ► E +  Pj +  P2 (1)

In this equation, E = enzyme, S = substrate, ES = 
enzyme-substrate complex, and Pi and P2 = products.

In order to explain the experimental results for the 
hydrolysis of p-nitrophenyl acetate with chymotrypsin,5 6 7 8 
it was postulated that the enzyme-substrate complex 
decomposed in two sequential stages rather than simul
taneously.

E +  S ES — > ES' — > E +  P2 (2)

Since only two products of reaction result at each

stage, this mechanism is kinetically more acceptable 
than the classical mechanism. In several publica
tions,6-8 this mechanism has been shown to be appli
cable to a wide variety of enzyme reactions, especially 
where the substrate is hydrolyzed or converted into two 
products.

The prime purpose for studying the effects of hydro
gen-ion concentration on enzyme reactions is to iden
tify the functional groups at the enzymic site, which are

(1) This investigation was supported in part by U. S. Public Health 
Service Research Grant RG-09038-OI from the Division of General 
Medical Sciences.
(2) Presented in part at the 145th National Meeting of the Ameri
can Chemical Society, New York, N. Y., Sept 1963.
(3) National Institutes of Health Predoctoral Fellow.
(4) L. Michaelis and M. L. Menten, Biochem. Z., 49, 333 (1913).
(5) B. S. Hartley and B. A. Kilby, Biochem. / . ,  56, 288 (1954).
(6) M. L. Bender, F. J. Kézdy, and C. R. Gunter,./. Am. Chem. Soc., 
86, 3714 (1964).
(7) J. A. Stewart and L. Ouellet, Can. J. Chem., 37, 751 (1959).
(8) J. R. Whitaker and M. L. Bender, Am. Chem. Soc., 87, 2728 
(1965).
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responsible for either binding or catalytic activity. 
The criterion used is that the hydrogen-ion inhibition 
constants evaluated from a study of the variation of hy
drogen-ion concentration are the acid-base equilibrium 
constants of ionizable groups required for catalysis as 
well as binding of substrate. Since the range of such 
constants for carboxyl, sulfhydryl, imidazoyl, amino, 
and other free groups in proteins is known, it is possible 
to postulate the type of group involved. However, 
when this approach is used to establish the intricate 
details of an enzyme mechanism, it becomes necessary 
to relate these ionization constants to an elementary 
reaction rather than the over-all chemical rate process. 
This can only be done by isolating and studying the 
influence of hydrogen-ion concentration on the specific 
rate constants for each stage of catalysis, including the 
binding of substrate to the enzyme surface. To ac
complish this end, it is essential to have a thorough 
treatment of the proposed mechanism in terms of 
hydrogen-ion equilibria.

The significance of hydrogen-ion effects on the steady- 
state constants as derived from classical enzyme kinetics 
has been discussed in detail by Laidler9 and Dixon and 
Webb.10 They outline several methods that may be 
used to evaluate the experimental results in terms of 
the rate constant for the rate-controlled stage and the 
Michaelis constant. Unfortunately, when the release 
of products is a sequential or two-stage process, as 
given by eq 2, the Michaelis constant obtained by con
ventional steady-state methods is a complex entity,11 
and it is not possible to interpret the significance of 
its pH dependence unless supplementary data are 
available from transient-phase kinetics.

By applying the condition of steady state to the first 
complex formed in eq 2, Gutfruend11 derived the rate 
equations for the steady-state and transient-phase 
kinetics of a system involving two enzyme-substrate 
complexes. However, without applying a steady-state 
condition to the first complex, Ouellet and Stewart12 
derived the steady-state and transient-phase relation
ships in detail.

Although the influence of hydrogen ion has been 
applied to the rate equations for mechanism 2 in specific 
cases, no thorough treatment has been given. Work 
in this laboratory using the enzymes chymotrypsin and 
trypsin with a variety of substrates suggests that eabh 
enzyme-substrate system is a special case of the gen
eral mechanism illustrated in Figure 1. This mech
anism takes into consideration the possibility that the 
protonated as well as the unprotonated forms of func
tional groups may be active. The difficulty of treat
ing such a complex system has been pointed out.13-14 
It is the purpose of this paper: (a) to consider that any

Basic Side

Optimum

Acid Side

E + S -¿2° ES ES' -^5» e + r2

If Rgo

1 K d  210 K 03io

EH + S =  EHS EHS' —  EH + P2
k-noJ K-II0

p, II It

K<h20 Ka220 ^ a 320 hO|20

EH2 + S —  eh2s ^ P  EH2S — 0 EH2+ P2 
k-i?n A

If ’ ,2 °
R

K a , j 0 K a 2 3 0 K O  3 3 0

e h 3 eh3s eh3s ' e h 3

Figure 1. The general mechanism of enzyme-catalyzed 
hydrolysis. E, EH, EH2, and EH3 are the different protonated 
forms of the enzymic site : ES, EHS, EH2S, and EH3S are the 
different protonated forms of the enzyme-substrate complex; 
ES', EHS', EH2S', and EH3S' are the different protonated 
forms of the acylated or alkoxylated, etc., enzyme intermediate; 
and Pi and P2 are the products of hydrolysis. The specific 
rate constants, fcooo, are designated by the use of three-digit 
subscripts; the first digit represents the stage of catalysis, 
the second digit the number of ionizable protons on the groups 
concerned with the active site, and the third digit is reserved 
for the case of an ionizable substrate. The acid-base 
equilibrium constants, Know, for the functional groups likewise 
are represented by three-digit subscripts; the first digit 
indicates the stage of catalysis, the second digit the number 
of ionizable protons on the site in its associated form, and the 
third digit is reserved for the possibility of an ionizable 
substrate. The optimum kinetic pathway is designated 
arbitrarily by the kno rate constants.

of the protonated forms in Figure 1 can yield prod
ucts, (b) to derive the steady-state equations for this 
mechanism, (c) to give the exact mathematical treat
ment of the transient-phase kinetics without any special 
assumptions such as steady state or equilibrium be
tween the reactants and the first complex, and (d) 
through the use of examples, to show how the theory 
can be applied to the experimental results of any hy
drolytic enzyme system.

T heoretical Section
The general mechanism in Figure 1 is applicable to 

those hydrolytic enzyme systems that involve two 
intermediates. It excludes those cases where an

(9) K. J. Laidler, “ The Chemical Kinetics of Enzyme Action,”  Ox
ford University Press, New York, N. Y ., 1958, p 117.
(10) M. Dixon and E. C. Webb, “ Enzymes,”  Academic Press Inc., 
New York, N. Y ., 1958, p 120.
(11) H. Gutfreund, Discussions Faraday Soc., 20, 167 (1955).
(12) L. Ouellet and J. A. Stewart, Can. J. Chem., 37, 737 (1959).
(13) K. J. Laidler, “ The Chemical Kinetics of Enzyme Action, ’ Ox
ford University Press, New York, N. Y ., 1958, p 125.
(14) F. J. Kézdy and M. L. Bender, Biochemistry, 1, 1097 (1962).
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ionizable group belonging to the substrate interacts 
with the active site or where a coenzyme is required. 
Although it is quite likely that no systems behave ac
cording to the entire scheme, the complete scheme is 
required to analyze the experimental results and 
thereby assign the ionization constants of plausible 
functional groups to the elementary processes to 
which they correspond.

The entire scheme may be formulated by a single set 
of equations, but these are not too convenient to ap
ply to experiment. Rather, it is far simpler first to 
consider the conditions under which the experimental 
results are to be obtained and arrive at solutions on 
this basis. Experimental conditions can be placed in 
four categories: (a) acidic solution, excess substrate,
(b) acidic solution, excess enzyme, (c) basic solution, 
excess substrate, and (d) basic solution, excess enzyme. 
The steady-state equations are applicable only to the 
condition of excess substrate, whereas the equations 
for the transient-phase kinetics can be employed for 
either condition, excess substrate or excess enzyme.

By letting the concentration of each reacting species 
and resultant product be represented by the symbols de
fined in Figure 1, the following differential equations 
result

[ES] =  faoo[E-S] +  fca210[EHS] -

(/c—100 +  faoo +  ^o_2ioRh) [ES ] (3)

[EHS] = fcUo[EH-S] +  fca220[EH2S] +  fca_210[ES]aH -  
(k—no +  f a  io +  kcim +  kd-22 oO h )  [EHS ] (4) 

[EH2S] = fa20[EH2-S] +  te_22o [EHS ]aH +
faz230 [EH3S] — (&_120 +  fa2 o +  kcim +

fca_230aH) [EH2S] (5)

[ES'] = faoofES] +  faWEHS'] -
(faoo -p far_30oaH) [ES'] (6)

[EHS'] = faiotEHS] +  far320[EH2S] +  
fat_3io[ES'Joh ~  (km +  kam +  /c_32oOh) [EHS7] (7) 
[EH2S'] = fa20 [EH2Sj +  faz_320[EHS']aH +  
kam  [EHgS'] — (fa2o +  fca32o +  far_33oOH) [EH2S'] (8)

[Pi] = faoo[ES] +  fa10[EHS] +  fa20[EH2S] (9) 

[P2] = faootES'] +  faw [EHS'] +  fa20[EH2S'] (10)

The above equations may be simplified by defining 
the apparent rate constants or the over-all rate con
stants for the three possible ionization forms of the 
enzyme and each intermediate as

k'i = (faio ki2oan/Kat2o +  faoo7£o,io/oH)/fa (11)

where i =  1, 2, 3, and

fa-i =  (fc-no +  fc_i2oUH/faci22o +  k-iooKam/dn) /h,2 (12)

The hi term is given by

ht =  1 +  a-a/Kam +  Kano/an +  an/fKaaoKaao (13)

where i = 1, 2, or 3, and am is the hydrogen-ion activity. 
In the above relationships the ionization constants are

Kano =  Oh [E ]/ [EH] =  falno/fai—no (14)

Kam =  aH [ES]/[EHS] =  ka210/ka^m (15)

Kao io =  aH[E S']/[E H S'] =  kam/ka_m (16)

Ka\« o — Uh [E H ]/ [EH2] =  kduo/kd-no (17)

Kano =  oh [E H S]/[EH 2S] =  kam/ka-m (18)

Kano =  oH [E H S ']/[E H 2S'[ =  kam/ka_m (19)

Kam — oh[EH2]/[E H 3] =  fazi3o/fai-i3o (20)

faa230 =  oh [EH2S ]/[E H 3S] =  fax230/ kd—no (21)

Ka330 =  aH [EH2S' ] /  [EH3S' ] =  kam/ka^m (22)

When the total concentration of the enzyme, [E]T, 
and its intermediates, [ES]t and [ES']t, are defined by

[E]t =  [E] +  [EH] +  [EH,] +  [EH,] =

[EH] X  fa (23)

[ES]t =  [ES] +  [EHS] +  [EH2S] +  [EH3S] =

[EHS] X  K (24)

and

[ES']t =  [ES'l +  [EHS'] +  [EH2S'] +  [EH,S'] =

[EHS'] X  fa (25)

the general mechanism in Figure 1 may be condensed 
to a simple scheme

E t T  S ^ _  ESt ■ ■ >■ E S 't — ^ E t -{- P2 (26)
k ' - i  \

* P i

This condensed scheme allows the eight differential 
equations, (3) through (10), to be written as

[EHS] =  fai[E]T‘ [S]/fa -

([S] +  K'm) [EHS] -  (fai[S]fa/fa)[EHS'] (27) 

[EHS'] =  (k'Jio/h/) [EHS] -  fa,[EHS'] (28)

[Pi] =  fa2[EHS] X  h2 (29)

[P2] =  fa,[EHS'] X  fa (30)

The apparent Michaelis constant K'm, has the same 
form as the true Km and is
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K'm =  (fc'_ i +  k\)/k\ (31)

where k'u k\, and k'3 refer to scheme 26 and are defined 
by eq 11 and 12.

The steady-state and transient-phase kinetics of 
scheme 26 has been published in detail for the condi
tion of excess substrate,12 except that the rate constants 
were true rather than apparent. By analogy of the 
two schemes, it is possible to write many of the solutions 
for the general mechanism in Figure 1 without solving 
the differential equations. This has been verified by 
Lee,16 who found that the solutions had forms that 
were symmetrical to those of Ouellet and Stewart.12

Experiments in Acid Media. Since in acid solution 
Katio is always smaller than the concentration of hydro
gen ion, the expressions (11) and (12) for the apparent 
rate constants and (13) for the ht term can be sim
plified. The Kaaa/aH term becomes negligible, and 
if k ¡10 >  ktoo

k'l = (¿too T- kffla-ft/Kano)/hi (11a)

k'—i =  (fc_no T  k-mdu/Ka^o)/h3 (12a)

hi =  1 +  a*/Kam -f- aiA/KaaoKam (13a) 

and where i =  1, 2, or 3.
Experiments in Basic Media. Since km is in most 

instances probably less than fca0 and the hydrogen-ion 
concentration in basic solution is less than Kaao or 
Kaao, eq 11, 12, and 13 become

k\ =  (k(io +  kiooKaao/aii)/hi (lib )

k'-i =  (A;_no +  k-iooKozio/uh) /hi (12b)

ht =  1 +  Kam/aH (13b)

and where i =  1, 2, or 3.
Steady-State Kinetics. By using methods similar to 

Ouellet and Stewart,12 an equation for the steady-state 
kinetics of the general mechanism can be written in 
terms of products, from the differential equations (27) 
through (30). Although the equation is applicable to 
the results obtained by conventional enzyme kinetic 
techniques and has the same form as the original 
Michaelis-Menten law,4 the constants take on new 
meaning.

rate =  [Pi] =  [P2] =

k'ik'u [S]o[E]o/([S]0 +  k\iK'm) (32)

k’ M =  k'3/(k\ +  k'3) (33)

where [S]0 and [E]0 refer to the initial concentrations of 
substance and enzyme, respectively. The apparent 
rate constants fc'2 and /:'3 are given by eq 11, and K'm is 
defined by eq 31.

When steady-state studies are employed, two special 
cases of eq 32 usually result.

Case I: k\ >  k'3. The rate-controlled step, when 
k'2 > k'3, is the release of the second product, P2. Under 
this circumstance

rate =  [Pi] =  [P2] =

fc'.[S]o[E]o/([S]0 +  k'tK'JkC) (32a) 

and should fc'2 >  k'-i, as well as fc'3, then 

rate =  [h] =  [P*] =  fc'3[S]0[E]0/([S]o +  k'3/k\)
(32b)

If an enzyme system belongs to this latter case, it is 
possible to evaluate the apparent rate constant for 
enzyme-substrate complex formation, k\, by the steady- 
state method.

In the instance that 7c'_i >  k\ >  fc'3, the apparent. 
Michaelis constant, K'm, is the equilibrium constant be
tween the reactants and the first intermediate. The 
rate under these conditions is given by

rate =  [Pi] =  [P2] =

/c'3[S]o[E]o/([S]0 +  k'tK'Jk'i) (32c)

Here, k'3 can be readily isolated, but the quantity k'3- 
K'ejk'i, which is usually referred to as Km in the litera
ture, is not the equilibrium constant, K 'eq, between the 
reactants and their complex.

Case II: k'3 >  k\. If k'2 is the rate constant for the 
rate-controlled step, the second complex has fleeting 
existence and the steady-state kinetics for the Hartley- 
Kilby type of mechanism reverts to a two-stage process. 
The rate equation is

rate =  [Pi] =  [P2] =  fc'2[S]o[E]0/([S ]0 +  K 'm) (32d)

As before, if k\ > k'-\, when k'3 >  k'2

rate =  [Pi] =  [P2] =

fc'2[S]o[E]o/([S]o +  kWk'i) (32e)

or should k'-i >  k'2, the Michaelis constant K'm is the 
equilibrium constant, and

rate =  [Pi] =  [P2] =  /c'2 [S ]0 [E]„/( [S]0 +  K 'J  (32f) 

where K'ea =  k'-i/k\.
For experiments performed in media on the acid 

side of the pH optimum, the specific rate constants are 
given by eq 11a, 12a, and 13a; on the base side, eq lib , 
12b, and 13b are used.

Transient-Phase Kinetics. Excess Substrate. For the 
experimental conditions where the concentration of sub-

(15) H . S. Lee, D octora l D issertation , U n iversity  o f N o rth  D a k ota , 
1963.
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strate exceeds that of the enzyme, Ouellet and Stewart12 
have shown that the concentration of enzyme-sub
strate complex can be expressed in the form of a linear 
second-order differential equation with constant coef
ficients. If the same method is applied to eq 27 and 28, 
the following expression results

[EftS] +  [fcVMo +  K'm) +  fc',][EftS] +

[fc'i (fc'a +  *'»)([S]o +  k'MK'm)][EHS] =

fc'ifc'3[S]„[E]0A 2 (34)

The solution of eq 34 has the form

EHS =  r/q +  (to exp ft) +  (n exp gt) (35)

where

/  =  - p / 2  +  [(p /2)2 -  g]‘/! (36)

9  =  - P / 2  -  [(p /2)2 -  g ],/j (37)

p =  £'i([S]0 +  K'm) +  h’t (38)

r =  k\k'a [S]0[E]o/A2 (39)

q = k\{k\ +  fc'3)([S]o +  k'uK'm) (40) 

to =  -(r/q)(k'3g +  q)/k\{g -  f) (41) 

n =  (r/q)(k’3f  +  q)/k'3(g -  / )  (42)

An equation for the rate of release of thè first product

[Pi] =  k'Jh[r/q +  (to exp ft) +  (n exp gt)] (43)

is obtained by substituting eq 35 into eq 29, which 
integrates to

[Pi] =  k'2h2[rt/q +  (to/ / )  (exp/f — 1) +

(n/g) (exp gl -  1)] (44)

A  differential equation also may be set up in terms of 
the second complex. [EHS'].

[EHS'] +  [*' !([S]0 +  K ’m) +  fc'3][EHS'] +

[k\(k\+ k't) ([S]0 +  k'uK’m)] [EHS'] =

fc'ifc'2[S]0[E]„/A3 (45)
This equation may be written as

[EHS'] +  p [EftS'] +  ? [EHS'] =  r ' (45a)

where p and q are defined by eq 38 and 40, respectively, 
but r' is

r' =  /c/fc/tSlotEJoAa (46)

Except for r', the solution of eq 45a is the same as 
that for eq 34, so that the concentration of second com
plex can be expressed as

[EHS'] =  r'q +  to' exp ft +  n' exp gt (47)

where /  and g are given by eq 36 and 37, but m' and n' 
are

m' = —r'g/iq(q -  f) (48)

n' =  r'f/q{q -  / )  (49)

Substitution of eq 47 into eq 30 leads to the rate of 
change of P2, the second product with time

[P2 ] =  k'3h3{r'/q +  to' exp ft +  n' exp gt) (50)

Since /  and g are negative, when t is large, eq 43 and 50 
become identical.

[Pi] =  [P2] =  k'Jiir/q =  k'zh3r'/q

and is equivalent to steady-state eq 32.
Equation 50 can be integrated to give a relationship 

for the concentration of second product at any time t

[P2] =  k’Ji3 [r't/q +  (to' / / ) ( exp ft — 1) +

(?i'/p)(exp gt — 1)] (51)

Experiments in Acid and Base Media. As for steady- 
state kinetics, the apparent rate constants for transient- 
phase experiments in solutions, which are more acidic 
than the pH optimum of the system, are given by eq 
11a and 12a, and the constants /i2 and h3 are defined as 
ht, by the general eq 13a. If a medium with a pH on 
the basic side of the pH optimum is employed, then eq 
lib , 12b and 13b are applicable.

The General Rate Equation. The qualitative behav
ior of eq 44 and its various terms is illustrated in Figure
2. When t is appreciable, steady-state conditions are 
attained, and the exponential terms vanish. Under 
these conditions, eq 44 reduces to

[Pi] =  k'2hi(rt/g -  m/f — n/g) (44a)

This equation describes the steady state, and according 
to Ouellet and Stewart12 its extrapolation to the product 
and time axis yields two useful quantities n  and n . 
The evaluation of these quantities has been discussed.12

When the release of the second product is studied, 
eq 51, which gives the concentration of P2 at any time t, 
applies. The qualitative behavior of P2 is the same as 
Pi, but the constants take on new meaning. For 
steady-state conditions, t is large, and eq 51 can be 
simplified to

[P2] =  k'zhz{r't/q — to' / /  — n'/g) (51a)

In a manner similar to in and n, the quantities x2 and 
r2 can be found.

By setting t — 0, and [P2] =  712, and substituting 
the appropriate quantities into eq 51a, the value of 7r2 is 
obtained
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x2 = {—k'Jc'ik'u [S]o[E]0([S]o +  K 'm) +
k'tk'sk'ulSU E W kW , +  fc'3)([S]o +  k'M K 'm)2

(52)
which is the intercept on the product, [P2], axis when 
(51a) is extrapolated to t = 0.

If k'2 > k'3> the value of ir2 reduces to, i.e., when k\ is 
large

tr2 = - k ’3{E]a/k\ (52a)
provided [S]0 is in excess of K 'm. Likewise, if k'3 >  
k\, 7t2 becomes

tt2 = - k ' 2E0/k'3 (52b)
In each case, the value of t2 is only a small fraction of 
the initial enzyme concentration.

The intercept on the time axis can be found by 
letting t = r2, when [P2 = 0]. Equation 51a then be
comes
r2 = [fc'i([S]0 +  K ' m) +  k'3]/k\(k'2 +  k'3) X

([S]0 +  k'MK 'm) (53)
when k't >  k'3 and k\[S]o > k'3, this equation con
denses to

r2 =  1 /k\

provided [S]0 is adjusted to be larger than K 'm. Simi
larly, when k'3 >  k'2) and /c'i([S]o +  K 'm) > k'3, r2 = 1/ 
k'3. In both instances r2 gives useful quantities.

Figure 2. A hypothetical plot of the general rate equation (44). 
The individual behavior of the three main terms tr/q:
(:m/f){eH — 1), and (n/g)(egt — 1) is shown. Equation 44a, the 
steady-state form of (44) is also illustrated. The quantities 
Ti and n, the intercepts of (44a) on the product and time 
axes, respectively, have been defined previously.12

Derivation o f Applicable Forms o f the Rate Equation. 
The constants /  and g, which are the roots of the auxil
iary eq of (34) or (45a), are given by (36) and (37). 
Both constants contain a [(p/2 ) 2 — g]'/j term. This 
term can be expanded into a series, which converges so 
rapidly that all but the first two terms become neg
ligible.

[(p/2) 2 -  q]'/2 =  p/2 -  q/p (54)
Substitution of this result into (36) and (37) leads to

/  = ~ q / p  (36a)
g = - p  +  q/p (37a)

Since /  and g must be real, the value of q/p never ex
ceeds the value of p/4, and is probably always less than 
p/4. Therefore, eq 37a can be reduced to

g =  - p  (37b)
This means that

q = f g  (40a)
which is also the case when (36) and (37) are considered 
without simplification.

When p (38) and q (40) are substituted into eq 36a 
and 37b, it is found that
/  = - k \ ( k ' 2 +  k'3) ( [  S ]0 +  k 'u K 'x )/

[k\aS]o +  K 'm) +  *',] (36b)
g = -[^ ([S lo  +  iT'J +  k\] (37c)

If k'3 is rate controlling, i.e., k '3 < k\  and k\, and 
[S]0 «  K ' m

f  = -fc',[S]0/([S ]0 +  K ’m) (36c)
g  = -fc'i ([S]o +  K ' m) (37d)

However, if fc' 2 is rate controlling
/  = -fc'i([S ]0 +  K 'm) (36d)

or
/  = - k \  (36e)

and g is given by (37d), or
g =  - k \  (37e)

depending upon the magnitude of k '3 with respect to
fc'i([S]0 +  i i 'm).

For the case where k'3 is rate controlling, eq 44 can 
be shown to be equivalent to

[Pi] = fc'3 [E]0i +  [E]0(l -  exp ft)  (44b)
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Gutfreund11 applied the Guggenheim16 technique to a 
similar equation and found that

ln([Pn] -  2[P12] +  [P13]) = constant +  fh  (55)
where [Pn], [Pi2], and [Pi3] are any readings propor
tional to the concentrations of product Pi at times th 
h +  A, and k  +  2A, respectively. The constant inter
val, A, should be at least twice the half-life of the reac
tion.

An appropriate plot of eq 55 allows one to evaluate 
/, and therefore, k\ and K 'm from a plot of 1 / /  vs. 1 /  [S]0, 
according to

- 1 / /  = \/k\ +  K 'J k 'd S ]«  (36f)
In terms of [P2], similar consideration which led to eq 
44b gives
[P2] = F 3[S]„[Ey/([S]0 +  k 'MK 'm) +

[E]0fc'M [exp(/£ — 1)] (51b)
that is, provided fc' 3 is rate controlling and k\ is very 
large compared to k\. The result shows that eq 51b is 
symmetrical with eq 44b and a Guggenheim16 treat
ment evaluates /. Therefore, it does not appear to 
make any difference whether [Pi] or [P2] is followed 
experimentally ; the end result is the same.

Excess Enzyme. Under the condition of excess en
zyme when the release of the first product, Pi, is con
sidered, steady-state kinetics are nonexistent. This 
can be proven mathematically, but in essence the steady 
state cannot be attained; since the catalyst is in ex
cess it can never become saturated with substrate.

The concentration of substrate at any time t is given 
by

[S] = [S]„ -  [EHS] -  ht -  [Px] (56) 
From scheme 26 it is seen that 
[ES]t = fc'i([E]0 -  [ES]t -  [ES']t) X

([S]0 -  [ES]t -  [Pi]) -  [ES]t(A/2 +  k\) (57)
Since [E]0 > [ES]t or [ES']t, and [ES]t is given by eq 
24, it follows that
[EHS] = fc'i[E]0[S]o(l -  [Pi]/[S]0)//i2 -

k\ aV ]o  +  tf'm)[EHS] (57a) 
Using eq 29 and differentiating eq 57a, we obtain
[EHS] +  fc'i([E]0 +  K 'm) [EHS] +

£'i&'2[E]0[EHS] = 0  (58)
The general solution of this equation is

[EHS] = a exp bt +  c exp dt (59)

where b and d are always negative, and given by
b = - J / 2  +  (J2 -  4L)I/!/2 (60)
d = - J / 2  -  (J2 -  4L),/!/2 (61)

here
J = fc'i([E]0 +  K 'm) (62)

and
L  = fc'ifc'2[E]0 (63)

The general eq 59 can be expressed in terms of prod
uct (Pi) by substituting this eq into eq 29, and integrat
ing the resultant differential equation

[Px] = U2fi2 «[(exp bt — l)/6 — (exp dt — 1 )/d] (64)
where

a =  —c =  [S]o[E]0/A2([E]„ +  K 'm) (65)
If a solution is attempted in terms of the second product, 
P2, a third-order differential equation results. Since 
the auxiliary equation is quadratic, a solution cannot be 
obtained readily.

Applicable Forms o f the Rate Equation. By apply
ing arguments similar to the derivation of (36a) and 
(37b)

ò = —l / J  (60 a)
and

d = - J  (61a)
Upon substitution of (62) and (63) into these equations, 
we find

6 = —k'i [E]0/([E]o +  K 'm) (60b)
and

d = -k \ ( [E ]o  +  K 'm) (61b)
If the appropriate values of a, b, and d are substi

tuted into eq 64, the general rate equation becomes
[Px] = [S]«[l -  exp — ([S]0[E]0f)/([E]o +  K 'm)] -  

k'ì[S]0[E]0/ [k'ì[E]o -  k'i([E]„ +  K 'm)2] X 
exp -  [fc',([E]„ +  K 'm) -  k 'ì[E]o/([E]0 +  K 'm)]t  (64a) 
This complex equation simplifies to 
[Pi] = [S]0 [1 -  exp — (fc'2[E]0i/([E]o +  K ' m)]

(64b)
or

[Pi] = [S]0 (1 — exp bt) (64c)
(16) E. A. Guggenheim, Phil. M a y 2, 538 (1926).
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because, as for eq 44, the second exponential term ap
proaches zero very rapidly.

The value of 6, and hence /c'2 and K 'm, can be deter
mined experimentally by the Guggenheim method.16 
The result is

In ( [jPi2] — [Pu]) = constant +  bti (65a)
An appropriate plot of In ([Pi2] — [Pu]) vs. h produces a 
straight line, the slope of which is b. This means that 
k\ and K ',n can be found by varying [E]0 and plotting 
— 1/6 against 1/ [E]0 according to (60b)

-1 /6  = l/k\  +  K 'J k ' i l  E]0 (60c)
Experiments in Acid and Base Media. When experi

ments are performed in media on the acid side of the pH 
optimum, the rate constants k\, fc'_i, and k\  are de
fined by eq 11a, 12a, and 13a. However, if the work is 
carried out on the basic side, eq lib, 12b, and 13b 
apply.
Discussion

There are two aspects to the study of the influence 
of hydrogen-ion concentration on enzyme systems: (a) 
the calculation of true specific rate constants and (b) the 
determination of acid-base equilibrium constants of the 
functional groups at the enzymic site. The theoretical 
relationships derived can be used to determine apparent 
specific rate constants, k\, for each stage of the cata
lyzed hydrolysis. However, except under special cir
cumstances, it is not possible to measure k\ for the 
first stage.12 Once the apparent rate constants are 
known at several hydrogen-ion concentrations, it is 
possible to calculate the true rate constants, km, km, 
and km, from eq 11 and 12. Since these equations are 
cumbersome to handle, some simplifications are neces
sary before the true rate constants can be found con
veniently. As discussed earlier, eq 11 and 12 simplify 
to eq 11a and 12a when the pH of the solution is less 
than the pH optimum for enzyme activity, and to eq 
lib  and 12b when the pH is greater than the optimum. 
Using these equations, it is possible to obtain the in
trinsic ionization constants, K a ao, K am , and K a m, 
for ionizable groups which function as part of the en
zymic site. From the magnitude of these constants, 
not only can the ionizable groups be identified, but their 
mechanistic role in each stage of catalysis can be estab
lished. This latter information is extremely significant, 
since it is necessary in order to characterize the in
volvement of the enzyme’s functional groups during 
each stage of hydrolysis. Because a thorough under
standing of the K a  values for a system is of such utmost 
importance, methods which can be used for their deter
mination and assignment will be discussed in detail

using eq 11 and 12. It should be realized that regard
less of the hydrogen-ion concentration, all ionization 
forms of the enzymic site are present, at least in micro
scopic quantities. Therefore, although one form pre
dominates in concentration, there is always the pos
sibility that other forms may contribute to catalysis as 
well.

pH  Profiles. A simple method for examining equa
tions of types (11) and (12) is to plot the logarithm of 
the apparent rate constant, k\, vs. pH.17 From the 
shape of the curve, it is possible to recognize what por
tion of the general scheme must be retained to explain 
the experimental results. Once this much is known, the 
appropriate equation can be written from (11) and (12). 
To illustrate this procedure, a discussion of pH profiles 
and their significance will be presented. However, it 
should be emphasized that to realize complete success, 
the specific rate constants for every phase of catalysis 
should be isolated and identified.

For each stage of the mechanism shown in Figure 1, 
18 pH profiles are required to depict the different pH 
dependencies that a rate constant can have. The 
simplest case is complete pH independence, where a plot 
of log k\ vs. pH has zero slope over a wide pH range. 
Of the remaining possibilities, ten are bell-shaped and

2 3 4 5 S 7 S 9 IO II 12
pH

Figure 3. A plot of log k\ vs. pH where &',• is the apparent 
rate constant for a single stage of catalysis; 18 different pH 
profiles are illustrated. The arbitrary quantities used were as 
follows: ki 10 = 100, fci0o = k{20 = 10, Kano = 10 “9, KaiW = 
10-7, and Kai30 = 10-4. Each possible profile is designated 
by three alphabetical letters. All profiles are listed in 
Table II along with the corresponding mechanism number 
(see Table I) and mathematical expression.

(17) K. J. Laidler, “ The Kinetics of Enzyme Action,” Oxford Uni
versity Press, New York, N. Y., 1958, p 140.
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T able I : The 18 Possible Mechanisms for Stage i of the Scheme Shown in Figure 1

I.

V.

(E +  S),- •

K a iw

(EH  +  S)i ■

K a izo  [

k i i  o

(EH2 +  S)<

K a  ¿30 j  ^

•(EH3 +  S )i

¿ ¿ 2 0

III . (E +  S)<

K a  ¿10

k ¿00

(EH  +  S )i •

K a  í2o j j'

(EH 2 +  S)i

K aizo I
(EH 3 +  S )i  

(E +  S),

K a iio

kioa

(E H  +  S)¿

K aizo I
(EH(3) +  S ) i  

V II. (E +  S )i

K a iio

kiio

(EH  +  S)i ■

K a  ¿20

kiio

(EH2 +  S)<

K a  i3oI  ^

(E H 3 +  S )i

¿ ¿ 2 0

II.

IV.

VI.

(E +  S)<

K a iio

(EH  +  S )i

K a  ¿20

kiio

(E H 2 +  S)t
k  ¿20

(E  +  S)i

Ka¿io<j ^
(EH +  S )i

K aizo

(E H 2 +  S )i

kioo

kiio

(E +  S)¿ ■

X t iíio

¿¿oo

(EH  +  S)t

Vili. (E +  S)<
K a iio

kiio

(EH +  S)i -

K aizo

(EH2 +  S) •
¿ ¿ 2 0

IX . (E +  S)i

K a iio

X I.

(EH  +  S)i

K a  ¿20 j  ^

(EH2 +  S )i

K a  ¿30̂  ^

(EH 3 +  S ) i  

(E +  S)¿

K a iio

kiio

(EH +  S )i

K aizo

(EH(3) +  S), 

X III . (EH +  S)< -

K a iw

kiio

kiio

(EH2 +  S)i

K aizo

(E H 3 +  S). 

X V . (EH +  S ) i

K a  ¿20

(EH2 +  S)i

K aizo

(E H 3 +  S)i 

X V II . (EH  +  S ) i

Kaizo

(EH (3) +  B>

¿¿2 0

¿ ¿ 1 0

¿ ¿1 0

X . (E +  S)i

K a iio

(EH +  S)<

Aai2o| ^
(E H 2 +  S)<

X II . (E  +  S)<

K a iio

kiio

(EH  +  S). ■
kiio

X IV . (EH  +  S)¡ ■

K a iio

kiio

(EH 2 +  S)<
kim

X V I. (EH  +  S)< • 

Aaiaoj ^
(EH2 +  S )i

kiio

X V III . (EH +  S)< •
kiio

seven are sigmoid. The 18 profiles are shown in Figure 
3, and the related mechanisms are tabulated in Table I. 
These mechanisms are listed by number in Table II, 
along with the corresponding mathematical expressions 
derived from eq 11 and alphabetical letters which refer 
to the profiles in Figure 3. For the reverse stages of 
catalysis, eq 12 must be used.

Once a pH profile for a specific rate constant of an 
individual stage of catalysis is obtained experimentally, 
it is possible from its shape to tell which of the 18 pos
sible mechanisms are operative. Should the whole 
general scheme apply, at first, it appears that this

situation is difficult to handle because equations 11 and 
12 are quite cumbersome. On the other hand, the ex
perimental pH profile might be simple and the evalua
tion of the constants presents no problem.

Even if the profile indicates that the mechanism is 
complex, it is still possible to determine the various 
rate constants and acid-base equilibrium constants 
given by eq 11 and 12. These equations simplify when 
experiments are performed either on the acidic or basic 
side of the pH optimum for catalysis as well as near this 
optimum.

Experiments near the pH  Optimum of Catalysis.
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Table II: pH Profiles (Figure 3) and Theoretical Expressions 
(Eq 11 and 12) for the 18 Mechanisms Given in Table I

M e c h 
a n is m  n o .

p H
p ro f ile

T h e o r e t ic a l  e x p re s s io n  f o r  k'i, 

e q  11 a n d  12

i ABC kao 4~  ki2odji/K(ii2o +  kiooKa,iio/ciB.
1 4~ clh./Kchm H-  K&iio/flH 4“ G.2H/Ka,i2oKai3o 
km 4" ki2odB./Kai2o 4“ kiooKdno/dB

i i DBC 1 +  a n / K a u o  +  K a n a / a n

h i EBC kno 4" kiooKano/d'Q
1 4- d H . / K d i 20 4" K d i i o / d B ,  4“ d n 2/ K d i 2o K d is o

IV FBC kno 4“ kiooKduo/dB
1 4“ O ,H ./ K d i20 4“ K d i i o / d B

V GBC kno 4 “ kiooKdno/dB.
1 4" du/Kdi3o 4~ Kdno/dB 
kno 4~ kiooKdno/dB.VI HBC 1 4- Kdno/dB

VII ABI k, io +  kaoan/Kaiw
1 4" dn/Kdi2o 4" Kduo/dH. 4" dB2/Kdi2oKdizo

VIII DBI kilo 4“ ki20dB./Kdi20
1 +  a n / K a u o  +  K a n o / a n

IX EBI k n o

1 +  o h / K a m  +  K a m , / a n  +  a u ^ / K a n o K a n o

X FBI k n o

1 +  a - n / K a n t ,  +  K a n o / a u

XI GBI kno
1 4~ du/Kdizo 4“ Kdno/ds

XII HBI kno
1 +  K a n o / a n

XIII ABJ k i  io +  h m a n / K a n o

1 4*  dBi/Kdi20 4" dB.2/ Kdi2oKdiZO 
k n o  +  ki2odB/Kdi2oXIV DBJ

1 +  a n / K a n o

XV EBJ kno
1 4" d B / K d i 20 4“ d B 2/ K d i 2o K d iz o

XVI FBJ kno
1 +  a - s / K a n a

XVII GBJ k n o

1 4~ ds/Kdizo
XVIII HBJ k n o

0 10 20 

G h X I 0 7

Figure 4a. A typical plot of eq 11c, which can be used to 
evaluate experimental results on the acid side near the pH 
optimum for catalysis. The plot shown is for the acetylation 
of chymotrypsin.15 The intercept is l/feio, and the slope is 
l/Kamkm. The results are given in Table III. The shape of 
the pH profile is DBJ (Figure 3) and the mechanism is XIV 
(Table I) for the second catalytic stage.

I /  02 H X I O'

Figure 4b. A plot of the results on the extreme acid side of 
the pH optimum, see eq lid. The plot shown is for the 
chymotrypsin-catalyzed hydrolysis of 2,4-dinitrophenyl acetate15 
and evaluates km and Kam- The results are given in Table 
III. The pH profile for this system is DBJ (Figure 3) and 
the mechanism is XIV (Table I) for the second stage of 
catalysis, viz., acetylation.

When a series of rate measurements is performed at pH 
values near the pH optimum, then eq 11, 12, and 13 can 
be simplified to

k\ = kao/hi (11c)

k '—i = k-.n0/h2 (12c)
and

hi — 1 +  ai\/Kam +  Kano/ <Hi (13c)
Since the km constants represent the major kinetic 
pathway, these constants are much larger than fci00

or k m- Therefore, the determination of k m, K a m, 
and K am  can be performed as shown in Figures 4a and 
5a, numerous examples of which appear in the litera
ture.9

Experiments in Acidic M edia Compared to pH  Opti
mum. In order to find the rate constants fc,oo and km, 
which are small compared to ktw, it is necessary to use 
eq 11a, lib, 12a, and 12b. In each of these in
stances, rate studies must be run at pH values which are 
either considerably greater or less than the pH opti
mum. Since experiments can be restricted to either
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Figure 5a. A plot of l/k\ vs. I/an, used to obtain the constants 
shown in eq llg. The experimental results used must be on 
the basic side near the pH optimum. A typical example is 
shown using the trypsin-lysine methyl ester system.18 The 
constants evaluated correspond to km and Kcvm in Figure 1. 
Note the third digit subscript indicates that the ionizable 
substrate is in the complete associated form. Because of an 
ionizable substrate, the mechanism is more complex than those 
in Table I. However, the pH profile is bell-shaped and at 
least near the optimum the behavior is represented by 
mechanism X (Table I) and pH profile FBI (Figure 3).

O h

Figure 5b. The dashed line is for a hypothetical plot of eq Ilh. 
This plot evaluates kM and Kano by utilizing experimental 
results on the alkali side of the pH optimum for catalysis, 
where the profile has the shape BC (Figure 3).

the acid or base side, these will be considered indi
vidually.

When a series of rate studies is made in media which 
are quite acid compared to the optimum, eq 11a and 12a 
apply. If Ka^o >  aH or is nonexistent

k ' i = ki20 +  kaoKat2o/an ( l id )
since «h/ K a iW > 1. This means that a plot of k 't vs. 
l /a H will produce a straight line whose slope is km - 
K a ,20 and intercept is kao- Similarly, if can be deter

mined, under the same experimental conditions eq 12b 
becomes

k '-i  = 120 +  k - 110Ka22o/aH (12d)
and /c_i2o can be evaluated.

Examples of l/ k 't vs. aH plots as shown in Figure 4a 
for the inverse of eq 1 lc appear in the literature.7 * * * * * * * Ho w- 
ever, there is no evidence for k '{ vs. l/an plots of eq 1 Id, 
as illustrated by Figure 4b.

Using the excess enzyme method, i.e., eq 65, Lee15 
studied the acylation kinetics of chymotrypsin with 2,4- 
dinitrophenyl acetate. The pH dependency of k\  
did not fit a simple titration curve. This was explained 
on the basis that a protonated form of the normal 
active site could lead to catalysis. The results for k\  
were plotted according to Figures 4a and 4b. Values for 
7c2io , kz20} and K a 22o were obtained. These are listed in 
Table III. As expected, fc2i0 > fc22o- Also, it should be 
noted that the K a 22o values, as determined from the 
two different plots (Figures 4a and 4b), agree within 
experimental error.

Table III : Acylation Constants for 2,4-Dinitrophenyl
Acetate with Chymotrypsin15

Ai2io, sec-1 ¿220, sec-1
Rate constant 2.18 0.13

pKam 6.76 6.63

Since K a i30 is always greater than K a m , at low pH 
values eq 11a and 12a reduce to

k\ =  (kao +  fciioAkti2oAiH)/(l I- aw/K a{3o) (He)
k'-i = (fc_i2o +  fc-no-fikfeo/®h) / (1 +  as/Kawo) (12e)

Under normal circumstances these equations can be 
simplified further. Since aH »  K a i2o at low pH, the 
term involving these constants can be neglected, and 
therefore

k'i =  &i2o/(l +  «h/ Kank) (Ilf)
k '-i  =  k - 1 2 0 /(1 +  an/Ka 23o) (12f)

the inverse forms of these equations are linear, and the 
constants can be evaluated from a 1 /k'{ vs. aH plot, as 
shown in Figure 4a.

Experiments in Basic Media Compared to pH  Opti
mum. In order to evaluate km  and K am , it is neces
sary to use eq lib, 12b and 13b. Near the pH optimum, 
km >  k i00Kam/an, and these equations reduce to

k \  =  /c4io/(l +  K am /au) (llg)

k '-i  =  k -  no/ (1 +  K a 210/ Gh) (12g)
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These indicate that a plot of 1 /k 't vs. l /o H will be linear 
and both km and Katw can be evaluated, i.e., Figure 5a. 
A plot of this type was used by Parnell18 to determine 
the km and Ka-m constants for the lysine methyl ester- 
trypsin system.

In basic media, where Kam »  <zH, eq lib  and 12b 
take on still other forms.

k't = k{oo +  kaoau/Kano (llh )

k'-i =  k-ioo +  k-i\f>au/Kam> (12h)

Both these equations are linear and a plot of k't vs. 
aH, as shown in Figure 5b, will evaluate the constants 
ktoo, lino, and Kano-

Influence of Hydrogen-Ion Concentration on K 'm, k'M. 
The interpretation of the Michaelis constant is rather 
complex. This is due to the fact that any of the specific 
rate constants involved in eq 31 may or may not be 
hydrogen-ion dependent. To complicate matters fur
ther, the Michaelis constant for the three-step mech
anism in Figure 1 is given by

K'Jz'u = k 'W -i  +  k'd/k'flk', +  k\) (66)

where K'm is designated by eq 31 and k'u by eq 33. 
Since according to eq 11, 12, and 13 the apparent rate 
constants, k'it are complex entities, the interpretation 
of the effect of hydrogen-ion concentration on Km 
(classical) cannot be made without further information 
as to the magnitude and behavior of each specific rate 
constant. With this in mind, special cases will be 
presented to aid in the interpretation of the pH de
pendency of Km (classical).

Case I A: /c'3 >  k't. Under this special condition, 
k'u =  1, and eq 66 reduces to eq 31, which refers to 
K 'm for a two-step mechanism. Table IV shows that 
there are eight possibilities for this case. However, if 
the behavior of k\is known, then the pH dependence of 
K'm can be narrowed down to four different cases.

Case IB: fc'3 >  /c'2 <  /c'_ j. Under these conditions, 
K'mk'uL =  K'eq, and as listed in Table IV there are four 
possible conditions of behavior.

Case IC: k'3 >  k\ >  k'-i. When this condition 
applies, there are four kinds of pH dependencies as 
shown in Table IV. However, since the influence of 
hydrogen ion on both k't and K'm can be determined, it is 
possible to select the condition which applies.

Case IIA: k'3 <  k\. For this condition, the final 
stage of catalysis is the rate-controlled step and eq 66 
simplifies to

K'mk'u =  k\(k'-x +  k't)/k\k' 2 (66a)

Table III shows the 16 different conditions that can 
exist, but these reduce to eight if the pH dependency of

Table IV : Influence of Hydrogen-Ion Concentration on K'mk'n
Condi

Case tion pH dependent pH  independent®
IA l fc'-i, h ’ , ,  k \

k \  > k \ 2 k ' - , ,  k ’ t k ’ i

3 k ’  1 k ' t

4 k ' i, k \ k ' - i

5 fc'i k ' - i ,  k ' t

6 k \ k ' - i ,  k ' i

7 f c ' - i k ' t ,  ¥
8 k ' - i ,  k ' t ,  k ' i

IB 1 kCJc'i
k ’ 3 > k ' 2 <  k C  1 2 k \ k ' - i

3 kC  1 k \

4 k ’ - i ,  k ' i

IC 1 k ' t k ' i^7AA 2 k \ k ' i

3 k '  1 k ' t

4 k ' t k ' i

IIA6 1 k ' l, k ' - i ,  k ' i ,  k 'z

k ’ z < k ’ t 2 k \ ,  k ' - i ,  k ' t ,  k 'z

3 k \ ,  k ' t k 'z

4 k ' i, fc'_i, k \ k ' t

5 k ' u  k ' t ,  k 'z k ' - i

6 k ' - lt k ' t ,  k 'z k ' i

7 k \ k ' - i ,  k ’ t ,  k ’ z

8 k ' - i k ' i ,  k ' t ,  k 'z

9 k ' t k ' i ,  k ' - i ,  k 'z

10 k 'z k ' i ,  k ' - i ,  k ' t

11 k ' t ,  k ' - i k ' t , k 'z

12 k ' i ,  k ' t k ' - i ,  k 'z

13 k \ ,  k 'z k ' - i ,  k ' t

14 k ' - i ,  k ' t k ' i ,  k 'z

15 k ' - i ,  k 'z k ' i ,  k ’ t

16 k ' t ,  k ’ z k ' i ,  k ' - i

IIB 1 k ’ z, k \^7AV« 2 k 'z k ' i

3 k \ k ’ z

4 k ' z k ' i

“ Note when k'i’s are pH independent, k\ = kuo. b There is 
also the possibility that k-i >  kt, so that K 'm = K 'e<1. K ’eq can be 
determined from eq 66, if k't and k'z are known; e.g., k'uK'm — 
Wt/k'JK'.

k'z is known. If the behavior of k't is known as well, 
then the different possibilities are limited to four. In 
some instances K'm might be equal to K',,q, and it then 
would be possible to examine the results in a manner 
similar to case IB, Table IV.

Case IIB: k'3 <  k't >  fc'_i. Since K'Jc'u reduces to 
k's/k'i, only four different types of pH behavior can 
exist. The pH dependency of k'3 and K'tJc'm can be 
determined experimentally, which means that the pH

(18) D. R. Parnell, Senior Research Thesis, University of North 
Dakota, 1964.
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Kmkivi

Oh

Figure 6a. A  plot of the Miehaelis constant vs. Oh , which 
shows pH  independency when rate constants in the numerator 
and denominator exhibit similar pH  behavior. Typical 
example is the chymotrypsin-catalyzed hydrolysis of 
methyl hydrocinnamate.19

Kh

Figure 6c. A  plot of the Miehaelis constant vs. an, which 
shows positive slope. The plot given is for the deacylation 
kinetics of 2,4-dinitrophenyl acetate with chymotrypsin.15 
The result suggests that the denominator of eq 66 
is pH  dependent.

Figure 6b. A  linear plot of the inverse of the Miehaelis 
constant t>s. oh- The plot shown is for the p-nitrophenyl 
monoehloroacetate-chymotrypsin system.16 These 
steady-state results suggest that the numerator of eq 66 
is pH  dependent.

dependence of Km (classical) can be narrowed down to a 
single condition.

Some Experimental Evidence. The need for a thor
ough treatment of the influence of hydrogen-ion con
centration on enzyme-catalyzed hydrolysis is exem
plified by the experimental results reported for the 
behavior of chymotrypsin.

If both the numerator and denominator of eq 66 
have the same type of pH dependence, Km (classical) 
will appear to be pH independent. This has been 
reported for the methyl hydrocinnamate-chymotrypsin 
system.19 A  plot of this type is illustrated in Figure 6a. 
On the other hand, when a plot of 1/Km (classical) vs. an 
is linear, this insinuates that the numerator of eq 66 
is pH dependent as shown in Figure 6b, which is typi
cal of acetyl-L-tyrosine ethyl ester behavior with chy
motrypsin.16

Finally, only the denominator of eq 66 might show 
pH dependence. Such is the case for the 2,4-dinitro- 
phenylacetate-chymotrypsin system.16 Both K'mk'u 
and K'm as determined by steady-state and transient- 
phase kinetics, respectively, exhibited the kind of 
behavior shown in Figure 6c.

(19) K. J. Laidler and M. L. Barnard, Trans. Faraday Soc., 52, 497 
(1956).
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In conclusion, it should be stated that there are other 
instances than those cited where a general scheme, as 
presented in Figure 1, is required to explain experi
mental results. The scheme is by no means restricted 
to trypsin and chymotrypsin behavior. Where the pH 
dependence of a system does not follow either a simple 
sigmoid (Figure 3, FBJ or HBI) or bell-shaped curve 
(Figure 3, FBI), and the curve shows “ tailing,” this 
is an indication that a protonated or unprotonated form 
of the active site can act as an alternate kinetic path
way.

Besides the alternate kinetic pathway aspect, the 
proposed scheme is required to explain the different

pH behavior of rate constants. For the same enzyme, 
each catalytic stage can have dissimilar pH dependen
cies. To complicate matters further, different sub
strates with the same enzyme can possess different pH 
dependencies for corresponding catalytic stages. There
fore, each system has to be treated on its own merits. 
Work in this laboratory seems to indicate that it will be 
undoubtedly necessary to expand the general scheme in 
Figure 1. This is true particularly for those systems 
which involve ionizable substrates.
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The Adsorption and Oxidation of Hydrocarbons on Noble Metal 

Electrodes. V. Relation of "Reduced Carbon Dioxide”  

to Adsorbed Hydrocarbons

by S. B. Brummer and M. J. Turner
T yco  Laboratories, In c ,, W altham , M assachusetts 02154- (Received A p r il  17, 1967)

The adsorption of a product— “ reduced C 02” —on smooth Pt electrodes in C 02-saturated 
solutions of 12 M H3P 0 4 at 130° has been studied by anodic stripping and cathodic H atom 
deposition. The amount of adsorbate is a maximum at low potentials (d ~  0.8 at 0.2 v vs. 
rhe) and declines to zero at ~ 0 .7  v. vs. rhe. Anodic desorption studies show that this 
absorbate has a constant structure in the range 0.15-0.35 v and may consist of two parts. 
The major part releases 1 .2  electrons per site when oxidized back to C 0 2 and is the same 
as the O-type adsorbed material reported previously for C3H8 and n-C6Hi4. The minor 
part of the adsorbate may be equivalent to the CH-/J product reported earlier for C3H8 

and n-C6Hi4. It is shown that the O-type material found with the hydrocarbons must have 
been produced directly from them and not from the reduction of C 0 2 evolved from their 
anodic oxidation.

I. Introduction
This paper is part of a study of the basic mechanisms 

of the anodic oxidation of saturated hydrocarbons. Pre
viously, we reported results for the oxidative adsorp
tion of C3H81 -3  and n-C6Hi44 on Pt from solutions in 
12 M  H3P 0 4 at 130°. An important result was the 
distinguishing of three generically different species in 
the steady-state adsorbate of the hydrocarbons. These 
species were of two main types: O type and CH types. 
The O type is predominant in terms of coverage at all 
potentials. It is the most highly oxidized of all of the 
species and the easiest to oxidize further (to C 02) at 
high potentials. It was suggested that most of the 
C-H  bonds of the original hydrocarbon had been con
verted to C -0  bonds in forming the O type5 (hence the 
name). The CH types, CH-/3 and CH-a, were much 
less oxidized than the O type. They are harder to 
oxidize at high potentials (0.70 v) and probably repre
sent a polymeric material and (partly dehydrogenated) 
alkyl radicals, respectively. Unlike O type, which 
appears to be a single adsorbed species, the com
position of the CH types changes with formation poten
tial and probably with hydrocarbon structure. The

further purpose of our research program is to examine 
the properties of these materials and to attempt to 
define their roles in the over-all hydrocarbon-to-C02 

reaction.
The O-type species is of particular interest since the 

same material is found with various hydrocarbons3'4 

and the coverage is always so high. It is clear that the 
path whereby it is formed is of great importance in 
defining the chemical mechanism of anodic oxidation. 
For these reasons, we have investigated the structure 
and reactions of O-type adsorbed hydrocarbons in some 
detail. The present paper describes a comparison of 
the oxidation state of the O-type adsorbed on smooth 
Pt at 130° with “ reduced C 02.”

The importance of “ reduced C 02”  in the anodic

(1) S. B. Brummer, J. I. Ford, and M. J. Turner, J . P h ys . Chem., 6 9 , 
3424 (1965).
(2) S. B. Brummer and M. J. Turner, “ Hydroearbon Fuel Cell Tech
nology,” B. S. Baker, Ed., Academie Press Inc., New York, N. Y ., 1965, 
p  4 0 9 .

(3) S. B. Brummer and M. J. Turner, J . P hys. Chem ., 71, 2825 (1967).
(4) Part IV : S. B. Brummer and M. J. Turner, ibid., 71, 3494
(1967).
(5) S. B. Brummer, J. Electrochem. Soc., 113, 1042 (1966).
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reactions of partially oxygenated fuels was first pointed 
out by Giner.6 He investigated the products formed 
from methanol and formic acid solutions on platinized 
platinum electrodes and compared the anodic stripping 
curves for these materials with a product he had found 
adsorbed from C 02-saturated solutions. This product 
he had called “ reduced C 02.” 7 Subsequently,8 he 
reported that a number of saturated hydrocarbons also 
give rise to “ reduced C 02”  at 95° in 2 A  H2S04 solu
tion.

Niedrach and co-workers9 have reported evidence 
similar to that of Giner for the presence of “ reduced 
C 0 2”  on electrodes exposed to saturated hydrocarbons. 
Their studies were with Teflon-bonded platinum fuel 
cell anodes in H C 1 0 4 and H 3P 0 4, working from 60 to 
120°. Following Gilman,10 they distinguished two 
parts of their adsorbates on the basis of waves in their 
anodic stripping curves. The first of these, at less 
anodic potentials, they identified with a “ CO-like” 
material similar to H C O O H ads and “ reduced C 02.” 
Their evidence for this conclusion, like Giner’s, is 
based on the qualitative similarity of the peak positions 
for their so-called “ type I”  wave and the wave found 
in the presence of C 0 2.

The purpose of the present investigation was to ex
amine the properties of reduced C 02 using the anodic 
desorption method developed earlier.11’12 This method 
was used to characterize quantitatively the oxidation 
states of adsorbed C3H83 and n-C6Hi44 and therefore 
allows a quantitative and much less ambiguous com
parison between the adsorbates.

II. Experimental Section

Most of the details of the experimental procedure 
have been described.1-4 Experiments were carried 
out in purified 80% H3P 04 at 130° using annealed Pt 
microwire electrodes. C 02 was “ Instrument grade” 
(Coleman, 99.99 vol. % ) and was presaturated with 
water before being passed into the cell. Potentials are 
reported against the reversible hydrogen electrode in 
the same solution (rhe) although they were actually 
measured against the dynamic hydrogen reference elec
trode of Giner.13 Results are quoted “ per real cm2,”  
based on 210 /¿coulombs for cathodic galvanostatic H 
atom deposition on a clean electrode.14

The adsorption and analysis procedure was as fol
lows. The electrode was potentiostated at 1.35 v for 
2 min with gas stirring, to oxidize any adsorbed im
purities. The last 30 sec was without stirring if an 
experiment in quiescent solution was to be done. Oxide 
formed at 1.35 v was reduced at the adsorption potential 
(0.15-0.35 v vs. rhe). After appropriate adsorption 
(usually 5 min with gas stirring, then 1 min without)

Figure 1. Charge to oxidize adsorbate as a function of 
potential at 130°: O, 223 mm of CO2 ; +  , noncathodically 
desorbable residue under 223 mm of C3HS; 13 A, 
noncathodically desorbable residue under 1 0 2  mm of n-CeHh.

the electrode potential was raised to a region where no 
adsorption normally occurs. Preliminary experiments 
(Figure 1) showed that at 0.75 v there was no adsorp
tion from C 02-saturated solutions and this potential 
was chosen. At 0.75 v, the adsorbate formed at the 
lower potential was gradually oxidized.

The anodic desorption method consists of interrupt
ing this gradual oxidation process to sample the residual 
absorbate. The adsorbate is sampled in each of two 
ways: either we oxidize that part of the adsorbate not 
yet oxidized (Q) or we measure the residual coverage 
of the electrode with the adsorbate (0OTK). Q is measured 
with an anodic current ('~50 ma/real cm2), all the 
charge to 0 2 evolution being integrated and appropri

(6) J. Giner, Electrochim . Acta , 9, 63 (1964).
(7) J. Giner, ibid., 8 , 857 (1963).
(8) J. Giner, paper presented at 15th CITCE (Comité Interna
tionale de Thermodynamique et Cinétique Electrochimique) Meet
ing, London, 1964.
(9) L. W. Niedrach, S. Gilman, and I. Weinstock, J. Electrochem . 
Soc., 112 , 1161 (1965).
(10) S. Gilman, Trans. Faraday Soc., 61, 2546, 2561 (1965).
(11) S. B. Brummer, J. P h ys . Chem., 69, 562 (1965).
(12) S. B. Brummer and J. I. Ford, ibid., 69, 1355 (1965).
(13) J. Giner, J. Electrochem. Soc., 111, 376 (1964).
(14) This has been discussed in some detail in ref 1-4 and 11.
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ate subtraction of the charge for electrode oxidation 
being made.8-15 The coverage, 8ors, is measured by 
plating H atoms onto the surface. This procedure 
gives 0°h , the fraction of the maximum H atom charge 
on a clean electrode. 60Ig is defined as 1 — 0°H.16

Q is plotted against 0org and changes in the slope of 
this relation are taken as indicative of changes in the 
structure of the original adsorbate. On the basis that 
the cathodic H atom charging method leads to a mono- 
layer of H atoms,14 the slope of the Q vs. 90rg plot gives 
[e], the number of electrons released per covered sur
face atom when the adsorbate is completely oxidized 
to C 02. This quantity is obviously of crucial impor
tance in helping to define the chemical structure of the 
adsorbed species for these complex adsorbates. In 
addition, it provides the soundest and most unequivocal 
comparison between adsorbates found (with varying 
coverages) with different starting materials.

III. Results and Discussion
Coverage. The coverage of smooth Pt at 130° with 

“ reduced C 02”  is shown in Figure 1. We see a typical 
coverage-potential relation found for an organic species. 
For comparison we also show the coverage with the 
noncathodically desorbable “ residue”  ( = 0  type and 
CII-/3) for C3H83 and n-C6H14.4

Since the relationship between Q and 0org is almost 
linear (see later), the curve gives a good idea of the 
“ reduced C 02” coverage. Maximum coverage at low 
potentials is ~0.85. At 0.4 v, the coverage is less 
than 0.25, and by 0.70 v it is zero. The shape of the 
curve reflects the increasing rate of reduction of C 02 
at low potentials and its increasing rate of oxidation at 
high potentials.

Oxidation State of Reduced C02. The Q vs. d0Ig plots 
for reduced C 02 adsorbed at various potentials are 
shown in Figure 2. The process of desorption occurs 
from the right to the left of the figure. That is to say 
that the material most easily oxidized for a given 
adsorbate, i.e., the first material to be oxidized at 0.75 v, 
is at the top right-hand corner of the figure.

For adsorption at saturation coverage (the 6-min 
data) at 0.25 v, Q vs. 6 initially (i.e., high 9) follows a 
line with a slope, [e], of 1.2 electrons per covered site. 
Coverages with this material are from <0.1 to 0.85. 
The data for adsorption in the range 0.15-0.35 v are 
indistinguishable, save that the coverage varies with 
potential. The last part of the adsorbate to be re
moved at 0.75 v is more reduced ([e] ~  4 electrons per 
site). It would be possible to draw a single line of 
slope 1.35 electrons per site through all of the 6-min 
adsorption data. However, least-square analysis indi-

Figure 2. Anodic desorption (Q vs. 8) plots for reduced 
CO2 adsorbed under various circumstances at 130°:
®, 0.15 v for 6 min; G , 0.25 v for 6 min; •, 0.25 v 
for 100 sec; A, 0.35 v for 6 min.

cates that the division of the Q-d plot into two regions 
is the most reasonable.

These two regions of the Q-0 plots are similar to those 
found previously for C3H83 and n-C6H14.4 Thus for 
C3H8, we reported a slope of 1.3 electrons per covered 
site for the O-type adsorbate; for n-C6HM, we found 
[e]o type to be 1.4 electrons per site. These values are in 
reasonably good agreement with the above value for 
[e]reduced co2- On this basis, we would confirm the 
observations of Giner8 and Niedrach, el al.f concerning 
the relationship between reduced C 02 and adsorbed 
hydrocarbons, and, specifically, we would equate O- 
type hydrocarbons with reduced C 02. Furthermore, 
since the previous conclusions8'9 were based on the 
oxidation kinetics of the adsorbate and ours is based on 
its oxidation state, the results are complementary on 
this point.

It is not clear whether the small differences among 
the [e] values for reduced C 02 (1.2), O-type C3H8 (1.3), 
and O-type n-CflHi,, (1.4) are significant, but probably 
they are within experimental error. Hence, we believe 
that the most reasonable interpretation is to equate the 
O-type materials with one another and with reduced

(15) The best way to correct for double-layer effects in these experi
ments has been discussed by S. B. Brummer, J. Phys. Chem., 71, 2838 
(1967).
(16) The general use of this method for adsorbate coverage deter
mination was discussed in ref 11 and further during the International 
Symposium on Electrode Processes, Cleveland, Ohio, May 1966; 
see S. B. Brummer, J. Electrochem. Soc., 113, 1044 (1966).
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C 02. We cannot rule out, however, that there is a 
slight change in the structure of the O-type materials 
formed in the series C 02, C3H8, and n-CrJiu, with the 
product increasing in average reduction state as the 
hydrocarbon homologous series is ascended.

Similarly, the small “ tail”  close to the Q-9 origin is 
reminiscent of the CH-/3 material found for C3H8 and 
n-C6H14. This may represent the further reduction of 
C 02 from O-type to CH-/3 material. However, the 
amount of material involved is small (<0.05 of a mono- 
layer in 6 min; 5 min with stirring) and we cannot rule 
out the possibility that this is from a small amount of 
adsorbable impurity in the solution. Data taken after 
100 sec without stirring do not show this effect (Figure 
2) .

Composition of O-Type Hydrocarbons and Reduced C02. 
Relation to Hydrocarbon-to-C02 Reaction. The finding 
of the same adsorbed product for C3H8, n-C6HH, and 
C 02 and, from others’ work, for a variety of oxygenated 
compounds6 and hydrocarbons8'9 is significant in help
ing to define the structure of the adsorbate. Almost 
certainly, the material is a Ci species. The [e] value of
1.2 shows that it must contain considerable oxygen;
i.e., it is close to C 02 in oxidation state. There is con
siderable controversy about its exact composition, how
ever. Niedrach, et al.,9 referred to it as “ CO-like.”  
The data of Piersma, Warner, and Schuldiner,17 albeit 
at low temperatures, show that reduced C 02 is not CO, 
however. Frumkin, et ah,18 have studied the product 
formed on platinized Pt at room temperature from 
MeOH solutions. From Giner’s work,6 this should be 
reduced C 02. Giner6 had suggested a composition 
-COOH but Frumkin, et ah,18 postulated an adsorbed 
product >C(O H ). This would release 3 electrons on 
oxidation to C 02 and, since it occupies 3 sites, [e] 
should be 1. Their [e] value and ours are not in sig
nificant conflict,19 but we cannot distinguish between 
these two structures.

The presence of reduced C 02 as a substantial part 
of the adsorbate for a large number of organic com
pounds on Pt led to the suggestion of two general mecha
nisms for the anodic processes;5 thus the reaction, e.g., 
HCOOH oxidation,20 21 could proceed in spite of the ad
sorbed product, viz.

HCOOH or C 02 — > reduced C 02 (6) (1)
HCOOH — > C 0 2 +  2H+ +  2e- (2)

Here, the main reaction goes on that part of the sur
face not occupied by reduced C 02 (1 — 0). In these 
reactions, the production of reduced C 02 is harmful. 
Alternatively, the reaction could proceed via reduced C02 
with the reduced C 02 —*■ C 02 step being rate limiting, 
viz. eq 3 and 4.

C3H8 — >■ reduced C 02 (3)
slow

reduced C 02 — C 0 2 (4)
In this scheme, those situations which favor formation 
of reduced C 02 at the expense of other adsorbed prod
ucts (e.g., CH-a and CH-;3) would be desirable.

Niedrach, et al.,9-n have argued that reduced C 02 
formation (their type I) is to be encouraged. We have 
argued3'4 that the virtual independence of 0O type on 
hydrocarbon pressure is contrary to the prediction of 
the latter mechanism (reactions 3 and 4). This is be
cause it has been reported that C3H822 and n-C6Hm23 
oxidation are first order in gas pressure. On this basis, 
reduced C 02 formation is undesirable.24

This question cannot be resolved at the present. 
However, our data do show that the O-type adsorbate 
is formed from the fuel and not from reduction of 
anodically evolved C 02. Thus, the amount of adsorbed 
noncathodically desorbable residue (mainly O type) is 
greater for C3H8 and n-CtHu than for C 02 above -~0.40 
v. Similarly at lower potentials, e.g., 0.30 v, the rate 
of production of reduced C 02 from C 02-saturated solu
tions is less than the rate of production of O type from 
C3H8.2'3 Thus, the reduced C 02 found in presence of 
hydrocarbons is produced from them per se and not 
from the reduction of anodically produced C 02.

IV. Summary and Conclusions
(1) The amount of reduced C 02 on smooth Pt at 

130° shows a typical bell-shaped “ kotherm.”  Adsorp
tion is highest at ~0 .2  v. vs. rhe (~0.8  monolayer) and 
decreases to zero at ~0 .7  v.

(2) Anodic desorption experiments show that the 
structure of this adsorbate is constant as a function of

(17) B. J. Piersma, T. B. Warner, and S. Schuldiner, J. Electrochem. 
Soc., 113, 841 (1966).
(18) O. A. Petry, B. I. Podlovchenko, A. N. Frumkin, and H. Lai, 
J. Electroanal. Chern., 10,253 (1965).
(19) Their value is based on anodic H atom charging; ours, on cath
odic charging. If the cathodic charging method gives a lower charge 
than the anodic method, as suggested, for example, by the results of 
Gilman (J . Electroanal. Chem., 7, 382 (1964)), the agreement is even 
better.
(20) S. B. Brummer and A. C. Makrides, J . P h ys. Chem ., 68, 1448
(1964).
(21) L. W. Niedrach and M. Tochner, J . Electrochem. Soc., 114, 17 
(1967).
(22) Report by E. Gileadi, G. Stoner, and J. O’M. Bockris to U. S. 
Army Engineer Research and Development Laboratories, Fort 
Belvoir, Va., April 1966, AD 632 319.
(23) Report by G. Stoner and J. O’M. Bockris to U. S. Army Engi
neer Research and Development Laboratories, Fort Belvoir, Va., 
Oct 1966, AD 643 386.
(24) The experiments reported in ref 22 and 23 may not be relevant, 
however. Thus, at the relevant potentials (<0.30 v), we have 
found zero or even negative order for the over-all C3H8 —► CO2 re
action.
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potential in the investigated range 0.15-0.35 v. vs. rhe 
and that the adsorbate may consist of two parts.

(3) The major part releases 1.2 electrons per cov
ered site when oxidized and is the same as the O-type 
product found adsorbed from hydrocarbon-saturated 
solutions.3'4

(4) The minor part (<0.05 monolayer) may be 
equivalent to the previously reported CH-/3 product 
from hydrocarbon-containing solutions.

(5) The O-type material found adsorbed from 
hydrocarbon solutions cannot have originated from 
reduction of C 02 produced anodieally from the hydro
carbon. It is produced directly from the hydrocarbon 
itself.
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Volume Changes on Mixing Solutions of Potassium Halides and Symmetrical 

Tetraa I kylani monium Halides. Evidence of Cation-Cation Interaction1

by Wen-Yang Wen and Kenichi Nara
Chem istry Departm ent, Clark U niversity, W orcester, M assachusetts 01610  (Received A p r il 19, 1967)

Volume changes on mixing aqueous solutions of potassium bromide and symmetrical 
tetraalkylammonium bromides [(CH3)4NBr, (C2H6)4NBr, (C3H7)4NBr, and (HOC2H4)4NBr] 
have been measured at constant total ionic strengths (7 =  0.5, 1.0, and 2.0) at 25° using 
an apparatus similar to that described by Wirth, Lindstrom, and Johnson. In addition, 
the volume changes on mixing potassium chloride and tetra-n-butylarnmonium chloride 
were measured at constant total ionic strengths of 0.2, 0.5, and 1.0. The results obtained 
were discussed in terms of the ionic solution theory of Friedman. Friedman’s theory, 
when applied to the volume of mixing of AX  and BX, gives the two relations AmF ex/  
[I 2y(l  -  y)] =  25a b * -  vAA* -  Sb b * +  . . .  and [Fex(AX) -  F ex(B X )] / /2 =  vAA* +  
2vax* — ¿¡BB* — 2 i/b x * +  . . . ,  where i’i*  is the part of the volume change on mixing due 
to the structural effects when ion i is in the neighborhood of ion j and y is the mole frac
tion of AX  in the mixture. For (C3H7)4NBr-KBr and (C4H9)4NC1-KC1 systems at I = 
y = 0.5, vAA* was found to be predominant over the rest of the terms with values of —9 
and —11 ml/mole for A =  (C3H7)4N+ and A =  (C4H9)4N+, respectively. The large 
negative values of vAA* are taken as evidence of a significant contribution of the cation- 
cation interaction to the volume of the aqueous solutions. As expected, terms other than 
vAA are no longer negligible for smaller cations like (C2H6)4N+ and (CH3)4N+. For the 
(HOC2H4)4NBr-KBr system, the values of AmFex were found to be zero at total ionic 
strengths of 0.5,1.0, and 2.0, in striking contrast to the large values obtained for the (C3H7)4- 
NBr-KBr system. These studies clearly indicate that the volume changes on mixing are 
strongly governed by the solvent structural properties of the ions.

Introduction
Investigations by various workers have shown the 

solutions of tetraalkylammonium salts to possess many 
interesting physical properties.2-14 Particularly note
worthy are recent works by Lindenbaum15 and Wood, 
et al.,16 on the enthalpy and entropy of dilution of these 
salts. These and other studies on the thermodynamic 
and transport properties3 4 5’9-12 of the quaternary am
monium salt series seem to offer strong support to the 
notion that, in aqueous solutions, the peculiarities of 
the tetraalkylammonium ions are due not only to their 
large ionic sizes but also to the significant modification 
of water structure around the cations.

The apparent and partial molal volumes of these salts 
in aqueous solutions have been measured by Wen and 
Saito,6 7 8 9 10 11 Conway and Verrall,13’14 and Franks17 at dif
ferent concentration ranges. When the apparent molal

volumes, y>2, were plotted against s/c, where c is the 
molar concentration, they found some of these salts to

(1) Presented before the Division of Physical Chemistry, 153rd 
National Meeting of the American Chemical Society, Miami Beach, 
Fla., April 9-14, 1967; see Abstract R-147.
(2) H. S. Frank and W. Y. Wen, D iscussion s Faraday Soc., 24, 133 
(1957).
(3) J. N. Agar, Advan. Electrochem . Electrochem . E ng., 3, 96 (1963)#
(4) S. Lindenbaum and G. E. Boyd, J. P h ys. Chem., 68, 911 (1964).
(5) W. Y. Wen and S. Saito, ibid., 68, 2639 (1964).
(6) W. Y. Wen, S. Saito, and C. M. Lee, ibid., 70, 1244 (1966).
(7) H. G. Hertz and M. D. Zeidler, B er. Bim senges. P h y s ik . Chem., 
68, 821 (1964).
(8) H. S. Frank, / .  P h ys. Chem., 67, 1554 (1963); Z . P h ysik . Chem. 
(Leipzig), 228, 364 (1965).
(9) R. L. Kay and D. F. Evans, J. P h ys . Chem., 69, 4216 (1965).
(10) D. F. Evans and R. L. Kay, ibid., 70, 336 (1966).
(11) R. L. Kay and D. F. Evans, ib id ., 70, 2325 (1966).
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Figure 1. Relative apparent molal volumes, <p% — V 2°, of four tetraalkylammonium bromides 
(Me,tNBr, EttNBr, PriNBr, and BUiNBr) plotted against -\/c at 25°.

show substantial negative deviations from the Debye- 
Hiickel limiting law at relatively low concentrations. 
At higher concentrations the plot of V i vs. s/ c  for (C3- 
H7).iNBr and (C4H9)4NBr go through a minimum and 
then turn upward with the increase of c.6 These ob
servations (see Figure 1) were explained in terms of 
water structure promoting influence of the cations in 
general and the formation of a clathrate-like structure 
for (C4H9)4NBr in particular. In view of the qualita
tive nature of this explanation, it seems desirable to us 
to find a more convincing evidence of cation-cation 
interaction among the large tetraalkylammonium ions 
in aqueous solutions. A promising avenue of approach 
in this regard is the ionic solution theory of Friedman18 
applied to the volume of mixing.

Friedman has extended Mayer’s ionic solution

theory19 to mixed electrolyte solutions and derived the 
excess free energy of mixing 12 13 14 15 16 17 18 19
(12) R. L. Kay, T. Vituccio, C. Zawoyski, and D. F. Evans, J . Phya. 
Chem., 70, 2336 (1966).
(13) R. E. Verrait, Ph.D. Thesis, University of Ottawa, 1966.
(14) B. E. Conway and R. E. Verrall, J. Phys. Chem., 70, 3952 
(1966); 70, 3961 (1966).
(15) S. Lindenbaum, ibid., 70, 814 (1966).
(16) R. H. Wood, H. L. Anderson, J. D. Beck, J. R. France, W. E. 
deVry, and L. J. Soltzberg, ibid., 71, 2149 (1967).
(17) F. Franks, private communication. In very dilute solutions 
(c <  0.01), Franks has observed that the curves do turn over to 
give agreement with the behavior predicted by Pebye and Httckel 
(see Figure 1).
(18) H. L. Friedman, J. Chem. Phys., 32, 1134 (1960); H. L. Fried
man, “ Ionic Solution Theory,”  Interseience Publishers, Inc., New 
York, N. Y „  1962.
(19) J. E. Mayer, J. Chem. Phys., 18, 1426 (1950).
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AmGex(y ,I) =  P R T y (1 -  y ) X
[i7o +  ¿ft (1 — 2y )  +  g2{ 1 — 2y ) 2 +  . . .  ] (1 )

where R and T  have their usual meaning, I  is the molal 
ionic strength, y  is the fraction of the ionic strength 
due to an electrolyte in a mixture of two electrolytes, 
and the g’s are interaction parameters. Friedman’s 
theory predicts that the leading term, g0, is the major 
term for 1-1 common ion mixtures and that the major 
interactions contributing to g0 are those of like-charged 
ion pairs. Similar equations can be obtained for the 
volume of mixing
AmV ex(y ,I) = P y {  1 -  y)[v„ +

i*(l -  2y) +  %(1 - 2 y Y +  . .. ] (2)

where v0 =  R T (dgQ/bP), v\ = RT(dgi/dP), etc., in 
which P  is the pressure. It seems likely that useful 
results can be obtained only if terms beyond v0 in eq 2 
are negligible. In order to see whether the cation- 
cation interaction makes a significant contribution to 
the volume, we have measured the values of AmFex for 
solutions of potassium halides and tetraalkylammonium 
halides and calculated v0 by eq 2 and then proceeded to 
analyze and compare the values of V 0 according to 
Friedman’s theory.20

Wirth, Lindstrom, and Johnson21 have measured the 
volume changes on mixing two solutions of equal ionic 
strength for the six combinations of the four electrolytes, 
NaCl, HC1, NaC104, and HC104, at two concentrations. 
They showed that the volume changes at constant ionic 
strength accompanying the mixing of the two hetero
ionic combinations could be calculated from the ob
served volume changes on mixing four homoionic pairs 
(the so-called “cross-square rule”).22 This implies 
that the mixing of four ions involves no ion-ion inter
actions not already taken into account in the mixtures 
containing three ions. It will be of interest to extend 
the measurements so that the “cross-square rule” for 
the volumes can be tested for systems of electrolytes 
which include tetraalkylammonium salts.
Experim ental Section

Materials. Fisher Certified potassium chloride and 
bromide23 were recrystallized twice from water and 
dried carefully before use. The halides were analyzed 
gravimetrically and found to be in 99.9% or better agree
ment with the calculated value. Four tetraalkylam
monium salts (Me4NBr, Et4NBr, Pr4NBr, and Bu4NC1) 
were obtained from the Distillation Products Indus
tries of Rochester, N. Y., and each was recrystallized 
twice or more from the suitable solvents24 25 and dried 
at proper temperatures26 27 28 before use. The gravimetric 
analyses of the cations26 and the anions indicated their

purities to be at least 99.9%. Tetrakis(2-hydroxy- 
ethyl)ammonium bromide (also known as tetraethanol- 
ammonium bromide) was prepared by the method of 
Wen and Saito.27,28 After several recrystallizations, 
the bromide content determined gravimetrically as the 
silver salt was 100.00 ±  0.01%, mp 102° with slight 
decomposition. Most solutions were made by direct 
weighing of the salts and water; dilute solutions were 
prepared by weight dilution of stock solutions. The 
reagent grade mercury obtained from the Fisher Scien
tific Co. was used without further purification. Ex
periments on mixing solutions of KBr and Bu4NBr were 
also carried out, but Bu4NBr and mercury reacted to 
give a small amount of white solid particles when the 
mixture was stirred vigorously at 25°. The data ob
tained from mixing KBr and Bu4NBr were, therefore, 
excluded from this report.

Apparatus and Procedure. Volume changes on mix
ing solutions of equal molal ionic strength were measured 
by use of a dilatometer (Figure 2) similar to that de
scribed by Wirth, Lindstrom, and Johnson.21 About 
65 ml of one solution was introduced from bulb B into 
A (volume 300 ml) through a three-way stopcock a. 
The amount introduced was determined by weighing 
the mercury displaced through the capillary tube (di
ameter 1 mm) at the right of the apparatus. A second 
solution filled the bulb C and all connecting tubing. 
Stopcock b was opened and mercury from A displaced 
the second solution into the first in A through another 
three-way stopcock a'. The bulbs permitted the addi
tion of 1, 3, or 13 ml of the second solution and were 
calibrated by weighing the mercury required to fill 
them to reference marks on the connecting capillary 
tubing. After addition of the second solution, the solu
tion in A was thoroughly mixed by the magnetic stirrer
S. Any volume change was reflected by an increase or 
decrease in weight of mercury in a weighing beaker D 
around the capillary tip. Weight changes were deter
mined to ± 1 mg, corresponding to a volume change of

(20) H. L. Friedman, private communications. We are indebted 
to Professor Friedman for these suggestions.
(21) H. E. Wirth, R. E. Lindstrom, and J. N. Johnson, J. P h ys . 
CTiem., 67, 2339 (1963).
(22) Y . C. Wu, M. B. Smith, and T. F. Young, ibid., 69 , 1873
(1965) .
(23) Products of Fisher Scientific Co., Pittsburgh, Pa.
(24) See ref 13, p 111.
(25) A. K. R. Unni, Ph.D. Thesis, McGill University, Montreal, 
1958.
(26) Tetraalkylammonium cations were precipitated as tetraalkyl
ammonium tetraphenylboride using the standard procedure.
(27) W. Y . Wen and S. Saito, J. P h ys. Chem., 69 , 3569 (1965).
(28) D. F. Evans, G. P. Cunningham, and R. L. Kay, ibid., 70, 2974
(1966) .
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Figure 2. Dilatometer for measuring the volume 
changes on mixing two solutions.

± 1 X 10“4 ml. Stopcock b was turned to permit the 
mercury in the bulbs to flow into the bottom of C, and 
more of the second solution could be added. It was 
found essential to keep the mercury levels in A and D 
nearly identical so that the pressure at the capillary tip 
would be equal to the pressure on the solution in A. This 
was accomplished by adjusting the position of beaker 
D containing the mercury and also by changing the 
length of capillary tip near D. All the stopcocks were 
made of Teflon inserts. The apparatus was immersed in 
a thermostat at a temperature of 25° maintained con
stant to ±  0.001 °. The precision for values of AmFex ob
tained in our experiments at y — 0.5 is to ±0.008 ml at 
I  =  0.5, ±0.004 ml a t/ = 1.0, and ±0.002 ml at /  =
2.0.

Results and Discussion

We define the excess function on mixing
AmF ex(y,/) s  F ex(y,/) -

(1 -  y )V e*(0,I) -  y V ex( l ,I )  (3)
where /  is the total molal ionic strength, y  is the fraction 
of the molal ionic strength due to AX in a mixture of 
AX and BX, and V ex(y ,I) is the excess volume of the 
solution whose composition is specified by y  and I . For 
systems under consideration, A denotes R4N+, B de
notes K+, and X denotes Br-  (or Cl- ). Suppose the 
first solution contains rix moles of AX and the second 
solution contains n2 moles of BX and, on mixing two 
solutions of an equal molality, Au is the observed change 
in volume, then it can be easily shown21 that

Am V ex(y ,I) = Aw/(m +  n2) (4)
The experimentally obtained values of AmFex are 

given in Tables I-V and plotted against y  (the mole 
fraction of R4NX) for some selected systems in Figures
3-6 for comparison.

Table I: Volume Changes (ml/mole) on Mixing Solutions 
or Pr4NBr and KBr at 25°

,---- 1 = 0.500—•—. ,---- 1  = 1.000— .— i  -- - 1.996-—,
V Am7ex Za A m V e* z Am7ex Z

0.1 0.193 8.58 0.306 3.39 0.500 1.40
0.2 0.338 8.45 0.555 3.46 0.894 1.40
0.3 0.455 8.67 0.764 3.63 1.167 1.39
0.4 0.533 8.88 0.884 3.67 1.270 1.33
0.5 0.570 9.12 0.905 3.60 1.260 1.27
0.6 0.541 9.02 0.843 3.50 1.180 1.24
0.7 0.469 8.93 0.710 3.37 1.025 1.23
0.8 0.351 8.78 0.516 3.21 0.731 1.45
0.9 0.195 8.67 0.283 3.13 0.394 1.10

= Am7 « /[ /2i/(i -  y)\-

Table II: Volume Changes (ml/mole) on Mixing Solutions 
of Et4NBr and KBr at 25°

,------ 1 = 0 .500——' ,------ 1  = 1 .000— , .— I  = 2 .0 0 0 — ,
y A m P 1 Z a Am V « z Am 7 « Z

0.1 0.097 4.33 0.161 1.79 0.280 0.780
0.2 0.175 4.38 0.305 1.91 0.524 0.819
0.3 0.249 4.75 0.411 1.96 0.710 0.845
0.4 0.294 4.90 0.475 1.98 0.795 0.828
0.5 0.318 5.08 0.491 1.96 0.800 0.800
0.6 0.297 4.95 0.458 1.91 0.741 0.771
0.7 0.252 4.80 0.390 1.86 0.627 0.747
0.8 0.185 4.63 0.295 1.85 0.463 0.723
0.9 0.098 4.35 0.151 1.68 0.257 0.713

= AmFeI/ [72ÿ( 1 -  y)].

Table III: Volume Changes (ml/mole) on Mixing Solutions
of Me4NBr and KBr at 25°

,------ 1 = 0.50— — n .-------1  = 1.00— ,------ 1 = 2.00------ n

V Am 7 “ Za Am7 cx Z Am 76x Z

0.1 0.016 0.71 0.032 0.36 0.059 0.164
0.2 0.031 0.78 0.060 0.38 0.117 0.183
0.3 0.040 0.76 0.082 0.39 0.160 0.190
0.4 0.046 0.77 0.096 0.40 0.197 0.205
0.5 0.049 0.78 0.099 0.40 0.208 0.208
0.6 0.045 0.75 0.090 0.38 0.195 0.203
0.7 0.038 0.72 0.075 0.36 “0.160 0.190
0.8 0.028 0.70 0.053 0.33 0.116 0.181
0.9 0.015 0.67 0.029 0.32 0.060 0.166

° Z  =  AmV°*/{Py(l -  y)}.
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Table IV: Volume Changes (ml/mole) on Mixing Solutions of Bu4NC1 and KC1 at 25°

-I =  0 . 2 0 -------------------------------- --------------------- --------------------------------I =  0 . 5 0 -------------------------------- . .--------------------------------I =  l . o o -

y Am F ex za Am V ex z Am F M z

0.1 0.110 30.6 0.223 9.89 0.323 3.59
0.2 0.202 31.6 0.411 10.28 0.584 3.65
0.3 0.281 33.5 0.548 10.43 0.785 3.74
0.4 0.338 35.2 0.645 10.75 0.912 3.80
0.5 0.361 36.1 0.680 10.88 0.945 3.78
0.6 0.341 35.5 0.642 10.70 0.890 3.71
0.7 0.288 34.3 0.552 10.52 0.760 3.62
0.8 0.207 32.3 0.412 10.31 0.571 3.57
0.9 0.111 30.8 0.223 9.93 0.316 3.51

Mean value of Z 33.3 ± 10.41 ± 3.66 ±
1.8 0.27 0.08

aZ =  AmV°*/{Py(l -  y)\.

y
Figure 3. Volume changes, AmVex, on mixing R4NBr and 
KBr solutions plotted against the mole fraction, y, at a constant 
ionic strength of I = 1.0 at 25°: R = Pr, Et, and Me.

According to Friedman20 relations 5 and 6 can be de
rived for mixed electrolyte solutions
AmFex/[72î/(l -  y ) ]  =  v0 +  remi =

2üAb* -  V a  a *  -  V b b *  +  rem2 (5)
[Fex(AX) -  Fex(BX) ]/72 =

VAA* +  2 S a x *  -  S b b *  — 2 S b x *  +  rem3 (6)
where

Fex(AX) = 7 0 ax -  F ax0) and
Fex(BX) = I ( < p b x  -  F bx°) (7)

In contrast to eq 5, eq 6 relates the difference of excess 
volumes of two separate solutions at an identical ionic 
strength 7. In these equations vu* is the part of the 
volume which changes on mixing due to the structural 
effects when ion i is in the neighborhood of ion j, while 
remi, rem2, and rem3 are the remainder terms which can 
be shown to be small compared to other terms for dilute

Figure 4. Volume changes on mixing Pr4NBr and KBr 
solutions plotted against the mole fraction of PriNBr at 
constant ionic strengths of I — 0.5, 1.0, and 2.0 at 25°.
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AmV"

Figure 5. Volume changes on mixing BU4NCI and KC1 
solutions plotted against the mole fraction of BuiNCl at 
constant ionic strengths of I  =  0.2, 0.5, and 1.0 at 25°.

Figure 6. Volume changes for (HOC2H4)4NBr-KBr, 
Me4NBr-KBr, Et4NBr-KBr, Pr4NBr-KBr, 
and BmNCl-KCl mixings at I  =  0.50 at 25°.

solutions. Comparing eq 5 and 6 we see that if Vaa* is 
much larger than the other terms (comparing absolute

Table V : Volume Changes (ml/mole) on Mixing Solutions
of (HOC2H4)4NBr and KBr at 25°

,— — I =  0 .50-------- . .---- --- 1 = 1.00— > /-------- 1 = 2 .00-----— ^
V Am Ve* V y 4m FH

0.071 -0.0011 0.059 +  0.0030 0.054 -0.0005
0.176 -0.026 0.166 +  0.0017 0.153 -0.0018
0.299 +  0.0032 0.284 -0.0007 0.316 +  0.0006
0.390 +0.0028 0.374 +  0.0002 0.352 -0.0007
0.460 +0.0029 0.450 +0.0001 0.420 +  0.0004
0.506 +  0.0015 0.493 -0.0016 0.466 0.0000
0.516 +  0.0014 0.500 0.0000 0.475 +  0.0005
0.561 +0.0003 0.544 -0.0001 0.521 -0.0002
0.578 -0.0026 0.565 +  0.0020 0.537 -0.0003
0.599 -0.0014 0.582 -0.0011 0.559 +  0.0003
0.672 +  0.0021 0.661 -0.0012 0.635 -0.0004
0.804 -0.0068 0.780 -0.0006 0.777 +0.0011
0.928 -0.0020 0.925 -0.0004 0.917 0.0000

Mean -0.002 +  0.0001 -0.0001
value

values), then both eq 5 and 6 will be large, while if Sax* 
dominates then (6) will be much larger than (5). A 
large absolute value of vaa* may be taken to indicate a 
large contribution of the R4N+-R 4N + interaction to the 
solution volume. The fact that the absolute values of 
v a a * are indeed large for Pr4N + and Bu4N + ions can 
be seen from the following example. Using the data 
obtained at I  =  0.50 and y  =  0.50 for Pr4NBr-KBr 
(from Table I) and for Bu4NC1-KC1 (from Table IV), 
we write Z  = AmFex/ [ / 2y( 1 — ?/)] = 9.12 ml/mole for

Table VI: List of Data Used for Calculation of 
(F“ (AX) -  V ° * ( B X ) ) / P  (ml/mole)

Salt I VAX. Ÿ’BX
V A X  —
V a x 0 “

•P BX — 
V b x ° b W

Pr4NBr 0.5 236.7 35.4 - 2 .5 1.7 - 8 .4
1.0 234.5 35.8 - 4 .7 2.1 - 6.8
2.0 231.8 36.5 - 7 .4 2.8 - 5 .1

Et4NBr 0.5 173.0 35.4 - 0 .3 1.7 - 4 .0
1.0 172.0 35.8 - 1 .3 2.1 - 3 .4
2.0 170.4 36.5 - 2 .9 2.8 - 2 .9

Me4NBr 0.5 115.2 35.4 0.8 1.7 - 1.8
1.0 115.3 35.8 0.9 2.1 - 1.2
2.0 115.1 36.5 0.7 2.8 - 1.1

B u4NC1 0.2 292.7 27.6 - 1 .4 0.9 -1 1 .5
0.5 291.0 28.2 - 3 .1 1.5 - 9 .2
1.0 288.9 28.8 - 5 .2 2.1 - 7 . 3

0 F a x 0, 239.2 for Pr4NBr, 17 173.3 for Et4NBr,17 114.4 for
Me4NBr,17 and 294.1 for Bu4NCl.13 6 F b x °, 33.7 for KBr and
26.7 for KC1 (for both values, see H. E. Wirth, J .  A m .  C h em . 
S o c ., 59, 2549 (1937)).
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Table VII: Comparison of Values Obtained by Eq 5 at y — 0.5 and by Eq 6

.------- Pr.N B r-K B r------- * ,------- E t4N B r-K B r— —s ,------- M eiN B r-K B r--------» — ---- BiuNC 1—KCÌ— - —. ,--------- N aC l-K C l£
I (5) (6) (5) (6) (5) (6) (5) (6) (5)

0.5 9.12 -8 .4 5.08 -4 .0 0.78 -1 .8 10.88 -9 .2 -0.089
1.0
2.0

3.60
1.27

-6 .8
-5 .1

1.96
0.80

-3 .4
-2 .9

0.40
0.21

-1 .2
-1 .1

3.78 -7 .3

“ H. E. Wirth, J. Am. Chem. Soc., 59, 2549 (1937).

Pr4NBr and 10.88 ml/mole for Bu4NC1. On the other 
hand from Table VI we have W  =  [Fex(AX) -  Fex- 
(BX)]/72 = — 8.4 ml/mole for Pr4NBr and —9.2 ml/ 
mole for Bu4NC1. Since the values of Z  and W  are 
large and opposite in sign for both systems, we see that 
¿¡a a *  must be much larger than the other terms in eq 5 
and 6. It is concluded, therefore, that the cation- 
cation interaction induces a decrease in solution volume 
by approximately the amounts given at I  = 0.50: 
vaa* — —9 ml/mole for Pr4N + and —11 ml/mole for 
Bu4N+.

Similar comparisons have been carried out for these 
and other systems at different ionic strengths and the 
results are summarized in Table VII. For Pr4NBr- 
KBr system at higher ionic strengths (7 = 1.0 and 2.0) 
the values calculated by eq 5 and 6 show greater dis
crepancies than at I  =  0.50, indicating that the re
mainder terms (rem2 and rem3) are no longer negligible. 
At higher concentrations multiplet interactions among 
cations are expected to become important in addition to 
the pairwise interaction. The fact that the higher 
vn (»1, v-i, etc.) are more important at larger I  can 
also be seen from the greater skewness of the curves in 
Figure 4. As expected, the contribution to the volume 
by the cation-cation interaction decreases with the 
cationic size in the order of Bu4N + > Pr4N+ > Et4N + > 
Me4N + > Na+. It is to be noted that the values of 
AmFex for Bu4NX-KX and Pr4NX-KX systems are 
relatively close to each other in contrast to the large 
differences found between Pr4NX-KX and Et4NX-KX 
as well as between Et4NX-KX and Me4NX-KX sys
tems. These results seem to be related to the behavior 
of ¡pi — Vi? vs. y/ c shown in Figure 1 for R4NX salts 
in the concentration region of c = 0.5-1.0 mole/1. As 
can be observed from Figure 1, the difference between 
Bu4NX and Pr4NX is relatively small when compared 
to the large differences between Pr4NX and Et4NX as 
well as between Et4NX and Me4NX. In other words, 
the mixing experiments gave results which are parallel 
to those of dilution experiments. Similar observation 
was made recently by Wood and Anderson29 based on 
their heat of mixing and heat of dilution studies.

If the peculiar interaction of the large tetraalkylam-

monium ion with water is, in most part, due to the hy
drophobic surface of the cation, the substitution of the 
terminal methyl groups of Pr4N + with hydroxyl groups 
should drastically alter the nature of its interaction with 
water; (HOC2H4)4N + ion is expected to prevent the 
“iceberg” formation of water molecules around it. 
With this expectation we have investigated the volume 
changes on mixing (HOC2H4)4NBr and KBr solutions 
at constant ionic strengths. The results obtained are 
given in Table V and the values of AmFex at I  = 0.50 
are plotted against y  in Figure 6 for comparison with 
other systems. These results are striking, since AmFex 
is found to be zero to within our experimental errors at 
I  = 0.5, 1.0, and 2.0. The ion seems to behave ideally 
in water and there is no contribution due to the cation- 
cation interaction. This finding is in agreement with 
the view expressed by Frank and Wen2 that the solutes 
containing hydrogen-bonding groups like NH2 or OH 
do not alter the water structure much, if at all. Our 
results are also consistent with the experimental findings 
on molal volumes by Wen and Saito,27 conductance and 
viscosity by Kay, et a l.,28 heats of transport by Agar,3 
and heat capacities by Frank and Wen.30
Conclusion

When an aqueous tetraalkylammonium halide 
(R4NX) solution is mixed with a potassium halide solu
tion at 25°, a volume increment over and above the 
sum of the two solution volumes is observed. The 
molal excess volumes on mixing (AmFex) are found to be 
very large for the salts containing large tetraalkylam
monium cations (Bu4N + and Pr4N+). The main 
reasons for this large volume increase on mixing may be 
understood from the structural viewpoint of the solute- 
water interaction. The mixing at constant total ionic 
strengths will result in a partial elimination of the causes 
for the abnormally small volume of solution containing 
Bu4NX or Pr4NX. The solution volume before mixing

(29) R. H. Wood and H. L. Anderson, J. Phys. Chem., 71, 1871
(1967).
(30) In 1958, Frank and Wen found that (HOC2H4)4NBr in water 
gave almost no extra apparent molal heat capacity in sharp con
trast to the large excess observed for (C4H 9) 4NBr.2
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is abnormally small in the concentration range under 
discussion owing to the overlap of the "hydration 
cospheres” 31 and also to the caging effect.32

If, now, a K X  solution is mixed with an R4NX solu
tion, the concentration of R4N+ ion will decrease in spite 
of the fact that the total ionic strength is kept constant. 
The decrease of R 4N + ion concentration will, of course, 
diminish the cation-cation overlap and result in the in
crease of volume. The introduction of K+ ions will 
disrupt the caging effect and cause the volume to in
crease.

The large volume increase of mixing Pr4N X  and K X  
solutions cannot be attributed entirely to the ion size 
difference between Pr4N+ and K+ without considera
tion of the solvent structural changes. This becomes 
particularly obvious in view of the fact that the mixing 
of solutions of tetraethanolammonium bromide and 
potassium bromide gave zero value for AmFex, although 
the size of (HOC2H4)4N + ion is about the same as that 
of Pr4N + ion. The observation is explicable in terms

of the ion-water interaction, since, in contrast to Pr4N+ 
ion, there is no "hydration cosphere”  nor “ cagelike 
structure”  around the (HOC2H4)4N + ion. In conclu
sion the present studies clearly indicate that the volume 
changes on mixing are strongly governed by the solvent 
structural properties of the ions.
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(31) T h e  overlap  o f “ h yd ration  cospheres”  o f  th e  tw o  cation s w ill 
cause th e  decrease o f  the num ber o f  h yd rogen  bon d s  o f  w ater per 
cation  and  lead  to  the  decrease o f  the  solu tion  vo lu m e, since less 
h yd rogen  b on d in g  w ill result in sm aller v o lu m e for  w ater.
(32) T h e  caging effect denotes th e  ten d en cy  o f w ater m olecu les to  
form  cagelike structure t o  “ h id e”  th e  h yd roca rb on  tails o f the  R4N + 
ion  inside. W h en  tw o  cation s ap p roa ch  t o  a su itable d istance, their 
cage system s w ill tend  t o  link  u p  an d  stabilize each  other, leading  
to  a sm aller to ta l v o lu m e (see also ref 5 and 8).

The Spectra of Amides. Theoretical Considerations1*

by John A. Schellman and Eigil B. Nielsenlb
Chem istry Departm ent, U niversity o f  Oregon, Eugene, Oregon (Received A p r il 20, 1967)

The first strong absorption band of the amide group or peptide link is interpreted as an 
intramolecular charge transfer in a highly simplified, semiempirical treatment. The 
effect of substitution and solvent on the position and integrated intensity of the bands is 
introduced via the ionization potential of the constituent amine group as a part of the 
charge-transfer energy. Agreement with experiment of the calculated transition moment 
vector (length and direction) is good. The resulting wave functions are used to calculate 
the matrix elements which are of importance in the theory of amide and peptide optical 
rotation.

The calculation of the contribution of a chromophore 
to the optical rotation of a molecule usually requires 
more information about its electronic transitions than 
is available from conventional spectroscopy, which 
normally supplies only the energy of the excited states

and the magnitudes of the electric transition dipole 
moments. For optical rotation caused by interband2a 
or intraband2b coupling among the chromophores, 
the direction of the transition moments must be known 
as well. In such calculations it is frequently necessary
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to treat the transition moments as distributed charges 
(transition monopoles1 2 3 4 5) rather than as point dipoles 
because the size of the charge distributions is com
mensurate with the distance between them. This re
quires information concerning the wave functions of 
the ground and excited states.

If the optical rotation arises from static perturbations 
of the chromophore,4a unusual spectroscopic quantities 
such as transition magnetic moments and transition 
quadrupole moments enter into the theory. Since 
these are not ordinarily susceptible to direct observa
tion,411,6 recourse must be made to calculation on the 
basis of assumed wave functions.

The electronic structure and spectrum of the amide 
groups has been the subject of a number of investiga
tions.6-13 In general, it is found with structures con
taining heteroatoms that semiempirical methods pro
duce better agreement with experiment, especially with 
regard to more subtle features such as the direction of 
transition moments. In the case of amides there is a 
particularly fortunate array of experimental facts with 
which to test a model of electronic structure. There 
are (1) the position of the ir,ir* band and of the n,7r* 
band in a variety of derivatives, (2) the direction and 
magnitude of the transition dipole of the t , t t* transi
tion,7 8 9 and (3) the direction and magnitude of the per
manent dipole moment.11

The Two-Transition Model
The excited states on which experimental work is 

normally focused are the n,7r* transition (210-230 m/i) 
and the transition (175-203 m/i). The variations 
represent a systematic dependence on solvent and 
substitution.12 We first develop a discussion which 
considers only these two excited states. We shall see 
in the next section that the addition of another state 
does not materially change the general results. The 
treatment may either be regarded as a simplification of 
the treatment of Nagakura13 and of Longuet-Higgins 
and Murrell14 in which locally excited states are left 
out or as a transposition of the “ method of structures”  
of Simpson and Rosa10 into the language of molecular 
orbital theory. The basis functions for the calculation 
are

I A) =  ( 6  !) ~ 1/![ NN - 7 r x n n [

\  / °
N— C

is  \  J
corresponding to a trigonal amine adjacent to a car
bonyl group (see ref 13 for a discussion of the physical 
model associated with the basis functions). N, ir, and 
n refer, respectively, to the 2PX orbital of the N atom,

the irx orbital of C = 0 , and the nonbonding orbital of 
d = 0  which has y = 0 as a nodal plane (Figure 1).

|B> = [ (2) (6!) ]—1/!{ j t*N tit nn| +

N7T*7T7rnn I ■ N—C■ y 0 "

corresponding to the singlet charge-transfer state and 

|D> = [ (2 ) (6 !) r 'A{|NN7nr7T*n| +  |NN*inï*|}

corresponding to the locally excited singlet n,7r* state 
of C—O. Note that in this treatment |B) is not the 
usual valence bond resonance structure.13

¡A) and |B) are of A ' symmetry and combine in the 
diagonalization of the amide Hamiltonian.15'16 |D) is 
of A "  symmetry and does not combine with |A) or |B> 
in the absence of perturbations external to the amide 
group. Setting the energy of |A) equal to zero, the 
secular equation becomes

- E

H ab
with solutions

H  AB

Eb — E
= 0

E  = E b =*= y / E b1 T~ 47 /ab2 
2

(1 ) (a) T h is  research w as supported  b y  grants from  the N ational 
Institutes o f H ea lth  (C an cer In stitu te  C A -42 16 ) an d  the N ational 
S cience F ou n d a tion ; (b ) R esearch  L a b ora tory , T u b o rg  Brew eries 
L td ., H ellerup, C openhagen , D en m ark .
(2) (a) J. G . K irk w ood , J. Chem. Phya., S, 479 (1 937 ); (b ) W . M o f- 
fitt, ibid., 25 , 467 (1956).
(3 ) F . L on d on , J. Phya. Chem ., 46, 305 (1942).
(4) (a ) E . U . C on d on , W . A lta r, and H . E yrin g , J . Chem. Phya.,
5, 753 (1 937); (b ) a m agnetic d ipole  tran sition  in  form aldeh ydes
has been observed  recen tly .6
(5 ) J. H . C allom on  and K.  K . Innés, J . M ol. S pectry., 10, 166 
(1963).
(6) J. S. H a m  and J. R . P latt, J . Chem. P hya ., 20 , 335 (1952).
(7 ) D . L . P eterson  and W . T . S im pson , J . A m . Chem. Soc., 79 , 2375 
(1957).
(8 ) S. N agakura, B ull. Chem. Soc. Japan, 25 , 164 (1952).
(9) M . Suard-Sender, J .  Chim. P hya ., 6 2 ,  79 (1965).
(10) E . J. R osa  and W . T . S im pson , “ P h ysica l P rocesses in R ad ia 
tion  B io lo g y ,”  L . A ugen stein , P . M ason , and B. R osenberg , E d ., 
A ca d em ic  P ress In c ., N ew  Y o rk , N . Y ., 1964.
(11) R . K u rlan d  and E . B . W ilson , J .  Chem. P hya ., 27 , 585 (1957).
(12) E . B . N ielsen and  J. A . Schellm an, J. Phya. Chem., 71, 2297 
(1967).
(13) S. N agakura, J. M ol. P hya., 3 , 105 (1960).
(14) H . C . L on gu et-H igg in s an d  J. N . M urrell, P roc. P hya . Soc. 
(L on d on ), A68, 601 (1955).
(15) T h is  analysis im plies th at ]A ) an d  |B) are orth ogon a l. I f  the 
on e-e lectron  fu n ction s are linear com b in ation s  o f  a tom ic  orbitals, 
th ey  fa il to  be so b y  a  first-crd er overlap  correction . O rth ogonality  
w ou ld  be ob ta in ed  b y  the use o f  orth ogan ilized  a tom ic  o rb ita ls .16 
T h e  va lence  bon d  fu n ction s o f  R osa  and S im p son 10 are orth ogon al 
to  a second -order overlap  correction .
(16) P .-O . L ôw din , . / .  Chem. Phya., 18, 365 (1950).
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Defining 6 by

tan 6 =  2Hab/Eb

we have

E  =  (E b/2 ) (1  ±  sec B)

Symbolizing the ground state by |0), the excited state 
by |/3), and the n,7r* state by |a), we have in summary

|0) =  cos 0/2|A) — sin 0/2|B>

E0 =  (E'b/2 ) (1  — sec 6)

|d) =  sin 0/2|A) +  cos 0/2|B>

E,j  =  ( E b/2 ) ( 1  +  sec 6)
1«) = |D)
E a =  E o

where Eu is the excitation energy of the n,ir* state of the 
0 = 0  group. The energy relationship of these states 
is shown in Figure 2.

Hab may be evaluated by the Pariser-Parr procedure. 
This has been done by Nagakura.13 Alternatively, the 
off-diagonal element associated with valence bond struc
tures has been estimated from spectral data.10 The 
disparity between the resulting values (23.9 and 20.3 
kK, respectively) is not serious and a mean value of 22 
kK will be selected.

In the evaluation of Eb, the terms which survive the 
Pariser-Parr approximations are entirely electrostatic

Figure 1. The coordinate system for the amide group.

40
|D>

|B>

id>

la >

20 -

axUJ

UJ

| A > -

|o>

-20

ENERGY CORRELATION DIAGRAM OF AMIDE

Figure 2. Energy correlation diagram for the amide group; 
compare ref 10. Numerical values selected are those 
appropriate for N-ethylacetamide in a nonpolar solvent.
See text for definitions of the energy symbols.

and have a simple interpretation. E b consists of the 
energy required to remove an electron from the nitro
gen atom to infinity (the ionization potential of the 
amine plus the charge-dipole interaction of the electron 
with the polar C = 0  group) plus the energy of its return 
to the 0 = 0  group (the electron affinity of C = 0  plus 
the charge-charge interaction of the electron with the 
N atom which now possesses a positive charge). Thus

Eb =  I  — A -(- electrostatic terms

where /  is the ionization potential of the amine, A is the 
electron affinity of the carbonyl group, and the other 
electrostatic terms are lumped together in the last term. 
Both I  and A depend on the substituents and solvation 
of the respective groups. The ionization potentials of 
a number of substituted amines have been determined 
by Watanabe and Mottl.17 Some of their results con
verted to units of kilokaisers are shown in Table I. As
a satisfactory reference substance for the amide Ri-

i
(R2)N C = 0  we select the amine R 1(R2)NCH3. The 
ionization potentials of mixed amines are estimated by 
interpolation between the values for the symmetrical 
amines.18

(17 ) K . W a ta n a b e  and  J. R . M o tt l, J . Chem. P h y s ., 26 , 1773 (1957).
(18) F o r  the  present ca lcu la tion  w e require, in  fa ct , th e  v ertica l 
ion iza tion  p oten tia l o f  a  trigonal am ine and n o t  the  standard  ion iza - 
t ion  p oten tia l. A s  w ill b e  seen sh ortly , an  em pirica l p aram eter
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Table I : Ionization Potentials of Amines

Ionization, Potential,
Amine R ev kK

n h 3 10.154 81.84

r n h 2 Me 8.97 72.3
Et S.86 71.4
Pr S.78 70.8
i-Pr 8.72 70.3
Bu 8.71 70.2

RiNH Me 8.24 66.4
Et 8.01 64.6
Pr 7.84 63.2
f-Pr 7.73 62.3
Bu 7.69 62.0

R3N Me 7.82 63.0
Et 7.50 60.4
Pr 7.23 58.3

The electron affinity of the carbonyl group is un
known and may even be negative.13 * * * * * This forces the 
introduction of an empirical parameter into the cal
culations, into which we might as well incorporate the 
rest of the electrostatic terms, writing Eb = I  +  P, 
where P  is determined by fitting the spectrum of one 
amide in the series. The others of the series are then 
determined by the variation of I. The energy of the 
t , t * transition is given by

Ewr* =  Ee — Eq = Eb sec 8 =  2f2AB/sin 8

where the dependence on ionization potential is con
tained in sin 8. Inverting this equation

\rir* =  (Xhab/ 2) sin 6 =  227 sin 8 (mn)

where XHa b i s  the wavelength associated with the energy 
/ / a b - The value of 22 kK has been substituted in the 
final form.

Figure 3 shows the result of applying this formula to a 
number of amides of acetic acid in cyclohexane solu
tion. The smooth curve results from assigning to P  the 
value of —35.7 kK. The experimental points compare 
the spectral data of ref 12 with the interpolated ioniza
tion potential data of Watanabe and Mottl. The cor
relation between the two experimental quantities is 
unmistakable. The fact that the experimental plot 
of I  and X„* does not really form a smooth curve could 
arise either from the oversimplifications of the theory 
or from the fact that the experimental ionization po
tentials are not quite the appropriate quantities to be 
used in the comparison.

Though experimental evidence is more sparse con
cerning the absorption properties of the amides of

Figure 3. Xmas vs. the ionization potential of the constituent 
amine for a series of amides of acetic acid: 1, acetamide;
2, N-methylacetamide; 3, N-ethylacetamide;
4, N-butylacetamide; 5, N,N-dimethylacetamide;
6, N,N-diethylacetamide; 7, N,N-dipropylacetamide.
The solvent is cyclohexane. The absorption maximum 
for acetamide is an estimate.12

formic acid, propionic acid, etc., it can be inferred from 
the available data that the appropriate value of P  
varies from one series to another. In the context of the 
present discussion, this would be expected to arise from 
the effect of substitution on the electron affinity A. 
The substitution of CH3 for H (acetic for formic acid) 
produces the most profound changes, as would be ex
pected. For the few comparisons which can be made,12 
an increased electron affinity in formic acid derivatives 
is required to account for the spectral changes which 
are observed.

There are also significant shifts with solvent. Since 
the excited state of the ir,7r* transition is more polar 
than the ground state, the energy of the absorption will 
depend on the polarity and polarizability of the solvent, 
in accordance with the considerations of Bayliss and 
McRae.19 When amides are transferred from a com
pletely nonpolar solvent to water, there is a large red 
shift for primary amides, a smaller red shift for sec-

enters the eva luation  o f E b A s a  result, on ly  the differences in  
ion iza tion  p oten tia l o f the various am ines is o f significance in  the
calcu lations. In  u tilizing  the standard  ion iza tion  poten tia ls , w e are
therefore n o t  id en tify in g  these ion iza tion  p oten tia ls  b u t  m a k in g  the 
less drastic assum ption  th at the  difference in  ion iza tion  p oten tia ls
betw een  tw o  am ines is n ot ch an ged  w h en  th ey  are tra nsform ed  to  the
v irtual trigonal form  used in  con stru ctin g  |A) an d  |B). T h ere  is a 
fu rther d ifficu lty  in  th at e lectron  im p a ct  ion iza tion  p oten tia ls  d iverge 
from  those determ ined  b y  p h oto ion iza tion  as su bstitu tion  is in 
creased. T h is  is  d iscussed b y  W ata n ab e  an d  M o tt l.
(19) N . S. B ay liss and E . G . M cR a e , J . Chem . P h ys ., 5 8 , 1002
(1954).
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ondary amides, and a blue shift for tertiary amides. 
The red shifts evidently arise from the hydrogen bond
ing of the amine hydrogen atoms with the polar solvent. 
This lowers the effective ionization potential, leading to 
a lower transition energy by the discussion given above. 
With tertiary amides, the nitrogen atom is evidently 
insulated from direct polar contact with solvent by the 
substituent groups, and polarizability, rather than 
polarity, plays the dominant role. In this case the less 
polarizable water produces a blue shift. Hydrogen 
bonding to the carbonyl group does not appear to be 
very effective in producing shifts in the x,x* transition.

Transition Moments of the x, x* and the n,ir* Transi
tions. For the estimation of spectral properties we 
require the matrix elements for a one-electron operator 
/  among the various states. /  represents the electric 
moment, magnetic moment, transition density, quadru
p le  moment, etc. For the x,x* transition we have, 
utilizing the expressions for |0) and [/3) and the 
formulas for reducing determinantal matrix elements

The other matrix elements are

<a|/|0) =  cos 0/2<D|/|A> -  sin 0/2<D|/|B>

=  a/ 2  c o s  0/2(x*|/|n) +  sin 0/2(N|/|n)

=  y/2 cos 0/2(x*|/|n)

(a|/||8) =  sin 0/2<D|/|A) +  cos 0/2<D|/|B)

= \/2 sin 0/2(x*|/|n) — cos 0/2(N|/|n)

^  a/ 2 sin 0/2<x*|/|n)

Further progress requires the assumption of specific 
forms for the orbitals: x, x * ,  N, and n. We select the 
carbonyl orbitals of Hansen21 which have been derived 
using the Pariser-Parr-Pople procedures and permit a 
realistic discussion of the n, x* transition. In particular, 
the n orbital is not localized on the oxygen atom as is 
often assumed, but extends to the antisymmetric com
bination of a orbitals which link the carbonyl group to 
two other atoms. The coefficients of these orbitals are 
given in Table II.

<0|/|/S> =  -~ {< B | /| B >  -  (A|/|A)} +  cos 0(A|/|B)

=  - S- f V | /| B >  -  <A|/|A>} +

a/ 2  cos 0 (N|/| x*)

=  -^ V | /| B >  -  <A|/|A>}

The term in (N|/| x * )  has been dropped by the approxi
mation of zero differential overlap. Hansen has re
cently examined the circumstances under which this 
approximation is applicable to the evaluation of various 
one-electron operators.20 21 We have, in fact, evaluated 
all the correction terms which are eliminated by this 
approximation and have found them to be small. They 
almost invariably tend to improve the results slightly 
(e.g., the direction of the transition moment of the x,x* 
transition), but it would be hard to justify adorning so 
crude a theory with arbitrary refinements. Applied to 
the electric transition moment, we have

sin 0

where /Ft is the charge-transfer moment, i.e., the 
moment which is generated by moving an electron from 
the N atom to a x* orbital. The dipole strength is 
given by

Table II: Carbonyl Wave Functions

Symbol 2P *(0)
----------------- Coeffi

2P*(C)
eients---------------

2 P „(0 ) X / ( C )

n 0.775 -0 .6 3 1
7T 0.879 0.478
7r* 0.478 -0 .8 7 9

“ X „ is the combination of a- bonding orbitals (sp2 hybrids 
linked to atoms adjacent to C = 0 )  which is antisymmetric in y 
(Figure 1). Hansen approximates this united orbital as a 2Pj, 
orbital of carbon.

With this assumption of wave functions, the calcula
tion of matrix elements is a straightforward matter. 
The electric transition moment is seen to be always 
parallel to /¡ct, which is determined by the mean position 
of an electron in the x* orbital of the carbonyl group 
relative to the N nucleus. The angle between the cal
culated transition moment and the line connecting the 
0  and N atoms is 17°. The observed angle in myrist- 
amide crystals is 9° ,7 It is also seen that the magnitude 
of the transition moment depends on the parameter 0, 
which in turn depends on the degree and nature of the 
substitution. Taking average values of 0 for primary, 
secondary, and tertiary amides, we predict transition 
moments of 2.8, 3.0, and 3.1 D., respectively. The ob-

(20) A . H ansen , Theoret. Chim, A c ta , 6 , 341 (1966).

D = (?„.)* = sin2 0 
4

(21) A . H ansen, P h .D . Thesis, U niversity  o f  C open h agen , 1965. 
T h e  orbita ls used  in  T a b le  I I  are a revised version  w h ich  w as k in d ly  
m ade available to  us.
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served values in water are 2.8, 3.3, and 3.5 D., respec
tively.12 The transition dipole for primary amides in 
a nonpolar solvent has not been measured, but for sec
ondary and tertiary amides the values are 2.8 and 3.0
D., respectively. Quantitatively, the agreement is 
quite satisfactory, but more important is the correct 
prediction of the qualitative features of the data. In
creasing the degree of substitution on the amine de
creases the effective ionization potential and therefore 
increases sin 9 and as is observed experimentally.22-24

The magnetic moment of the n,x* transition is given 
by

(a|m|0) =  s/2 cos 6/2{ir*\m\n)

Utilizing the coefficients for the n and x* orbitals, this 
becomes

(a|m|0) =  is/ 2 cos 6/2(0.925)13%

where j3 is the Bohr magneton and k designates the 
positive z direction (Figure 1). 6 is always determin
able by the relation sin 9 = \ohsd/227 m¡i, where X0bsd = 

in Ttifx.
In calculations of optical rotation by the Condon 

mechanism, one is required to evaluate either the 
quadrupole moment or the electronic transition density 
associated with the n,x* transition. It is current 
practice to represent transition densities as point charges 
evaluated by the London method of integrating sepa
rately over regions between nodal surfaces of 
where \pi and ^  are one-electron wave functions as
sociated with the initial and final states. In each of 
these regions a is assigned a charge

pa =  e j  lAiiAjdr

which is located at

j ’/'iff'Ajdr 
5  =  V “ ___________¿ l a  r*

I t/'i'AjdT
J  a

In the case of an n,7r* transition, the appropriate nodal 
boundaries are the planes x =  0 and y =  0. (a|/[|8)
is required for the Condon, Altar, and Eyring mech
anism of optical rotation and (a|/|0) for a dipole- 
quadrupole coupling mechanism. We have

(a l^ lO ^ x , =  s/2 cos 6/2{ir*\R\n)XiV>0 ^
s/2 cos 0/2[O.555(2PlC|S|xc)a:.!/>o +

0.370(2PlO|i?|2P!/O) x , y > o \

The two integrals suggest a representation by two 
charges, one associated with the carbon atom and the

other with the oxygen atom. The magnitudes of the 
charges are given by (s/2e/2ir) cos 9/2 multiplied by 
0.555 and 0.370, respectively. Since Slater orbitals 
are known to give a poor representation of wave func
tions close to the nucleus and such regions dominate in 
the quadrupole integrals, we have used self-consistent 
Hartree-Fock orbitals to locate the monopoles on the 
oxygen atom. The first-quadrant monopole is located 
at x,y = 0.44 A. The equivalent calculation for the 
carbon monopole would not be meaningful, since we 
are using a 2P„ orbital as a crude representation of the 
antisymmetric combination of <x orbitals. (In our work 
on the theory of amide Cotton effects we arbitrarily 
use the same x,y coordinates as for the O atom.) The 
other six charges are found by the quadrupole symmetry 
of the distribution about the z axis. The net result is a 
pair of quadrupole charge distributions about the C 
and O atoms of the same sign (in a given quadrant) 
but of different magnitudes. Had there been a reversal 
in sign, an octant rather than a quadrant rule would be 
appropriate for the n,x* Cotton effects of the amide 
group.

The transition monopoles associated with /3 a have 
identical positions. The charges may be found by 
substituting sin 6/2 rather than cos 6/2 in the above 
expressions.

The Charge-Transfer Model of Nagakura
In his treatment of the electronic structure of form- 

amide Nagakura13 introduced an additional configura
tion, the locally excited state, which in our notation is 
given by

|C> = [(2) (6!) ] “  I/!{ | NN xx* nn| +  |NNx*xim|}

This electronic configuration is of A ' symmetry and 
mixes with |A) and [B) to give a 3 X 3 secular equa
tion. The energy of this state is assumed to be the x,x*

(22) P rior  t o  utiliz in g  the w ave  fu n ction s o f  H ansen fo r  th e  C = 0  
group  fo r  th is ca lcu lation , w e used  those o f  S idm an . 22 23 T h e  agree
m ent o f the d irection  o f th e  x,?r* transition  m om en t w as better  than 
reported  a b ove . I n  th is case the  transition  m om en ts tended  t o  have 
slightly  larger values than  are observed . T h e  difference lies in  the 
p o larity  o f  the x and x *  orbita ls. H a n sen  w orked  w ith  an eight- 
e lectron  p rob lem  and to  keep h is ca lcu lation s b o th  tractable, and 
self-consistent he assum ed n o  p o la r ity  in the a b on d in g  system . T h e  
result is th a t  the  entire d ipole  m om en t o f the C = 0  grou p  is vested  in 
the  7t e lectrons. S idm an is exp lic itly  critica l o f  x e lectron s w h ich  
are so stron g ly  p o lar , 23 b u t  h is  d iscussion  d oes n o t  p erm it a self- 
consisten t discussion  o f the  n ,x*  transition . T h ere  still exists a need 
fo r  a b etter  trea tm ent o f  so sim ple a group  as the  ca rbon y l. P arks 
and P arr have p erform ed  extensive ca lcu lations on  the form aldeh yde  
m olecu le  in  w h ich  specific a tten tion  is given  to  the p o la r ity  and  to  
changes in  p o la r ity  o f  th e  <r system . 24 T h is  trea tm en t d em onstrates 
the  com p lex ity  o f  the p rob lem . T h e  results are p rim arily  concerned  
w ith  the eva lu a tion  o f energy  param eters and w ou ld  be  v e ry  d if
ficu lt  t o  use in the present con tex t.
(23) J. W . Sidm an, J . Chem. P h ys ., 27 , 429 (1957).
(24) J. M . P ark s and  R . G . P arr, ib id ., 32 , 1657 (1960).
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excitation energy of the carbonyl group and the addi
tional off-diagonal elements have been estimated by 
Nagakura.

Our initial approach to the problem consisted in a 
somewhat expanded version of Nagakura’s calculations. 
Eb was taken to be a parameter which varied with 
substitution and solvation of the amide as in the pre
vious section; Sidman and Hansen’s wave functions for 
the carbonyl group were used rather than those of 
K on ;25 six electrons rather than four were used to de
scribe the electronic configurations so that the n,ir* 
transition and its matrix elements could be considered. 
We shall not give the details of these calculations, since 
with regard to agreement with experimental results 
nothing seems to be gained by the inclusion of the addi
tional state. The direction of the transition moment 
is changed but not significantly improved. The 
angle which the transition moment makes with the O-N 
direction is predicted to be 3°, which is to be compared 
with the experimental value of 9° and the value of 17° 
obtained in the previous section. This constitutes an 
improvement of 2°, which is not significant, since the 
experimental value itself has a possible error of about 
10°. The principal reason for the difference in direc
tion of the transition moment between the two theories 
results from the presence of a considerable admixture of 
state C in the excited state of the amide. This 
introduces the C = 0  transition moment, thereby turn
ing the total transition moment toward the oxygen atom. 
An additional effect of this admixture is an increase in 
the predicted magnitude of the transition moment which 
is in the neighborhood of 4.0 D. for primary, secondary, 
and tertiary amides and greater than the experimental 
values. Predictions of the correlation of the transition 
energy with the ionization potential of the amine are as 
good with this model as with the simpler model, but the 
correlation of intensity with substitution disappears en
tirely. As a consequence, there is no practical reason 
for preferring the more complex model, which does not 
lead to simple formulas for the energies and matrix 
elements of the transitions.

The three-configuration model permits an investiga
tion of the variation of the amide transition moment
direction with substitution. This is not possible with 
the two-configuration model, since the transition mo
ment is forced by the assumptions to coincide in direc
tion with Mct. The direction of this transition moment 
has been determined for a primary amide7 and the re
sults are assumed to be correct in discussions of the 
a and collagen helices where secondary and tertiary 
amides are prevalent. We investigated the variation 
of the direction of the transition moment as a function 
of E b over the values of this parameter appropriate for

primary, secondary, and tertiary amides and found that 
it did not vary more than 1°. This calculation is re
assuring but has validity only in the framework of the 
model. It shows only that the inclusion of a potential 
source of variation of the transition moment (the locally 
excited state) does not lead to significant changes.

Discussion
If an empirical configuration interaction calculation 

involving only two electronic configurations gives good 
results for both the ground and an excited state, it must 
mean that the initial configurations which have been 
selected are associated with relevant empirical pa
rameters, unless agreement with experiment is fortui
tous. The latter is unlikely in the present instance. 
The correlation of the positions of absorption bands with 
the ionization potential of the constituent amines is 
easily seen on a qualitative level and indicates that an 
electron configuration involving separation of an elec
tron from the nitrogen atom should at least be an im
portant part of the description of the states. Once this 
trend is granted, the agreement between calculated and 
observed energies for the transition is not especially 
significant, since the basis for the selection of the pa
rameter P  was that it moves the progression of pre
dicted energies into agreement with the observed pro
gression. What is significant is that the selected value 
of the parameter simultaneously establishes good agree
ment with the experimentally determined dipole 
strengths. This indicates that the main features of the 
ir,ir* transition of amides are representable by an intra
molecular charge transfer as previously proposed by 
Nagakura13 and by Simpson and Rosa.10

A complete calculation would have to include many 
other configurations. Four excited states of the C = 0  
group have now been observed and have been assigned 
by Johnson and Simpson26 as n —► nr*, n —► <r*, n —*■ 
a'*, and 7r —► 7r*, in order of increasing energy. When 
incorporated in an amide group, the first is of A "  
symmetry and cannot combine with the A ' states. 
The 7r —► 7T* transition was included by Nagakura as 
discussed in the previous section. The n —► a* states 
are of A ' symmetry but arise from the wrong symmetry 
species (B2) in the parent carbonyl group. This results 
in a much lower interaction with A ' in the amide group. 
This indicates that the mixing with the n — a* state 
would be considerably smaller than the states selected 
by Nagakura in his treatment. Consequently, an ex
tension of the calculations would require the use of a 
number of hypothetical configurations such as | B) and

(25) H. Kon, B ull. Chem. Soc. Japan, 28, 275 (1955).
(26) C. Johnson, Ph.D. Thesis, University of Washington, 1966.
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deprive the method of its extensive use of empirical 
data.

It was the latter consideration which caused us to 
represent the n —► t * state as a single configuration. 
To be consistent, we should have included a charge- 
transfer state with A "  symmetry. This state would 
involve double occupation of the t* orbital of C = 0 . 
However, the present state of information concerning 
the n orbital is sufficiently crude that such refinements 
would not have real significance. The use of an n 
orbital which preserves its antisymmetry in y is one 
deficiency; the Uncertainty in the extent of delocaliza
tion of the n orbital is another. It is likely that a large 
fraction of the absorption intensity of the 11,71-* transi
tion of the amide group results from the distortion of 
the n orbital by the N atom.27-28 * 583 It must be concluded 
that we are still a rather long way from a complete 
understanding of the n,ir* transition of the amide.

With regard to the prediction of n,ir* Cotton effects, 
there is at least a practical consolation. We have used 
a number of different theoretical approaches including 
self-consistent molecular orbitals and a wide variety of 
proposed wave functions. Although quantitatively 
predicted results vary by a factor of about 4, the qualita
tive predictions of signs and orders of magnitudes of 
rotatory strengths generally remain the same.

Acknowledgment. We are grateful to W. T. Simpson 
for stimulating discussions and for pointing out the 
orthogonality problem associated with the basis func
tions.

(27) If the n orbital of the carbonyl group is localized on the O 
atom, the n,x* transition is “locally forbidden” in the sense discussed 
by Platt.28 If, on the other hand, it is delocalized into the <r system 
of the amide, this is no longer the case.
(28) J. R. Platt, J. Chem. P h ys ., 18, 1168 (1950).

Exciton Bands in Disordered Molecular Crystals

by È. E. Salomón
Departm ent o f  Chem istry, T em ple U niversity o f  the Commonwealth System  o f  H igher Education, 
Philadelphia, P ennsylvan ia  (Received A p r il  27, 1967)

A theory of exciton bands in disordered molecular crystals is described. The treatment 
is based on the use of pseudo-Bloch functions which diagonalize the secular equation in 
the average and with negligible deviations in the infinite crystal limit. A quadratic 
dependence of the exciton band edge on mole fraction is predicted.

Introduction
A number of molecular solid solutions can be formed 

over the entire range of composition without any ac
companying phase change and with only minor change 
in lattice dimensions. The electronic spectra of these 
systems may be used to obtain information about the 
intermolecular interactions between host and guest 
molecules. A theoretical analysis is needed for this 
purpose as well as for the tailoring of alloy compositions 
to achieve specific spectral results such as the adjust
ment of spectral peaks at desired wavelengths.

A theoretical treatment of ordered molecular crystals, 
using a Green’s function technique, has recently been 
reported1 although the disordered system, which is the 
one most likely to be encountered in the laboratory, has 
not been subjected to the same level of analysis. The 
elucidation of the electronic structure of a disordered 
solid solution is complicated by the fact that the crystal 
Hamiltonian is not invariant to the space group opera
tions.

(1) D. P. Craig and M. R. Philpott, P roc. R oy . Soc. (London), A290,
583 (1966).
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The nature of the energy bands in disordered metallic 
alloys has received a considerable amount of atten
tion.2-15 Unfortunately the results of these investiga
tions cannot be directly carried over to the present 
problem for the following reason. The usual starting 
point in discussions of the disordered metallic alloy is an 
assumed one-electron random potential. The one-elec
tron eigenstates and eigenfunctions are found using 
some approximate method and then the building-up 
principle is applied. Thus the effects of composition on 
spectra in metallic alloys is due to a change in potential 
and in some cases to a change in the number of electrons 
in a band. The work in this area is divided into ap
proximate specific methods2-11 and exact methods which 
provide some general theorems against which these ap
proximate treatments can be tested.2-14 The latter is 
exhaustively treated in a recent review.16

In the case of molecular solids and molecular solid 
solutions this nearly free electron approach is known to 
be unrealistic and unwarranted. This is because the 
free molecule wave functions are rather good basis 
functions with which to build crystal orbitals. This in 
turn is related to the weakness of the intermolecular 
interactions.

The exciton problem in pure molecular crystals is 
described elsewhere.16 The approach is based on the 
formation of Bloch functions using localized excitation 
functions which themselves are products of free molecule 
wave functions. In this manner, the secular equation is 
diagonalized (at least in the case in which there is only 
one molecule per unit cell) and the roots are the diagonal 
matrix elements.

If Bloch sums are formed for solid solutions in which 
explicit account is taken of the different free molecule 
wave functions for the two species, then there is no 
group theoretical argument which will guarantee that 
the secular equation will be diagonalized. In the fol
lowing, an argument will be presented to demonstrate 
that this approach does, in the infinite crystal, lead to a 
diagonal matrix whose roots approach those of the 
secular equation.

The Model
For purposes of simplicity the argument is restricted 

to a one-dimensional, random, binary (A-B) alloy, in 
the rigid-lattice and nearest-neighbor interaction ap
proximation. It is also assumed that there is only 
one molecule per unit cell. The Hamiltonian H of the 
crystal may be written

H = Y,H{ +  X X , r+1 =  Ho +  V (1)
i =  1 r

where Ht is the free A molecule Hamiltonian or the

free B molecule Hamiltonian according as site i  is 
occupied by an A or B molecule. In a similar manner 
it is to be understood that Fr/+i is the interaction 
potential between an A or B molecule on site r and an 
A or B molecule on site r + 1  according to the manner 
in which sites r and r + 1  are occupied. The inter
action potential operators are F a a , F a b , and F b b - 

Continuing in this manner we let 4>t be the ground- 
state wave function and </>,s be the excited-state wave 
function for free A and B molecules according to whether 
site i is occupied by A or B [<pt(A), 4>t(B), <f>ts(A), or
* / (  B)].

The corresponding energies are eA, «a8, «b, and €B8. 
The 4>’s are taken to be real and orthonormal. We 
define 0*, the localized, excitation function, by the 
relation

0 ; =  <¿>102■ • ■4>is • • -4>n ( 2)

The orthonormal pseudo-Bloch functions <t(fc) are 
defined by the relation

1 N
$(fc) =  53© i exp (2rikl/N) (3)

where k is the wave vector.
Because the expectation value of the energy depends 

on the crystal configuration, which is assumed to be 
random, we make the approximation that its value in 
any state is the ensemble average (denoted by a bar) 
over representative crystals. This approximation will 
be justified later by an analysis of the fluctuation and 
an appeal to the fact that the observed spectra do not 
vary erratically from sample to sample.

Since we are ultimately to be concerned with spectro
scopic transitions, we shall express the energy relative to 
the ground state which has a wave function 'fr° =  
<t>i<t>2 ■ ■ ■ <t>N- The ensemble average of the ground-state 
energy, E0, is 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16

(2) E. A. Stem, P h ys. Rev., 144, 143 (1966).
(3) R. H. Parmenter, ibid., 9 7 ,  587 (1954).
(4) R. H. Parmenter, ibid., 9 9 ,  1759 (1955).
(5) R. H. Parmenter, ibid., 104, 22 (1956).
(6) J. L. Beeby, ibid., 135, A130 (1964).
(7) J. Friedel, Advan. P h ys., 3, 446 (1954).
(8) J. Korringa, J. P hys. Chem. Solids, 7, 252 (1958).
(9) J. S. Faulkner and J. Korringa, P h ys. Rev., 122, 390 (1961).
(10) J. Des Cloizeaux, ibid., 139, 1531 (1965).
(11) H. M. James, ibid., 76, 1611 (1949).
(12) H. M. James and A. Ginzbarg, J. P h ys. Chem., 57, 840 (1953).
(13) P. L. Taylor, P roc. P hys. Soc. (London), 90, 233 (1967).
(14) E . H. Kerner, ibid., A69, 234 (1956).
(15) Progr. Theoret. P hys. Suppl., 36, 3 (1966).
(16) D. P. Craig and S. H. Walmsley, “Chemistry and Physics of 
the Organic Solid State,” Interscience Publishers, Inc., New York, 
N. Y„ 1963, p 586.

T he Journal o f  P h ysica l Chem istry



Exciton Bands in Disordered Molecular Crystals 3923

E o  =  7V(to a«a  - \ -  tobcb  +

TOa2E  aa +  2toaTObE  ab +  tob2E  bb) (4)
where mA and TOb are mole fractions of A  and B and 
(<l>T<t>r+1\Vr,T+i\<t>r<l>r+i) =  F a a , F a b , or F bb according to 
the manner in which sites r and r +  1 are occupied. 
The N  pseudo-Bloch functions, 4>(/c), lead, according 
to the variation theorem, to the usual secular equation. 
The ensemble average diagonal elements, H kk, are

ihk =  m m  -  E0\ m > =
t +  &F +  A(? [exp (2 rik/N) +

exp ( —2 rik/N)] (5)
where

f  =  («a8 — «a)toa +  (en8 — €b)tob 

Af =  2toa[toa(Eaas — F a a )  +
TOb (E abs — E ab)] +

2tob[(toa(E bas — E ba) +  TOb (E bb8 — E bb)] (6) 
Ag =  v i a 2G a a  +  2 toaTOb (?ab  +  tob2(7bb

(<f>rS<l)r+l.Vr,T+l\4>rB<t>r+l) =  FAA8, EaB*, EbA*, Or Ebb*, 
as sites r and r +  1 are occupied by A's or B ’s, accord
ingly- (<Es0 r+ i|B ,v + i|<M ,r+i8) =  G a a , G a b , or (7b b , 
as sites r and r +  1 are occupied by A ’s or B ’s, accord
ingly.

The off-diagonal elements Hki> =  {<b(k)\II — E 0| 
$(fc')) are zero in the ensemble average. The.standard 
deviation in Hkk> averaged over representative crystals 
is taken as the order of magnitude of Hkk>. This quan
tity akk, is given by the relation

_____________________________________________ V>
*U' =  (m \H  -  Eo\Hk')) ($(k)\H -  Eo|$(fc’)) (7)

It proves convenient, however, to take as the order 
of magnitude of akk- the quantity ykk> which satisfies 
the relation

__________________________________________>A
7 kk’ —  R k k ’R k k ’ *  d~ J  kk’J  kk '* P k k 'P k k '*  >  3 ^<Jkk'

(8)
where

R t k '  =  { H k ) \ H 0\ H k ' ) )  (9)

éCD

*
W

;

-Ife
;

ilÀì•se exp 2 -  k)

and

1 »  , ( ik'\
Pkk' 2  (6, E r ,,+ l 0 r+l )  

IV r = i
expK)+

/  ikY
exp 2— (k — k)r

It is simple to show that

RR* toaTOb

N (e.A8 ~  (A — «B +  CB8) 2 ( 12)

J  k'kJ (0) — r (2)E (2) +

~ ¥ T * - Uk'k± k'k

•|[(/<o) — (7©  +  2 j^cos 2

(E(i) — E(2)) cos —  (k1 — k) 

(k' +  k ) '

(13)

N
1 +  COS 2 t ——77— 1 ] X 

(k' -  k)
N (G w -<?<*>)]

(14)

where Fm =  (0m|7|0m), E(0) =  Fm2, E (1) =  FmFm+1, 
FmFt =  E(2) for m ^  l and m ^  l ±  1, Gr =  (0r| 
Er,r+i|0r+i), Gm =  (7(0), GmGm+1 =  (7(i), and GmGx =  
(7(2) for m ^  l and to X  l ±  1. E (0), E (i), E (2), (7(0), 
(7(i), and Gw can all be evaluated. The results are 
quite lengthy and since we are only interested in orders 
of magnitude, it is sufficient to observe that E(0) — E©  
and E(d — E© are of magnitude (AF)2, Gw — (7© and 
(7(d — (7© are of magnitude (AG)2 and TOATOB[eA8 — 
(a +  cbs — iB]2 is of magnitude f 2. Therefore we may 
write

Hkk' =  ~ > ^ (f  +  +  Ag) (15)

where a is a function of kk' and is of the order of unity. 

The Secular Equation
The diagonal elements of the secular equation are 

given in eq 5. The off-diagonal elements are obtained 
by combining eq 8, 12, 13, and 14. It is quite clear 
that as N approaches infinity the off-diagonal elements 
vanish. However, the size of the secular equation is 
equal to N and it is not immediately obvious that the 
off-diagonal elements can be ignored with impunity (no 
general proof of this is presently available). If, on the 
other hand, all the off-diagonal elements were given by 
eq 15 with a equal to unity, the resulting secular equa
tion can be solved and the result is that half the roots 
satisfy the relation

E(k) = i +  AF +  2AC cos ^2—  J -  ^ -------

The remaining roots can be shown to lie between 
E(k) and E(k+1). As N approaches infinity the roots 
approach the diagonal elements. In the pure crystal, 
each root is doubly degenerate. The degeneracy is 
removed in the disordered solid solution. This result
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was also observed by Faulkner.9 Although ykk> (the 
measure of the deviation of Hkk> from zero) is dependent 
on k and k', this dependence is slight if ]eAS — «a| arid 
|«bs —  cb] are large compared to the intermolecular 
interaction energies. This is the situation that actually 
occurs in molecular crystals.

Concentration Dependence
The separation of the band edge from the ground 

state and the band width are, in general, quadratic 
functions of concentration (eq 5 and 6). The theory 
does allow, however, for a linear dependence of the 
band edge on composition. This occurs, in particular, 
if

F 8 J? T? 8 J? _AA F  A A  i "  B B  " "  f B B  “

F t? 8 j? j? 8AB F  AB  i &  BA F  BA

and

„  G a a  +  G bb
Gab -  2

This treatment can be readily extended to three- 
dimensional systems and to considerations of the 
Davydov splitting. Nothing can be said at present 
about selection rules since k has no group theoretical 
significance.
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The Conductance and Association Behavior of the Alkali Metal 

Perchlorates and Tetraphenylborides in Anhydrous Acetonitrile

by Robert L. Kay,1 Brian J. Hales, and G. P. Cunningham
M ellon  Institute, Pittsburgh, Pennsylvan ia  15218 {Received M a y  8, 1967)

Equivalent conductances of the alkali metal perchlorates and tetraphenylborides (PhtB) 
in anhydrous acetonitrile at 25° are reported. The lithium salts were too unstable or too 
hygroscopic for precise measurements, although an estimated ionic mobility for the Li+ 
ion is reported. All the perchlorates show some ion pair association, whereas the tetra
phenylborides are all completely dissociated with the possible exception of cesium. The 
limiting ionic conductances, obtained from a Fuoss-Coplarr split for this solvent, are 
compared to similar data for methanol and ethanol solutions. For very large ions, the 
conductance-viscosity products are about the same. For ions of intermediate size, the 
dipole moment and size of the solvent molecules appear to be the mobility-determining 
factors, whereas for small ions, the relative acid-base strength of the solvent molecules 
rather than their dipole moments appears to be the important factor.

Introduction
Preliminary transference measurements carried out 

in this laboratory indicate that the Fuoss-Coplan split2 
for ionic conductances is approximately correct for 
acetonitrile solutions. This split is based on the as
sumption that both large ions of triisobutylammonium 
tetraphenylboride (i-BmNPlnB) have the same 
equivalent conductance equal to 58.13. However, 
on this basis, it was very difficult to explain the rather 
high conductances for the alkali metal ions obtained 
from the data of Mine and Werblan3 after recalcula
tion4 to bring the conductance parameters into con
formity with the Fuoss-Onsager theory.6 Further 
evidence that these data are too high can be obtained 
from recent results for K I6 and B uN I4 that give A0(K+) 
=  84.1 compared with Mine and Werblan’s value of
101.9. Owing to this exceedingly large discrepancy, 
we remeasured the alkali metal perchlorates in aceto
nitrile at 25° and include the tetraphenylborides as a 
check.

Experimental Section
The complete apparatus, with the exception of the 

salt cup dispensing device, and general techniques used 
for these measurements have been described adequately 
in a previous publication.4 The absolute temperature

was set within 0.003° by a platinum resistance ther
mometer. An improved salt cup dispensing device7 
for the introduction of salt samples to the cell without 
exposing the cell contents to the atmosphere is shown 
in Figure 1. With the exception of the Teflon disks, 
C and D , and the metal pins, A  and B, it can be con
structed entirely of Pyrex glass by a glassblower, thereby 
eliminating all epoxy seals between Lucite and glass. 
Such seals were found to be the source of leaks and 
cracks in the older design owing to the different coef
ficient of expansion of glass, Lucite, and epoxy resin. 
By lubricating the large 60 /50  standard taper joint,8 
the top Teflon disk can be rotated relative to the disk D  
which is restrained by one of the pins B. This permits

(1 ) T o  w h om  all corresp on d en ce  sh ould  b e  addressed.
(2 ) M . A . C op la n  and  R . M . F uoss, J . P h y s . Chem ., 68 , 1181 (1964).
(3 ) S. M in e  and L . W erb la n , Electrochim . A cta , 7 , 257 (1962).
(4 ) D . F . E vans, C . Z a w oysk i, an d  R . L . K a y , J . P h ys , Chem ., 69, 
3878 (1965).
(5 ) R . M . F u oss and  F . A cca scin a , “ E le ctro ly tic  C o n d u cta n ce ,”  
In terscien ce  P ublishers, In c ., N ew  Y o rk , N . Y ., 1959.
(6 ) G . J. Janz, A . E . M a re in k ow sk y , and I. A h m ed , Electrochim . 
A cta, 9 , 1687 (1964).
(7 ) J. L . H aw es and  R . L . K a y , J . P h ys . Chem ., 6 9 , 2420 (1965).
(8 ) A n  error in  the d ra w in g  o f th e  earlier m od e l sh ou ld  b e  n oted  in  
our p rev iou s  p u b lica tion .7 T h e  large 5 5 /5 0  standard  ta p er  jo in t  is 
slanting in  the  w ron g  d irection .
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Figure 1. An improved salt cup dispensing device.

the eight openings in C to be brought into line in suc
cession with the single opening in D. The tungsten pins, 
B and D, are sealed into the glass, while the copper 
pin, A, fits tightly into C but loosely into a short sec
tion of glass tubing sealed into the underside of the top. 
In later models the metal pins B have been replaced 
by glass tubing for greater stability. Further de
tails concerning the salt cups and their manipulation 
can be found in the original publication.7 It should be 
added here, however, that no problem of splashing 
has been encountered nor has loss of salt from the cups 
been detected even in the case of extremely fluffy 
crystals. One further improvement has been the re
placement of nitrogen by argon as the flushing gas.

The tetraphenylborides were prepared by adding 
the appropriate alkali halide to NaPh4B (Fisher Scien
tific) in aqueous solution. The resulting precipitate in 
each case was dissolved in acetone and reprecipitated 
by water eight to ten times or until successive runs gave 
the same results. The salts were not hygroscopic and 
were dried in a vacuum oven at 60-80°.

LiCIO4 (K & K), NaClOj, and KCIO4 (Fisher) were 
purified by precipitation both from a minimum 
amount of ethyl acetate by ethylene dichloride and from 
acetone solution by the addition of chlorobenzene.

RbClO.i and CsC104 were prepared by precipitation by 
adding NaC104 to a solution of the corresponding 
chlorides in anhydrous methanol and were recrystal
lized eight to ten times from a water-methanol mix
ture, 1:1 by volume. All the perchlorates were dried at 
200° in a vacuum oven. The purification of the sodium 
salt was most difficult owing to its limited solubility and 
extreme hygroscopic nature. All the perchlorates were 
handled in a drybox and weighed in capped weighing 
bottles. 9 We were unable to dry LiClCR sufficiently so 
as to obtain constant results (see following section).

Reagent grade acetonitrile was further purified by 
the Coetzee method10 to give a product well below 
1 X 10“ 3 M  in water content.
Results

The measured equivalent conductances for the alkali 
metal perchlorates and tetraphenylborides are given in 
Table I. In these measurements, the solvent specific 
conductance varied between 3 and 8  ohm“ 1 cm-1. 
The solution density increments were obtained from 
density measurements on the most concentrated solu
tion studied in each case and amounted to 0.12-0.19 
and 0.09-0.19 g/ml mole kg of solution for the tetra
phenylborides and perchlorates, respectively. All salts 
were recrystallized between the two runs recorded for 
each salt in Table I.

Owing to the considerable disagreement found in the 
literature for the physical properties of acetonitrile at 
25°, we have measured the density, viscosity, and di
electric constant with considerable care and obtained 
0.7767 g ml“1, 0.3412 cp, and 35.95, 11 respectively. 
This value of the viscosity was the average obtained 
from measurements11 using Ubbelohde- and Fenske- 
type viscometers. 12 The viscometer constants measured 
were reproducible to 0.05% using as calibrating liquids12 

m-decane, 17/p = 0.1175 cstokes; n-hexane at 25°, 77/ p = 
0.4496 cstokes; and n-hexane at 10°, 77/p = 0.5132 
cstokes. These liquids provided a 2.5 variation in flow 
time and n-hexane at 25° has almost the same flow time 
as acetonitrile. No kinetic energy correction was re
quired. 13

The conductance parameters and the standard de
viation of the individual points, trA, in Table II for all the
(9) R. L. Kay, C. Zawoyski, and D. F. Evans, J. Phys. Chem., 69, 
4208 (1965).
(10) J. F. Coetzee, G. P. Cunningham, D. K. McGuire, and G. R. 
Padmanabhan, Anal. Chem., 34, 1139 (1962).
(11) G. P. Cunningham, G. A. Vidulich, and R. L. Kay, J. Chem. 
Eng. Data, 12, 336 (1967).
(12) Cannon Instrument Co., State College, Pa.
(13) A calibration with water at 25° gave viscometer constants that 
were almost 1.5% lower owing presumably to the need for a surface 
tension correction. This difference points out the care which must 
be exercised in measuring viscosities of liquids.
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Table I : Measured Equivalent Conductances in Acetonitrile at 25°

KMC A 104C A kmc A m e A
, N aH IO , T ^n in .- ■ OsOiA/4"

4 .1 3 8 1 7 2 .1 4 7 .1 7 7 1 7 5 .6 5 5 .7 9 6 1 7 8 .6 0 1 0 .8 0 9 1 7 5 .1 5
9 .7 6 0 1 6 7 .5 5 1 3 .8 1 7 1 7 0 .6 2 1 3 .8 8 5 1 7 1 .8 2 1 7 .7 0 6 1 7 0 .2 4

1 5 .0 5 1 1 6 4 .4 3 2 1 .7 7 7 1 6 6 .1 6 2 0 .7 6 0 1 6 7 .5 8 2 4 .3 3 7 1 6 6 .4 0
2 0 .8 5 8 1 6 1 .5 9 2 8 .4 3 2 1 6 3 .0 0 2 7 .2 3 3 1 6 4 .3 1 2 9 .8 7 1 1 6 3 .6 3
2 6 .1 7 0 1 5 9 .4 2 3 9 .5 5 5 1 5 8 .6 3 4 0 .9 2 5 1 5 8 .4 7 3 5 .2 6 7 1 6 1 .1 8
3 2 .4 8 9 1 5 7 .1 7 4 8 .0 7 9 1 5 5 .7 7 4 8 .7 2 7 1 5 5 .7 6 4 2 .0 5 9 1 5 8 .4 2
3 8 .6 4 9 1 5 5 .1 8 5 6 .4 7 1 1 5 3 .2 4 4 7 .5 1 4 1 5 6 .4 3

5 .5 9 1 1 7 0 .8 9 9 .7 7 2 1 7 3 .5 7 6 .3 3 1 1 7 8 .0 6 5 .4 8 4 1 8 0 .1 9
1 0 .3 7 8 1 6 7 .1 9 1 6 .5 6 0 1 6 9 .0 0 1 4 .1 4 0 1 7 1 .7 1 1 1 .7 9 8 1 7 4 .3 3
1 5 .0 6 0 1 6 4 .3 3 2 6 .0 3 2 1 6 4 .1 2 2 0 .9 5 9 1 6 7 .5 6 1 8 .4 9 2 1 6 9 .7 5
1 9 .7 7 6 1 6 1 .9 0 3 4 .2 2 6 1 6 0 .6 3 2 7 .4 3 5 1 6 4 .3 5 2 5 .3 6 3 1 6 5 .8 8
2 9 .8 5 7 1 5 7 .7 5 4 3 .9 4 2 1 5 7 .1 2 3 4 .5 7 0 1 6 1 .2 3 3 0 .4 3 4 16 3 .41
3 5 .0 5 5 1 5 5 .8 9 5 3 .7 9 8 1 5 4 .0 7 4 2 .4 5 1 1 5 8 .2 0 3 8 .9 0 8 1 5 9 .7 6

6 2 .0 0 1 1 5 1 .7 6 4 9 .3 9 6 1 5 5 .8 0 4 6 .6 6 3 1 5 6 .8 3
, . N a P h .R .TfPVi ,P_ P K P h  ,Pi \ i  114.1J ' IvUI 1I4I) s v b i  xi4JL>'

5.381 127.53 9.774 131.69 3.126 137.86 4.701 137.77
12.317 124.18 14.886 129.70 6.672 135.36 9.345 134.57
18.798 122.05 20.403 128.04 10.570 133.38 13.772 132.26
25.663 120.26 26.037 126.62 13.950 131.99 18.387 130.29
30.936 119.10 32.006 125.34 17.910 130.62 23.725 128.32
37.528 117.80 37.321 124.32 21.004 129.69 29.535 126.44
44.656 116.58 42.680 123.41 24.825 128.65 33.663 125.24
52.966 115.34 27.904 127.88 38.292 124.00
5.277 127.66 5.119 134.39 3.797 137.13 4.299 138.00

11.927 124.38 9.735 131.86 8.124 134.36 9.062 134.66
18.733 122.10 14.062 130.18 12.347 132.45 13.860 132.15
24.522 120.57 18.878 128.68 17.023 130.78 18.595 130.11
32.052 118.90 24.339 127.23 21.368 129.45 22.896 128.52
37.970 117.77 29.666 126.01 25.469 128.34 27.002 127.11
43.806 116.77 35.501 124.86 30.014 127.26 32.341 125.51
49.713 115.87 34.573 126.27 36.819 124.27

perchlorates and for the second entry for CsPh4B 
were obtained from the Fuoss-Onsager theory5 in the 
form
A = A0 -  S (C 7 )V! +  E C y  log C y  +

(J -  B k«)C y -  K AC y k P  (1)
The remaining entries were obtained from eq 1 by as
suming complete dissociation and setting y  = 1 and 
K a = 0. The parameters were obtained from a com
puterized least-squares analysis of the unweighted 
data. A good approximation for the viscosity B  coef
ficients for the tetraphenylborides was obtained by 
assuming an equal split for both ions in Bu4NPh4B 
as reported by Tuan and Fuoss.14 This leads to a 
value of B  =  0.7 for all the tetraphenylborides after 
small allowance is made for the cations. The only 
change resulting from this correction is an increase in & 
of only 0.2, which is almost negligible. In light of this,

the smaller viscosity correction for the perchlorates was 
assumed to be negligible.

For acetonitrile at 25°, the constants a, ¡3, Ei, and E 2 
are equal to 0.7374, 233.6, 5.473, and 253.9, respec
tively, where S =  aA0 +  13 and E  = EiA0 — E 2. The 
change in a per unit change in J  can be estimated from 
d.J/da, which varies between 430 and 490 for the per
chlorates and between 310 and 380 for the tetraphenyl
borides.

The association of the perchlorates is evident from the 
definite curvature of the A' plots shown in Figure 2, 
where A' is given by
A' == A -  A* +  SC Vi -

E C  log C = (J  -  BA0)C  (2)
The value of A0 used in Figure 2 was that obtained from 
an application of eq 1 to the data. The excellent
(14) D. F. Tuan and R. M. Fuoss, J. Phys. Chem., 67, 1343 (1963).
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Table II: Conductance Parameters for Acetonitrile Solution at 25°

S a l t Ao à K k °A. J — BAo

NaC104 180.32 ±0 .03 3.7 ±  0.2 9 ±  1 0.02 1980
180.63 ±0 .07 3.7 ± 0 .4 11 ±  2 0.03 1965

KC104 187.41 ±0 .06 3.0 ± 0 .2 13 ±  1 0.03 1710
187.52 ±  0.05 3.1 ± 0 .1 14 ±  1 0.02 1750

RbC104 189.55 ±  0.08 3.2 ±  0.3 19 ±  1 0.04 1860
189.49 ±0 .09 3.4 ±  0.3 19 ±  1 0.04 1920

CsC104 190.98 ±0 .04 3.0 ± 0 .1 20 ± 1 0.01 1760
191.08 ±0 .06 3.5 ±  0.2 23 ±  1 0.03 1980

NaPh4B 135.4 ± 0 .1 5.1 ± 0 .1 0.09 1940
135.4 ± 0 .1 5.2 ± 0 .1 0.07 1940

KPhJB 141.79 ±0 .06 5.5 ± 0 .1 0.06 2120
141.84 ±0 .05 5.7 ± 0 .1 0.06 2191

RbPh4B 143.86 ±0 .03 5.3 ±  0.06 0.03 2080
143.72 ±0 .05 5.2 ±0 .07 0.06 2060

CsPhJB 145.38 ±  0.02 2.8 ±  0.02 0.02 1200
145.31 ±0 .02 2.8 ±0 .01 0.02 1200

CsPIuB 145.47 ±0 .02 3.3 ±  0.1 2.7 ± 0 .6 0.02 1400
145.36 ±0 .02 3.1 ± 0 .1 1.7 ±  0.6 0.01 1320

J ____i_____I___ i_____ I____i_____I___ i_____ I____i_____L_
10 20 30 40  50 60

,104C

Figure 2. Plots of eq 2 for the alkali metal 
perchlorates in acetonitrile at 25°.

linearity of the tetraphenylboride A' plots shown in 
Figure 3 indicates complete dissociation of these salts. 
However, the lower A' values for CsPh4B as reflected 
in the lower d values in Table II suggested this salt 
may be associated to some extent, although the amount 
of curvature in the A' plot is small. An analysis by the 
Fuoss-Onsager eq 1 seemed to confirm this, as is shown

by the bottom entry in Table II. Although the slight 
curvature in the A' plot for this salt might be experi
mental error, the decrease of three conductance units in 
A' compared to the other tetraphenylborides at the 
highest concentration is far too large to be attributed 
to any error in the measurements. If the A' plot for 
CsPh4B is made to coincide with those for the other 
tetraphenylborides (d =  5.3), the much larger associa
tion constant, K a = 12, would be required, indicating 
significant association into ion pairs.

The average A0’s for the various salts are given in 
Table III along with the cation limiting conductances. 
The latter were obtained from X0(ClO4_) = 103.8 ±
0.2 and X0(Ph4B~) = 58.1, which in turn are based on

Table III: Limiting Salt and Cation Conductances in 
Acetonitrile at 25°

S a l t Ao Xo +

NaC104 180.4 76.6
NaPh4B 135.4 77.3
KC104 187.5 83.7
KPh4B 141.8 83.7
RbC104 189.5 85.7
RbPh4B 143.8 85.7
CsC104 191.0 87.2
CsPhiB 145.4 87.3
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Figure 3. Plots of eq 2 for the alkali metal 
tetraphenylborides in acetonitrile at 25°.

the Fuoss-Coplan split2 (see above) and known con
ductances for two perchlorates.15 Considering the 
difficulties encountered with the hygroscopic perchlo
rates and the difficulties encountered in purification, the 
agreement in X0+ is better than expected and the checks 
with both Janz’s value6 of X0 (K+) = 84.1 and Popov’s16 
X0 (Na+) = 76.1 are as good as is to be expected. How
ever, the Ao values reported here are all considerably 
lower than those reported by Mine and Werblan,3'4 
the differences being 10.8, 18.3, 11.9, and 13.5 units in 
A0 for the Na, K, Rb, and Cs salts, respectively. They 
prepared their salts by the addition of perchloric acid 
to the appropriate chloride followed by heating to 
eliminate HC1. Since HC104 is the only strong acid in 
acetonitrile, its occlusion could have led to their high 
results.

We attempted to measure the lithium salts of these 
two anions without success. LiPh4B was far too un
stable in acetonitrile for accurate measurements and 
LiCICh was too hygroscopic to obtain free of water. 
Repeated recrystallizations of LiClCR resulted in a

continuously increasing A0 and ali that can be stated is 
that X0(Li+) > 69.17
Discussion

In a previous work,4 we established that the as
sociation of the tetraalkylammonium halides in aceto
nitrile was controlled primarily by direct coulombic 
interaction on an ionic size basis. The larger the 
crystallographic radii of the ions involved, the smaller 
the degree of association. In contrast, the alkali metal 
perchlorates show the reverse behavior, namely, a slight 
increase in association as the cation crystallographic 
radii increase. This is the same behavior found in 
methanol,18 ethanol-water,7 and dioxane-water,19 sol
vents in which the alkali metal cations are known to be 
extensively solvated. In acetonitrile, consequently, the 
association behavior of alkali metal salts appears to be 
governed on the one hand by the degree of solvation 
of the cations and on the other hand by the size of the 
anions involved. Size is the important factor in the 
case of the anions owing to the general lack of solvation 
of even small anions by acetonitrile. The tetraethanol- 
ammonium halides are an exception to the rule since 
they are extensively associated20 owing to the inability 
of acetonitrile to solvate a hydroxyl group as a result 
of its poor acid-base properties.

In Figure 4, the limiting Walden products for the 
alkali metal, the halide, the tetraalkylammonium, and 
the perchlorate ions in acetonitrile, methanol, and eth
anol at 25° are plotted as a function of the reciprocal 
measured or estimated crystallographic radii. Refer
ences to the data and to the precise transference num
bers on which the split into ionic conductances is based 
have already been tabulated in a previous publication21 
except for the perchlorate ion.15 16 17 18 19 20 21'22

The conductance-viscosity product for the large 
B u 4X +  ion is approximately the same in the three sol-

(15) J. F. Coetzee and G. P. Cunningham, J. Am. Chem. Soc., 87, 
2529 (1965).
(16) A. I. Popov and R. E. Humphrey, ibid., 81, 2043, (1959). Only 
Ao was reported for NaPluB. Their reported data for acetonitrile 
solutions indicate a precision of ±0 .4  A unit when fitted by the 
Fuoss-Onsager theory.
(17) One of the referees pointed out that our estimate is confirmed 
by recent data for LiC104 in acetonitrile reported by F. Accascina 
[Ric. Sci. Rend., 7, 556 (1966)], who obtained Xo(Li+) =  69.2 and 
K A(LiC104) =  4.
(18) R. L. Kay and J. L. Hawes, J. Phys. Chem., 69, 2787 (1965).
(19) T. L. Fabry and R. M. Fuoss, ibid., 68, 971 (1964).
(20) G. P. Cunningham, D. F. Evans, and R. L. Kay, ibid., 70, 3998 
(1966).
(21) R. L. Kay and D. F. Evans, ibid., 70, 2325 (1966).
(22) E. D. Copley and H. Hartley, J. Chem. Soc., 2488 (1930); 
M. Barak and H. Hartley, Z. Physik. Chem. (Leipzig), 165, 272 
(1933); E. D. Copley, D. M. Murray-Rust, and H. Hartley, Chem. 
Soc., 2492 (1930).
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Figure 4. Limiting ionic conductance-viscosity 
products for cations and anions in methanol, 
ethanol, and acetonitrile at 25°.

vents; but as the size of the R4N+ ions decreases, large 
differences in this product result. The ions are rela
tively more mobile in methanol and in ethanol than in 
acetonitrile. This could be a result of differences in 
solvation owing to the large dipole moment of acetonitrile 
of 4.0 D. compared to 1.7 D. for methanol and eth
anol.23 The difference between ethanol and methanol 
could be attributed to the larger size of the ethanol 
molecule. The most interesting fact evident in Figure 
4 is the crossover that occurs for acetonitrile solutions 
as the size of the cations decreases further. The alkali 
ions with the smallest crystallographic radii have larger 
Walden products in acetonitrile than in the two alco
hols, whereas the difference between the two alcohols 
remains about the same. This crossover cannot be the 
result of a solvation effect based to any great extent 
on the dipole moment of the solvent, but this behavior 
could be attributed to the less predominant basic prop
erties of acetonitrile compared to the alcohols. Thus, 
it appears that as the cations become small, the avail
ability of a free electron pair in the solvent molecule 
determines solvation effects to a great extent. In 
methanol, the interaction between a small cation and 
the free electron pairs of the oxygen is greater than in

acetonitrile, resulting in more solvation and, conse
quently, lower mobilities in methanol solutions. As the 
size of the cations increases and the distance of closest 
approach of cation and solvent molecule becomes 
greater, the charge-dipole interaction predominates and 
the crossover in the Walden product curve results.

Identical behavior is exhibited by the anion in that 
the halide ions are progressively more extensively sol
vated as their size decreases by the relatively strongly 
acidic alcohols but poorly solvated by the weakly acidic 
acetonitrile. The larger perchlorate ion is not affected 
by acid properties of the solvent; but, if at all, its 
solvation sheath is determined by the larger dipole mo
ment of acetonitrile compared to methanol.

Thus, from these results it would appear that the 
degree of solvation of large ions is determined pre
dominantly by the dipole moment of the solvent mole
cules, whereas the degree of solvation of small ions is 
determined predominately by the acid-base properties 
of the solvent molecules. The crossover effect found 
here cannot be explained by a solvent dielectric relaxa
tion effect,24 25 * * as will be discussed in detail in a future 
publication.28
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(23) A. L. McCellan, “ Tables of Experimental Dipole Moments,” 
W. H. Freeman and Co., San Francisco, Calif., 1963.
(24) R. Zwanzig, J. Chem. Phys., 38, 1603 (1963).
(25) After submitting this paper for publication, three papers by 
S. Mine and L. Werblan [Roczniki Chem., 40, 1537, 1753, 1989
(1966)] dealing with the alkali metal perchlorates in acetonitrile 
have come to our attention. They have repeated their earlier 
measurements3 at 25° and now quote substantially lower values of 
Ao that, however, are now from 6 to 8 units lower than our values
given in Table II and in equally poor agreement with the data of
other workers.6’16’ 17 On the other hand, their Xo(Et<N+) is close to 
our value. This suggests that hydration of the alkali metal cations 
produces their lower conductances. Their solvent purification pro
cedure was entirely different than our own. Also, the much higher 
values obtained for the dielectric constant (36.77) and viscosity 
(0.3439 cp) substantiate this conclusion. It should be noted 
also that their data show a change of conductance with concentration 
that is 40% greater than our data. In light of the poor agreement 
in Ao and the possibility of extensive hydration, their association 
constants and the conclusions reached from ".heir temperature de
pendence must be viewed with considerable suspicion.
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Substituent Effects on the Optical Activity of Some Purine Nucleosides1

by Daniel W. Miles, Roland K. Robins, and Henry Eyring
Department of Chemistry and Institute for the Study of Rate Processes, 
University of Utah, Salt Lake City, Utah {Received May 4, 1967)

The circular dichroism of some 3,5'-purine cyclonucleosides of known geometry has been 
calculated and compared to the experimental data. The dipole-dipole interactions among 
electronic transition moments of the base and sugar residue appear to be responsible for 
at least 50% of the observed circular dichroism. Agreement between the calculations and 
experiment is very satisfactory when an explicit assumption regarding the ir -*■ t * mag
netic moment is made. The theory used accounts for the substituent effects observed for 
the 3,5'-purine nucleosides and provides a basis for the understanding of certain trends in 
the optical rotatory dispersion of ordinary purine ribonucleosides. Moreover, the experi
mental results indicate that sugar-base interactions in the rigid systems can give rise to 
rotational strengths of the same order of magnitude as those observed for dinucleoside 
phosphates.

I. Introduction
In a previous paper2 we reported the optical rotatory 

dispersion (ORD), circular dichroism (CD), and ab
sorption properties of some naturally occurring ribo
nucleosides and related derivatives and identified the 
type of electronic transition ( 71- - » -  7r* or 7 7 -»- 77-*) 
responsible for the observed Cotton effects. The re
sults on some 3,5'-purine cyclonucleosides of fixed con
formation with different substituents at C-2 and C-6 
(see Figure 1 for numbering system) were of particular 
interest. The signs and magnitudes of the B2u, Biu, and 
Eiu Cotton effects were found to be quite sensitive to the 
type of substituent at these sites. This paper is an 
attempt to calculate the rotational strengths of the ob
served Cotton effects of these cyclonucleosides and 
hence gain a better understanding of the mechanisms 
that produce the optical activity. There are several 
distinct intramolecular interactions that are currently 
held to be responsible for optical activity3’4 5 and all 
predict substantial changes in the optical rotation when 
the chromophore is altered by chemical substitution. 
The rigid 3,5'-purine cyclonucleosides are more amen
able to quantitative treatment and should provide a 
basis for the understanding of certain trends in the signs 
and magnitudes of the 7r -*■  71* Cotton effects observed 
for ordinary purine ribonucleosides.

Recent attempts to calculate the optical rotation of 
dinucleoside phosphates by including only base-base

interactions via the coupled oscillator mechanism and 
excluding all base-sugar and base-phosphate interac
tions have not been wholly successful.6’6 Our results 
on the 3,5'-purine cyclonucleosides indicate that for 
this conformation the sugar-base interactions can give 
rise to fairly large rotational strengths.
II. Experimental Procedures

Absorption, optical rotatory dispersion, and circular 
dichroism curves were determined, respectively, using 
the Cary Model 14 spectrophotometer, the Cary Model 
60 spectropolarimeter, and a prototype circular di
chroism attachment built by Cary Instruments for the 
Model 60. The prototype CD unit was calibrated 
using the Cary Model 1401 circular dichroism attach
ment for the Model 14. The standard used was an 
aqueous solution of d-10-camphorsulfonic acid (J. T. 
Baker lot N. 9-361) with an cl — «r of 2.2 at 290 m .̂

To ensure against artifacts in the optical rotation
(1) This research was supported by Research Grant GM-12862-02 
from the National Institutes of Health and by Research Grant CA- 
8019-02 from the National Cancer Institute of the National Institutes 
of Health, Public Health Service.
(2) D. W. Miles, R. K. Robins, and H. Eyring, Proc. Natl. Acad. 
Sci. U. S „ 57, 1138 (1967).
(3) J. A. Sehellman, J. Chem. Phys., 44, 55 (1966).
(4) D. J. Caldwell and H. Eyring, Rev. Mod. Phys., 35, 577 (1963).
(5) C. A. Bush and J. Brahms, J. Chem. Phys., 46, 79 (1967).
(6) C. A. Bush and I. Tinoco, J. Mol. Biol., 23, 601 (1967).
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C Y C L O X A N T H O S IN E  C Y C L O G U A N O S l N E  C Y C L O IN O S IN E  CYCLO ADE NOSINE

Figure 1. Structural formulas of the 
3,5'-purine cyclonucleosides studied in this paper.
This figure also displays the numbering system used.

or circular dichroism data concentrations were chosen 
to be well under the instrument’s peak toleration ab
sorbance level of 3.0, and further dilution of each 
sample did not alter the shape of the dispersion or 
circular dichroism curves.

All compounds were made and purified in the labora
tory of Professor Roland K. Robins.7 The values of 
the molecular rotations, [M\, or molecular ellipticity, 
[0], have variable accuracy depending on the signal-to- 
noise ratio encountered. The measurements in the 
regions of high absorbancy have the following accuracy 
ranges: cyclonucleosides, 5-10%; and ordinary non- 
cyclic ribonucleosides, 10-15%.

III. Results
The absorption and circular dichroism for 2',3'- 

isopropylidene-3,5'-xanthosine cyclonucleoside (cyclo- 
xanthosine), 2,,3'-isopropylidene-3,5'-guanosine cyclo
nucleoside (cycloguanosine), 2',3'-isopropylidene-3,5'- 
inosine cyclonucleoside p-tolylsulfonate (cycloinosine), 
and 2,3'-isopropylidene-3,5'-adenosine cyclonucleoside 
p-tolylsulfonate (cycloadenosine) are given in Figures 
2-5.8’9 Structural formulas are given in Figure 1. 
Replacement of the tolylsulfonate ion with the iodide 
ion in cycloinosine or cycloadenosine was found to have 
no effect on the optical activity.10 It is most interest
ing to observe that Cotton effects of similar electronic 
origin are quite variable in regards to both magnitude 
and sign. For example, it is interesting to compare 
the CD curve of cycloinosine with the CD curve of 
cycloxanthosine. The effect of removing the keto 
group from the position 2 carbon of cycloxanthosine is to 
reverse the signs of the first three Cotton effects. This 
striking reversal of signs is predicted by our calculations 
in the next section.

Figure 6 displays the ORD of a series of 8-substituted 
guanine nucleosides. All 8-substituted guanine nucleo
sides have an intense absorption band in the 250-260- 
ra/x region. Guanosine and 8-bromoguanosine give 
negative Cotton effects in this region whereas 8-hy- 
droxyguanosine and 8-aminoguanosine give positive 
Cotton effects. An explanation of these substituent 
effects will be given in section VI.

Figure 2. The circular dichroism and absorption
curves of 2',3'-isopropylidene-3,5'-xanthosine cyclonucleoside
(cycloxanthosine) in aqueous solution at pH 7.

Figure 7 reports the ORD of some 6-substituted 
purine nucleosides and Figure 8 gives the ORD of some 
8-substituted adenine nucleosides. Although the sign 
of the long-wavelength Cotton effect is negative for all 
6-substituted purine nucleosides and 8-substituted 
adenine nucleosides, interesting changes in the mag
nitude of this Cotton effect are observed. These re
sults will be discussed in more detail in section VI.

IV. Theory
If one assumes isolated groups interacting through

(7) R. E. Holmes and R. K. Robins, J. Org. Chem ., 28, 3483 (1963); 
R. E. Holmes and R. K. Robins, ibid., 8 6 , 1242 (1964); R. E. Holmes 
and R. K. Robins, ibid., 87, 1772 (1965).
(8) The circular dichroism reported in Figures 2-5 is somewhat less 
than the circular dichroism previously reported in ref 1, owing to the 
calibration procedure discussed in the Experimental Section.
(9) Reference 2 should be consulted for justification of the band 
assignments. The B2U, Biu, and Eiu transitions are found not only 
in the spectra of benzene and its derivatives, but also in the class of 
polynuclear aromatic hydrocarbons known as the catacondensed 
hydrocarbons (naphthalene, for example) (see P. E. Stevenson, J. Chem. E duc., 41, 234 (1964), and references cited therein) and in 
the nucleic acid bases (see also L. B. Clark and I. Tinoco, J. A m . 
Chem. Soc., 87, 11 (1965)).
(10) The ORD of 2 ',3 '-isopropylidene-3,5'-cycloadenosine iodide 
has been previously reported by T . R. Emerson, R. J. Swan, and 
T. L. V. Ulbricht, Biochem . B ioph ys. R es. C om m un., 22, 505 (1966). 
They reported a positive Cotton effect for this compound in the 
260-m/i region. We have discovered that this compound decays 
in a matter of days unless the solution is buffered on the acidic side. 
The ORD curve of the decomposed product resembles the curve 
reported by Ulbricht, et at.
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Figure 3. The circular dichroism and absorption 
curves of 2',3'-isopropylidene-3,5'-guanosine 
cyclonucleoside (eycloguanosine) in aqueous solution at 
pH 7 and 1. The pH effect is discussed in ref 2.

Figure 4. The circular dichroism and absorption 
curves of 2',3'-isopropylidene-3,5'-inosine 
cyclonucleoside p-tolylsulfonate (cycloinosine) in 
aqueous solution at pH 7. A rough resolution of 
the absorption curve is given by the dotted lines.

space and applies first-order perturbation theory to the 
appropriate zeroth-order wave functions in conjunction 
with the Rosenfeld11 equation

2 y , R a ___ 2̂  y-i J hoa-maq
a  E o a2 -  V2 ~ 3 r  a  “  E o a2 -  F 2 (1)

one obtains12

R A  — Ini fJ. iOa ■ Tit iilO

F iOa ;jOb(/UiOa- WtjbO»a +  MiOb ’ WliaO„b)—2 J2 2Z Im
b=̂ a

— S  Im
j^ i  b?^a

-  E  E Im
j ^ i  b=^a

Im
j î

h ( v b 2 — ra2)
Fiab;jOo(iliOa‘ WibO +  ¿tiOb ’ Wliao) 

h ( v  b — r&)

F iOb;jOo(lliOa * Wiab +  /liab - Iftiao)
h v  b

F i0a;j0o(/liaa ~  /liOoj'WIiaO 
h v &

2IT Fi0a;jObi.a»*b(It'j I f  i)  * MjOb/UiOa)
c  ^ ( ^ b 2 — Pa2)

(2a)

(2b)

(2c)

(2d)

(2e)

(2f)

in which the basic intramolecular interactions re
sponsible for optical activity such as the coupled oscil
lator effects13’14 and the one-electron effect15 arise as 
terms. In eq 1 and 2, Ra is the rotational strength of 
the Ath transition in the molecule; ¿¿o a , t o a o  are the 
electric and magnetic dipole moments of transitions 
in the molecule as a whole; no&, »fob, wiao wibo are elec
tric and magnetic dipole moments of transitions in 
individual groups; va, vb are the group transition fre
quencies; FiOa;job, etc. =  ./VioiAiaii’joii'jbFijd^idvi'i; and 
Fij is the interaction between groups i and j.

In eq 2, term 2a is seen to measure the partial rotation 
of a transition in an isolated group and is zero in the 
nucleosides since these molecules can formally be 
divided into groups having inversion and reflection 
symmetry elements. Term 2b arises from the inter-

(11) L. Rosenfeld, Z. Physik, 52, 161 (1928).
(12) I. Tinoco, Advan. Chem. Phys., 4, 113 (1962).
(13) J. G. Kirkwood, J. Chem. Phys., 5, 479 (1937).
(14) L. L. Jones and H. Eyring, Tetrahedron, 13, 235 (1961).
(15) W. J. Kauzmann, J. E. Walter, and H. Eyring, Chem. Rev., 3, 
339 (1940).
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X(m/±)

Figure 5. The circular dichroism and absorption curves of 
2',3'-isopropylidene-3,5'-adenosine cyclonucleoside 
p-tolylsulfonate (cycloadenosine) in aqueous solution at pH 7.

action of an electric dipole transition in one group with 
a magnetic dipole transition in another. Bush and 
Brahms16 have recently used this term to help explain 
the optical activity of some dinucleoside phosphates. 
In their treatment they assumed that the magnitudes 
of the 7r —> tt* magnetic transition moments are of the 
order of 0.1 BM. In the cyclonucleoside systems we 
have found that the interaction of a magnetic moment of 
this magnitude with the electric dipole transitions of 
the sugar residue contributes only about 10% of the ob
served rotation. We will discuss this term in more de
tail later.

Terms 2c and 2d are due to the mixing of parallel 
or antiparallel components of the electric and magnetic 
dipole transitions within the same group. These are 
the one-electron terms where it is the function of the 
static field of the disymmetrically arrayed vicinal 
groups to add in the conjugate transition moment. 
There are several reasons why the one-electron terms 
may make substantial contributions to x -*  ir* rota
tional strengths. In the first place, Schellman17 has 
shown that the optical rotation induced by the static 
mechanism should be relatively larger for chromophores 
of low symmetry such as the nucleic acid bases. Sec-

240 260 280
X(m/x)

Figure 6. The optical rotatory dispersion of a series of 
8-substituted guanine nucleosides in aqueous solution at pH 7.

ondly, the n -*■ x* transitions in the nucleic acid bases 
can provide the prerequisite in-plane magnetic mo
ment, m ¡bo, of term 2c. Moreover, as a consequence of 
the fact that there are n —> x* and t —*■ x* transitions 
lying in approximately the same region of the spectrum 
(ca. 260 mu), the denominator of term 2c will be quite 
small. Nevertheless, since there is no simple way to 
estimate the contribution of the one-electron terms they 
have been neglected in this treatment. Term 2e is 
usually neglected owing to the large denominator, h/, 
and the smaller interaction matrix element, Vioa;joo.

Term 2f accounts for the dynamic coupling mecha
nism of Kuhn and Kirkwood.18 This term is expected 
to be large for transitions with large electric dipole 
moments such as the x —► x* transitions in the base 
chromophores.

V. Application of Theory to 
3,5'-Purine Cyclonucleosides

What we propose to do in this study is to evaluate

(16) See ref 4.
(17) J. A. Schellman, J. Chem. P h y s 44, 55 (1966).
(18) W. Kauzmann in “ Quantum Chemistry,”  Academic Press Inc., 
New York, N. Y ., 1957, Chapter 15.
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X(m/i)

Figure 7. The optical rotatory dispersion of a series of 
6-substituted purine nucleosides in aqueous solution at pH 7.

X ( m f t )
Figure 8. The optical rotatory dispersion of a series of 
8-substituted adenine nucleosides in aqueous solution at pH 7.

terms 2 b and 2 f and compare the results with the 
measured rotational strengths of the tt -*■ r* Cotton 
effects. In this manner we can gauge the importance of 
the coupling mechanisms in the optical activity of ribo- 
nucleosides. Poor comparison between theory and 
experiment would emphasize the importance of the one- 
electron effects.

Approximate expressions for terms 2b and 2f are given 
below.

#A(2b) =  — -̂------ jUiOam iao(a!33 — an)j(?ij —erei
j*i v02 — vT2 ..3ÏJ

(3 )

R a™  =  E
7T V&V0*

C V02 ~  V&2

G i j  6 i ’ 6j

Mi0a2(«33 O i n ) j G i j
Ci6j * T i j

i" ,.3'll
(4 )

3(r ij • êi)(r u -êj)

The derivation of eq 3 is given in the Appendix of this 
paper while the derivation of eq 4 is found in ref 5 or
1 2 . In eq 3 and 4 ej is the unit vector in the direction 
of the symmetry axis of group j ; ei is the unit vector 
in the direction of the electric dipole moment, pi0a, of 
the transition 0  to a in group i, and ra is its frequency;

e\ is a unit vector in the direction of ?rimo (perpendicular 
to the base plane); a33 and an are the electronic 
polarizabilities at zero frequency parallel and perpen
dicular to the symmetry axis of group j and can be 
approximated by the Na d  line values; r  ¡j is the dis
tance from group i to group j ; and v0 can be approxi
mated by a frequency midway between the first 
absorption band in group j and its ionization fre
quency.

In application of eq 3 and 4 we prefer to use bond 
instead of group polarizabilities as the effect of molec
ular geometry can be better taken into account with 
this approach. The bond polarizabilities, the wave
length of the first absorption band, and the ionization 
frequency of the bonds in the sugar residue are given 
in Table I. It is noted that the C -H  bond contributes 
very little to the rotation since this bond is isotropic. 
The atomic coordinates of the sugar residue are given 
in Table I I 19 and the ej and vectors based on these 
coordinates are given in Table III. The coordinates 
are to be referred to the primed coordinate system given

(19) The atomic coordinates are taken from the X-ray data of J. Zussman, Acta Cryst., 6, 504 (1953), on cycloadenosine. The coordinates are assumed to be applicable to the other S.S'-purine 
cyclonucleosides.

V olum e  7 1 , N um ber  12  Novem ber  1967



3936 Daniel W. Miles, Roland K. Robins, and Henry Eyring

Table I: The Polarizabilities, Wavelength of the First
Absorption Band, and Ionization Frequency of the Bonds 
in the Ribose Residue of the Cyclonucleosides

«33° X <m° X Xmax.k Mon,C n *  X
Bond 10 +M CC 10 +« CC A A 10_l5 Bec-:

c - c 1.02 0.27 1470 980 2.3
C-H 0.63 0.63 1250 940 2.7
C-OC 0.89 0.46 1900

1700
1150 2.0

° R. J. W. LeFevre and C. G. LeFevre, J. Chem. Soc., 3549 
(1956); R. J. W. LeFevre, A. Sundaram, and R. K. Pierens, 
ibid., 479 (1965); M. Aroney and R. J. W. LeFevre, ibid., 3002 
(1958). b L. W. Pickett, M. Muntz, and E. M. McPherson, 
J. Am. Chem. Soc., 73, 4864 (1951); P. G. Wilkinson, J. Mol. 
Spectry., 6, 1 (1961). c F. A. Matsen in “Technique of Organic 
Chemistry,” Vol. IX, W. West, Ed., Interscience Publishers, 
Inc., New York, N. Y., 1956, pp 657-659. d n is approximated 
by a frequency midway between the first absorption band in 
group j and its ionization frequency.

Table II : Atomic Coordinates for the 
3,5'-Purine Cyclonucleosides

P O S I T I V E  X AND X' ARE DOWN

Figure 9. The primed coordinate system (chosen for 
convenience in using the data of Zussman) is used 
throughout this paper. The polarization angle, y, is 
taken as positive for e\ vectors oriented counterclockwise 
relative to the primed coordinate system.

Atom X V Z

c / 0.15 0.45 3.55
c y -1 .28 0.02 3.72
0/ -1 .90 0.18 4.90
(V -1 .08 -1 .59 3.76

Atom X V Z

0 / - 1 . 8 1 2 .0 4 4 .7 6
Cri 0 .2 3 - 1 . 8 5 3 .3 3
0 / 0 .8 2 - 0 . 6 0 3 .8 6
C5' 0 .5 4 - 2 . 2 8 1 .8 8
C6' - 1 . 9 7 - 0 . 9 0 5 .6 6

in Figure 9; the center of the coordinate system was 
taken as the center of positive charge of the chromo- 
phore.

The transition frequencies, vn, and the dipole 
strengths, ¿uoa2, have been estimated from the absorp
tion curves as accurately as possible by using the follow
ing approximate expression20

Mioa2 =  0.92 X  1 0 -38V W  “
Aa

V*

6a° =  maximum value for the molar extinction

Aa =  |Xa -  Xa°| where ea =  ea°
0.368

Similarly the experimental rotational strengths, 
Eoaexptl, can be taken from the expression of Moscowitz 
(see ref 2 0 )

ÄAexPu =  0>696 x  10-42a/ x |0aO]
Xa

where [0a°] is the maximum ellipticity from the CD  
curve. Table IV  contains the calculated dipole 
strengths and i?Aexptl.

VI. Results of Calculation
All the necessary data are thus available for the 

evaluation of terms 2 b and 2 f except for the polariza
tion direction, ei =  j  sin 7  +  k cos 7 , and the sign and 
magnitude of m;ao. The polarization angle, 7 , is de
fined in Figure 9. Several authors have used the ex
pression. 21' 22

j. 2 pC k pC ip?/p
7  =  tan 1 ----------------

2pCkpCip£p
(5 )

In eq 5 CkP and cip stand for the coefficients of the pth 
atomic orbital in the M O’s k and 1, respectively, and z 
and y are the components of the position vector rp of 
the pth nucleus. The use of this method has shown 
that the direction of a particular transition moment is 
quite sensitive to the set of parameter values used. 
Because of the lack of experimental information regard
ing the transition moments and because of our lack of 
complete confidence in eq 5, we have calculated, with 
the aid of a computer, eq 3 and 4 for all possible direc
tions of the êi vector. The results for the B2u transition

(20) C. Djerassi, “Optical Rotatory Dispersion,” McGraw-Hill Book Co., Inc., New York, N. Y., 1960.
(21) H. DeVoe and I. Tinoco, J. Mol. Biol., 4, 518 (1962).
(22) T. A. Hoffman and J. Ladik, Advan. Chem. Phys., 7, 96 (1964
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T able III: The e. Bond Vectors and 7 ¡j Vectors for the 3,5'-Purine Cyclonucleosides

Bond X
c i
y Z X y Z

C i'-O F 0.51 - 0 . 8 2 0 .2 4 0 .5 0 - 0 . 0 8 3 .7 0
C F -C F - 0 . 9 8 - 0 . 2 7 0.11 - 0 . 5 6 0 .2 2 3 .6 3
C F-O F - 0 . 4 3 0 .11 0 .83 - 1 . 5 9 0 .1 0 4 .3 1
C F -C F 0 .1 2 - 0 . 9 9 0 .0 3 - 1 . 1 8 - 0 . 7 9 3 .7 4
C 3' - ( V - 0 . 5 6 0 .3 4 0 .7 6 - 1 . 4 5 - 1 . 8 1 4 .2 6
C F -C F 0 .9 4 - 0 . 1 2 - 0 . 3 1 - 0 . 4 5 - 1 . 7 2 3 .5 5
C F-O F 0.41 0 .8 4 0 .3 6 0 .5 3 - 1 . 2 2 3 .6 0
c f - c 5' 0 .2 0 - 0 . 2 8 - 0 . 9 4 0 .3 8 - 2 . 0 6 2 .6 0
O F -C F - 0 . 0 5 - 0 . 8 2 0 .5 8 - 1 . 9 4 - 0 . 3 6 5 .2 8
O F-C F - 0 . 1 1 0 .7 8 0 .6 2 - 1 . 8 8 - 1 . 4 7 5 .2 0

Table IV : Calculated Contribution of Terms 2b and 2f to the Rotational Strength

r ,° r Scaled X 1040 cgs-------------
Molecule Transition deg ino»2 X  10» 6 cgs Rob X 10“  cgs Term 2f Term  2b

Cycloadenosine B 2U 10 1.63 - 1 2 - 4 .6 - 5 . 7
Biu 145 small positive

predicted“
Eiu 80 1.82 + 2 8 +  13 .0 + 4 . 0

Cycloinosine B 2U 26 0 .3 3 - 1 . 3 0 - 0 . 6 0 - 0 . 7 0
Biu 82 0 .8 2 + 2 .4 0 +  1.00 0 .3 0
Élu 165 large negative large negative

predicted“
Cycloxanthosine Bju 70 1 .10 6 .0 + 3 .0 0 +  1 .0 0

B 2U 20 0 .5 4 - 1 . 0 - 1 . 2 0 - 1 . 3 0
Eiu 115 large positive large positive

predicted“
Cycloguanosine B 2u 5 1 .0 0 - 5 . 5 - 3 . 0 0 - 3 . 6

Biu 80 - 8 . 0 small positive
predicted“

Elu 2 1 .98 - 1 1 . 0 - 7 . 0 - 8 . 0

“ Direction of transition moment from LCAO-MO theory. b The dipole strength, ¿»¡os, and the observed rotational strength, fio*, 
were estimated from the absorption and CD curves. ‘ Prediction based on Figure 9.

of cycloadenosine is given in Figure 10. (Plots for 
other transitions in the cyclonucleosides will differ only 
with respect to magnitudes since the same geometry was 
assumed for these systems.) Figure 10 shows that term 
2b makes a contribution of similar magnitude and 
usually of the same sign for any particular value of y 
if miao = +0.5 BM. Stewart and Jensen2® have found 
two possible transition moment directions for the B2u 
transition of the adenine chromophore consistent with 
the crystal symmetry and dichroic ratio. These direc
tions, in conformity with the convention of Figure 9, are 
— 33 ±  3 or 15 ±  3°. If we take the latter angle for 
the direction of the electric moment of the B2u transition 
and assume that its magnetic moment is 0.5 BM, we 
find that

R b J 2b> =  -5 .7  X 10-40 

RB2m  =  -4 .6  X  lO -40 

Ra =  -1 0 .3  X  10-40

which agrees quite closely with /2B2uexptl =  —12 X 10-40.
For the other transitions we have resorted to the 

LC AO -M O  method (eq 5) to estimate the polariza
tions. Table IV contains the rotational strengths of 
many of the x —► x* transitions as calculated from eq 3 
and 4 (nnao in term 2b was taken as 0.5 B M ). The 
polarization angles, y, were calculated by constructing 
the appropriate secular determinants for each cyclo- 23

(23) R. F. Stewart and L. H. Jensen, J. Chem. Phys., 40 , 2071 (1964).
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Figure 10. The calculated contribution of terms 2b and 2f to 
the rotational strength of the B2u transition of cycloadenosine 
as a function of the direction of the B2u electric transition 
moment. The polarization angle, y, is defined in Figure 9.

nucleoside and solving the determinantal equations 
with the aid of a computer. Ladik’s parameters22 
were used since they were found to give polarizations 
that compare favorably (within 5°) with the results 
of polarized absorption studies on several pyrimidine 
derivatives2 4 -2 6  and because they also give the polariza
tion of the B2u moment of adenine at 1 0 ° (with reference 
to Figure 9). This agrees closely with the 15 ±  3° op
tion of Stewart and Jensen. The polarizations of the 
first three transitions of lowest energy (k —*■ k +  1, 
k-*-k +  2 , fc — 1 -*■ fc +  1 , where k denotes the quantum 
number of the highest filled MO) were determined and 
are labeled B2u, Blu, and Eiu in Table IV.

V II. Discussion

A detailed evaluation of all the terms that might con
tribute to the rotation of compounds as complex as the 
purine nucleosides is very difficult at the present time. 
W e have shown, however, that term 2 f can be evaluated 
by means of eq 4 if the dipole approximation is valid 
for complex and extensive chromophores such as the 
nucleic acid bases and when the direction of the transi
tion moment and the coordinates of the molecule are 
known. For cycloadenosine, where this experimental 
information is available, we have found that term 2 f 
accounts for approximately 5 0%  of the observed rota
tion. Similarly the results given in Table IV  (where the 
LC AO -M O  method was used to find the polarizations) 
show that term 2 f again accounts for about one-half 
of the measured rotation (the only major exception is 
for the Biu band of cycloguanosine) of the 3,5'-purine 
cyclonucleosides.

Evaluation of term 2b also depends on the validity of 
the dipole approximation. For this term we also lack 
experimental information regarding the sign and mag
nitude of miao- By assuming that m ia0 is of the order 
of 0.5 B M , we get a rather remarkable agreement 
(when terms 2 b and 2 f are added) between theory and 
experiment. It is unfortunate that no experimental 
criterion (such as the Kuhn’s anisotropy factor) is 
available to provide information regarding the mag
netic moments of transitions that are both electrically 
and magnetically allowed. Nonetheless, while it is 
more difficult to visualize w -*■ ir* transitions with in
trinsic magnetic moments than, for example, the n —► t * 
transitions, symmetry considerations tell us that 
r —*■ t* transitions in the bases may have large mag
netic moments. Therefore, it does not seem prudent 
to ignore this term altogether. Thus it has been in
cluded here to show the magnitude of the magnetic 
moment required before the magnetic-electric term 
becomes competitive with the Kirkwood term and to 
demonstrate its dependence on the polarization of the 
transitions.

In summary, this paper demonstrates that term 2f 
is very important in the optical activity of nucleosides. 
It shows that term 2b is relevant only if the t -*■ w* 
transition of the bases have relatively large magnetic 
moments. Our study provides little information about 
the importance of the one-electron effects.

These calculations explain the origin of the substitu
ent effects on the optical activity of optically active 
substances containing aromatic-ring chromophores. 
Substituent effects on terms 2b and 2f are best dis
cussed by referring to Figure 10. Chemical substitu
tion on an aromatic-ring chromophore alters the dipole 
strength, m0a.2, and the frequency, i\, of the transition 
responsible for the Cotton effect. The magnitude of 
both terms are affected by these changes. However, 
sign changes reflect the influence of the substituent 
group on the orientation of the êi vector. The removal, 
for instance, of a keto group from C- 2  of cycloxanthosine 
changes the orientation of êi sufficiently to reverse the 
sign of that Cotton effect. Figure 10 suggests that a 
series of substituents at C-2 known progressively to 
rotate êi from, say, y =  40 to y = 70° should gradually 
change the sign of the Cotton effect from positive to 
negative. This idea is used in the next section to ex
plain certain trends in the optical activity of ordinary 
purine nucleosides where the geometrical factors are 
not known well enough to allow for quantitative cal- 24 25 26

(24) R. F. Stewart and N. Davidson, J. Chem. P h y s 39, 255 (1963).
(25) L. E. Lyons, ibid., 20, 1814 (1952).
(26) W. E. Seeds, Progr. Biophys. Biophys. Chem., 3, 27 (1953).
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culations. Such a treatment assumes that the sub
stituent does not produce any conformational changes.

V III. Extension of Theory to Ordinary 
Nucleoside Systems

The objective of this section is quite simple. W e in
tend to show that changes in the magnitude and sign 
of the first long-wavelength Cotton effect exhibited by 
several series of purine nucleosides vary progressively 
with the direction of the transition moment. Our 
procedure is simply to plot the amplitude, A

A =  [M l -  [M)2

where [M]i is the molecular rotation of the extremum 
of longer wavelength and [M ] 2 is the molecular rotation 
of the extremum of shorter wavelength, against the 
spectroscopic moment of the theory of Platt, 27 Moffitt, 28 
and Petruska. 29’30 (The spectroscopic moments used 
are taken from ref 30.) The changes in the polariza
tion angle of a particular transition is related to the 
spectroscopic moment of the substituent and the site of 
substitution. Although this method is not expected to 
be completely applicable to the strong perturbations 
present here, it does constitute a basis for making esti
mates of the changes in polarization induced by the 
substituents. W e have not normalized our data with 
respect to dipole strength or transition frequency since 
changes in these parameters due to substitution are 
less than 2 0 %  in the compounds studied, nor have we 
made any attempt to correct for background rotation.

In Figure 11 we have plotted the amplitude of the 
long-wavelength Cotton effect against the spectro
scopic moment, m, of the substituent for the 8 -sub- 
stituted guanosine derivatives (see Figure 6 ). The 
amplitude is observed to increase progressively in the 
positive direction with increasing magnitude of the 
spectroscopic moment. Moreover this plot appears 
to represent a segment of a curve (centered near a 
node) similar to those of Figure 10. This observation 
suggests that the small amplitudes of the 250-260-m/i 
Cotton effects of variable sign exhibited by these 
guanosine derivatives is a consequence of the shifting 
of the polarization angle through a nodal region of the 
hypothetical RK vs. y plot.

Figures 12a and 12b represent similar plots for the 
purine and adenine nucleoside derivatives. In both 
series the measured amplitudes vary progressively with 
increasing spectroscopic moment. It is interesting 
to note that for 6 -substituted purine nucleosides the 
amplitude is observed to become more negative with 
increasing spectroscopic moment while the opposite is 
observed for the 8 -substituted adenine nucleosides. 
Since 6 -aminopurine is the same compound as X  equals

Figure 11. The amplitude of the long-wavelength 
Cotton effect of 8-substituted guanosines plotted against the 
spectroscopic moment, m , of the substituents.

H  for the 8 -substituted adenines, we could think of the 
two series as representing the substituent effects on
6 - and 8 -substituted purine. Substituents in the 6  
position increase the rotation with increasing magnitude 
of their spectroscopic moments while 8  substitution de
creases the rotation with increasing magnitude of the 
spectroscopic moments. A  possible interpretation is 
that in one case the polarization angle is rotated clock
wise and in the other counterclockwise. This interpre
tation is supported by an extrapolation of the theory of 
Platt, Moffitt, and Petruska. It has been observed 
that imidazole I, benzimidazole II, and purine III form 
a series of diminishing basic strength and increasing 
acid strength, 31 indicating that the benzene and, more 
particularly, the pyrimidine nucleus exerts an electron- 
withdrawing effect on the imidazole ring, or, to look 
at it from the other viewpoint, the imidazole ring exerts 
an electron-donating effect on the pyrimidine or ben
zene ring. Consequently its spectroscopic moment

i ii m iv
(27) J. R. Platt, J. Chem. Phya., 19, 263 (1951).
(28) W. M. Moffitt, ibid., 22, 320 (1954).
(29) J. Petruska, ibid., 34, 1120 (1961).
(30) J. N. Murrell, “The Theory of the Electronic Spectra of Organic 
Molecules,” John Wiley and Sons Inc., New York, N. Y ., 1963, 
p 207.
(31) A. Albert and R. Brown, J. Chem . Soc., 2062 (1954).
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n h c h 3

Figure 12. The amplitude of the long-wavelength 
Cotton effect of 6-substituted purines (a) and 
8-substituted adenine nucleosides (b) as a function 
of the spectroscopic moment, m , of the substituents.

should be positive and this moment will be further 
enhanced by electron-donating substituents on the 
glyoxaline ring by virtue of the mesomeric effect. 
Moreover the ultraviolet spectrum of III is virtually not 
distinguishable from that of 4,5-diaminopyrimidine
V I . 32 Consequently, the spectroscopic moment of the

function C can be approximated by the vector sum

of the spectroscopic moments of the -N H 2 groups at
tached at position 4 and position 5 of purine and also an 
electron-donating substituent at position 8  will in
crease this moment. Making use of the spectroscopic 
moments and their directions we can add moments 
vectorially to give the resultant moment for adenine

___ ► c 8 - x
| 3  4  + 5  < ------- C g -C I

*  V n h 2
Figure 13. The B2n transition moment is shown 
(bottom drawing) as the vector sum of the spectroscopic 
moments of the substituents in the purine ring 
(top drawing). Electron-donating substituents 
at site 8 will increase y  (counterclockwise) while 
electron-donating substituents at site 6 will decrease y .

and purine (see Figure 13). From Figure 13 it is 
evident that 6 -substituents with positive spectroscopic 
moments will tend to rotate the polarization direction 
clockwise, while positive 8 -substituents will tend to ro
tate the polarization angle counterclockwise. Thus 
the substituent effects of Figure 12 appear to be the 
result of this shifting of the polarization angle back and 
forth.
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Appendix
W e wish to transpose term 2b into eq 3 after the 

method of Tinoco (see ref 12, p 151). The treatment

(32) S. F. Mason, J. Chem. Soe., 2071 (1954).
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given here is applicable to any system having a chromo- 
phore with Cs symmetry which interacts with vicinal 
groups having transitions only in the far-ultraviolet. 
We dissect the sugar residue into C-C, C-O, and O-H 
bond groups (the summation of j is taken over these 
bonds) and assume that these groups are sufficiently 
displaced from the base chromophore (group i) that it is 
sufficient to retain only the dipole term in the multiple 
expansion of the potential, Pioa;iob, of their interaction

V  i0a;jOb /XiOa * T  * jOb (A-l)
f  -  1  I" lrii31. rij2 J

The substitution of eq A-l in term 2b gives
ßA(2b) = - 2  £  £  im - 7 » : . ? : ^  x

• 1 ✓  h i  7^1.^ —  i f .bĵ a ^(rb2 ra2)

[itiO a'W IibO l'a +  M iOb'W îiaorn] (A-2)

[ImX ra/noa- T ■ /ijObmjbo • /uoa +  
b

VbßiOsL- T - jU jOb/UO b'm iao] (A-3)
The summation X  wot> • »¡¡bo in (A-3) is zero for

bcylindrically symmetrical groups in the sugar residue 
since symmetry prohibits ĵ0b and m m  from having 
parallel components and the summation over X  wobMibo

bcan be replaced by the expression (see ref 12, p 151)
[(0:33 —  « n ) . ê i ê j  + (au)jl] h v  o 

~2

Making this substitution we obtain
R A (2b) =  — X )  ------- ,  MiOaTOiao(«33 ~  « l O j O i j

Vo2 —  Vh2 Vij3

where we have also used the identities
We expand this expression in a Taylor series about the 
frequency v 0. Retaining only the first term in the 
expansion

fJi iOa —  MiOaßi 

WliaO = îaÔ i
s A(2b) = _ 2  x

h(vo2 — vs2)
X and the expression for the dipole tensor, T. All sym

bols are as defined previously.
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Vibrational Spectra of the Hydrogen Dihalide Ions. IV. 

BrHBr~ and BrDBr"

by J. C. Evans and G. Y-S. Lo
Chemical Physics Research Laboratory, The Dow Chemical Company, Midland, Michigan 48640 
(.Received May 5, 1967)

Infrared and Raman spectra of the series of salts, R4N+-BrHBr-, where R is methyl, 
ethyl, n-propyl, n-butyl, or n-pentyl, were examined in the solid phase and in solution; 
some spectra were recorded of selected samples at low temperature. The data indicate 
that the anion may exist either in a linear, symmetrical form or in a linear, unsymmetrical 
form, the environment being the determining factor. Structure which was observed in the 
extremely broad absorption region, 1300-500 cm-1, shown by the salts of the linear, sym
metrical anion was assigned to v3 ± nvi where v3 and n are, respectively, the antisym
metric and symmetric stretching modes of the anion. It is suggested that this interpreta
tion may be extended to the large class of compounds which contain very strong hydrogen 
bonds, -OHO-, and which show a similar, very broad absorption region the origin of which 
has not been satisfactorily explained.

Introduction
Earlier papers in this series1 described and interpreted 

the vibrational spectra of several tetraalkylammonium 
salts of the hydrogen dihalides C1HC1- , ClHBr- , and 
FHX~, where X was Cl, Br, or I. A striking result was 
the observation that the spectra of the anions, particu
larly C1HC1-  and C1DC1~, were markedly dependent 
upon the nature of the cation present. Two different 
structures were postulated for C1HC1" in different salts; 
for example, in tetraethylammonium hydrogen di
chloride a linear, symmetrical anion was indicated while 
in the tétraméthylammonium salt a linear, unsym
metrical anion in which the proton or deuteron residue 
in a single-minimum, unsymmetrical potential well was 
favored. Nuclear quadrupole resonance data2,3 sup
ported these conclusions. In this paper it is shown that 
the hydrogen dibromide ion is also very sensitive to its 
environment and that the vibrational spectra data again 
demand interpretation in terms of different anion struc
tures in different salts.
Experimental Section

Infrared spectra were recorded using Beckman IR 9 
and IR 11 instruments over the 50-3800-cm_1 range. 
Solid samples were dispersed in Nujol or Fluorolube for

examination; solution spectra were obtained with dried, 
fractionally distilled methylene chloride, acetonitrile, 
and benzene as solvents. Anion absorption bands were 
broad and this factor determined the uncertainties in 
band frequency measurements. All sample handling 
was done in a glove box purged with dry nitrogen; only 
in this manner could the appearance of bands of H30 + 
and its deuterated analogs in the spectra be avoided. 
Some infrared spectra were recorded of samples cooled 
to approximately 100°K. Raman spectra were ob
tained for the solid salts, sealed in glass cells, using a 
Hilger E612 (f/5.7) spectrograph with photographic re
cording (16 A/mm at 4358 A) and mercury arc excita
tion (4358-A line).

Eastman grade tetra-n-alkylammonium bromide 
samples were further purified by recrystallization if their 
infrared spectra were not satisfactory; all were dried by 
azeotropic distillation with benzene followed by further 
drying by warming under vacuum. Anhydrous HBr 
(Matheson, 99.8% min) reacted with the solid bromides 
readily. To ensure complete reaction the gas was con- 1 2 3
(1) J. C. Evans and G. Y-S. Lo, J. Phys. Chem., 70, 11, 20, 543 (1966).
(2) J. C. Evans and G. Y-S. Lo, ibid., 70, 2702 (1966).
(3) J. C. Evans and G. Y-S. Lo, ibid., 71, 3697 (1967).

The Journal of Physical Chemistry



V i b r a t i o n a l  S p e c t r a  o f  t h e  H y d r o g e n  D i h a l i d e  I o n s 3943

Figure 1. Infrared absorption spectra of Nujol mulls of protium dibromide salts. Traces numbered 1 are room-temperature 
spectra; those marked 3 were obtained at approximately 100°K; those marked 2 are the spectra (far-infrared only) of the 
corresponding bromides obtained at room temperature and included here to illustrate the lattice-mode absorption region. 
Arrows indicate bands assigned to the anions. The C6HU spectra were of liquid films; spectrum 4 is that of the deuterium 
dibromide salt of (CtHnhN +.

Volume 71, Number 12 November 1967



3944 J. C. E v a n s  a n d  G. Y-S. Lo

Figure 2. Infrared absorption spectra of Nujol mulls of deuterium dibromide salts.

densed onto the salt at low temperature (approximately 
— 78°), the mixture was allowed to equilibrate, and the 
excess HBr was evaporated away carefully to yield the
1-1 salts; this ratio was determined by titration of an 
aqueous solution of the product with standard alkali. 
Another method of preparation was also used for several 
salts; the appropriate bromide was dissolved in methy
lene chloride at room temperature and HBr was bubbled 
through the solution. Addition of cyclohexane induced 
crystallization of the desired 1-1 salts. DBr was pre

pared by the reaction of D20  (99.7%) with benzoyl 
bromide and used immediately to prepare the deuterium 
dibromide salts.
Results

Infrared spectra are reproduced in Figures 1-3 while 
wavenumber data for the species of interest, the anions, 
are collected in Tables I-III. Arrows on the diagrams 
indicate all bands assigned to the anions; overlapping 
cation bands, which are readily identified, make the
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Figure 3. Infrared absorption spectra of BrHBr~ in methylene chloride (1), in acetonitrile (2), and in benzene solution (3). 
Spectrum 4, which is that of (C6Hii)4N-Br in benzene in the far-infrared region only, illustrates the presence of bands of 
ion aggregates. Concentrations were approximately 0.15 M; cell thickness was approximately 0.1 mm in the 
mid-infrared region; in the far-infrared region 1-mm cells with concentrations approximately 0.2 M  were used.

Table I : Vibrational Bands Assigned to the Protium and Deuterium Dibromide Ions in Solid Type I Salts“

(CHs)tN +-------------------------------------------------------. ,-----------------------------(CHab-n-CisHsaN +-
■---------------------- Inf

B rH B r-
rared---------------------- •.

B rD B r-
Raman

B rH B r-
✓-------------------------Infrarec

B rH B r"
1------------------------- ,

B rD B r”
Assign

ment

.1850 vb, w ^\1850 vb, w 2 p 2

1420 ±  30 vb, vs 1070 ±  20 vb, vs 1380 ±  30 vb, vw 1420 ±  30 vb, vs 1070 ±  30 vb, vs VS
1038 ±  4 vs 752 ±  3 vs 1030 ±  15 b, vw 1053 i  3 s 765 ±  5 s V2
126 ±  3 b, w 123 ±  3 b, w .-'.130 (obscured 

partly)
>̂130 b Vi

* vb = very broad; vs = very strong; b = broad; s = strong; w = weak; vw = very weak; m = medium intensity.

choice of band centers uncertain in many cases. A 
limited comparison with previously reported spectra is 
possible. Bands at 1670 and 1170 cm-1 were reported4 5 
for the anion in tetraethylammonium hydrogen dibro
mide, at 1700 cm-1 for the same salt,6 at 1690 and 1170 
cm-1 for tetra-w-butyjammonium hydrogen dibromide,4 
and at 1297 and 870 cm-1 for tetra-n-butylammonium 
deuterium dibromide.6 The spectra obtained for the 
same salts during the present study were markedly dif
ferent and it is suggested that the bands previously re
ported should be reassigned. Brief exposure of tetra
ethylammonium hydrogen dibromide to atmospheric 
moisture during the sample preparation for infrared 
examination yielded prominent bands near 2900 (vs), 
2500 (sh), 2160 (w), 1680 (m), 950 m, and 550 cm-1 
(w), all of which are H30+ bands;7 the other feature re
ported at 1170 cm-1, a sharp, prominent band which is 
unaffected by exposure of the sample to moisture and 
which is prominent also in the spectrum of tetraethyl
ammonium bromide, is a cation band. Exposure of 
several DBr2~ salts to atmospheric moisture yielded 
complex spectra probably attributable to HJD3_bO+ 
species, but no prominent features near 1297 and 870 
cm-1 were observed. However, D30 + bands occur 
near 1250 and 800 cm-1 in D3+0-C l-.7 This may be 
the proper interpretation for the previously observed 
bands but if this is so it seems surprising that the 
strongest D30 + band near 1900 cm-1 was overlooked.

Most of the salts were examined in solution in ace
tonitrile and in methylene chloride ; although HBr and 
acetonitrile react readily, there was no indication of 
reaction in these solutions during the time required to 
record infrared and Raman spectra. For the far-in
frared region benzene was the only suitable solvent 
found and only the longer chain cation salts were suf
ficiently soluble. The spectra given in Figure 3 are 
composites of several spectra; the regions of uncertainty, 
due largely to solvent absorption bands, are indicated by 
dotted lines.

The Raman spectra of the solid salts and of their solu
tions showed numerous cation bands but in only one 
case, that of tétraméthylammonium hydrogen dibro
mide, were weak, broad anion bands observed.
Discussion

Structural information is not yet available for any 
hydrogen dibromide salt, nor has a residual entropy 
determination, analogous to that made for tétraméthyl
ammonium hydrogen dichloride,8 been made. Inter-

(4) D. H. McDaniel and R, E. Vallee, In org . Chem,., 2, 997 (1963).
(5) D. G. Tuck and E. J. Woodhouse, P roc. Chem. Soc., 53 (1963).
(6) J. A. Salthouse and T. C. Waddington, J. Chem. Soc., Sect. A, 
28 (1966).
(7) C. C. Ferriso and D. F. Homig, J. Chem. P h y s ., 23, 1464 (1955).
(8) S. Chang and E. F. Westrum, ib id ., 36, 2571 (1962).
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pretation of the vibrational spectra is, however, greatly 
assisted by the available data for the unsymmetric 
ClHBr-  ion and the two types of C1HC1-  ions.1 An 
analogous classification into type I and type II salts is 
applicable here also.

Type I  Salts. Two of the salts showed spectra 
reminiscent of the ClHBr-  and type I C1HC1-  salts; 
these are the tetramethyl- and hexadecyltrimethyl- 
ammonium hydrogen dibromides. Both showed a very 
broad band near 1400 cm-1, a narrower band near 1050 
cm-1, and a weak band near 130 cm-1. Deuterium 
substitution shifted these to the 1070-cm-1 region 
( v H / v B  =  1.33) and the 750-cm-1 region (VH/ v °  =  1.38), 
while the lowest wavenumber band, which was partly 
overlapped by lattice modes, appeared to move to lower 
wavenumber by about 3 cm-1 (vu/I'd ~  1.02). Lower
ing the temperature to approximately 100°K sharpened 
the spectra slightly but did not significantly affect the 
two higher wavenumber bands; the temperature de
pendence study was confined to the region above 200 
cm-1. The two higher frequency bands were also ob
served in the Raman spectrum of tétraméthylam
monium hydrogen dibromide. Arguments closely 
analogous to those which are given in detail in paper I of 
this series lead to the assignment of the linear, unsym- 
metrical structure, with single-minimum potential for 
the hydrogen, to the BrHBr-  ion in these type I salts. 
The existence of the type II salts with their markedly 
different spectra supports this conclusion.

Type I I  Salts. The outstanding feature of the in
frared spectra of the type II salts, which include the 
tetraethyl-, tetra-n-propyl-, tetra-n-butyl-, and tetra-n- 
pentylammonium hydrogen dibromides, was an ex
tremely broad region, 1300-500 cm-1, of strong absorp
tion. The band showed some structure, which was best 
defined in the case of the tetrabutylammonium salt for 
which four components could be discerned. At ap
proximately 100° K these features were rather better 
defined and it appeared that the lowest frequency band, 
near 500 cm-1, was reduced in intensity relative to the 
others although it was sharper. The tetraethylam- 
monium salt also showed structure at the lower tem
perature and here, also, the components were evenly 
separated by wavenumber intervals of about 160 cm-1. 
In the far-infrared region, the tetrabutylammonium salt 
showed no absorption near 160 cm-1 but a well-defined, 
weak band appeared here for all the other type II salts. 
It is assigned to n, the symmetric stretching mode of 
BrHBr- . A reasonable assignment for the structure 
observed within the broad absorption is then to v3 ±  
nvi, where v3 is the antisymmetric stretching mode. 
Where the features are sufficiently well defined they are 
so assigned in Table II. The strongest feature in the
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Table III : Anion Absorption Bands in Spectra of Solutions of Tetraalkylammonium Protium and Deuterium Dibromides“

Acetonitrile
B rH B r-

r--------------------- Methylene chloride--------------------- *
B rH B r“  B rD B r“

✓---------------------------- Benzene—
B rH B r- B rD B r-

Assign
ment

1050 ±  20 s 
790 ±  10 s 
610 ±  10 w

1350 ±  10 w 
1050 ±  20 s,b 
800 ±  20 s 
630 ±  20 w

980 ±  20 w 
^740 s 

580 ±  20 s

150 ±  5 vw 145 ±  5 vw

v2
vz +  V i  

vz
vz — Vi
V i

“ See Table I for key to abbreviations.

low-temperature spectra is in each case assigned to v 3 ; 

this is in accord with the assignment vs-vi in tetrabutyl- 
ammonium hydrogen dibromide.

The absence of a band, assignable to n, from this 
salt’s spectrum is probably due to the high site sym
metry at the anion in this crystal; the anion behaves as 
expected for a linear, symmetric D„h species for which 
v\ is infrared inactive. Further support for this struc
ture is provided by the ratio r3H/  r3D of 1.41 which is rem
iniscent of symmetrical FHF“  9 10 and by the force con
stant values computed for a valence force field with two 
constants—fci, the bond stretching, and ku, the bond- 
bond interaction constant'—applied to the linear, sym
metrical model, with v3 =  670 and vi =  170 cm“ 1, 
ki =  0.75 and fcj2 =  0.62 mdyne/A. The exceptionally 
high ku/hi ratio is also reminiscent of HF2“ .

There is no obvious choice of band for assignment to 
V2, the degenerate bending mode, in the spectra of 
type II salts. There is, in the spectrum of tetrapentyl- 
ammonium hydrogen bromide, which was examined as a 
liquefied film, a broad absorption near 1330 cm-1 which 
shifts to near 1000 cm-1 in the deuterium-substituted 
salt. Thick films of solid tetrapropylammonium salts 
show the same features but less clearly. Assignment of 
these to is favored.

Solution spectra in methylene chloride show the 
analogous bands at 1350 and 980 cm“ 1. If the assign
ment to Vi is accepted, the remaining three, broad over
lapping bands in the 1200-500-cm“ 1 region must be 
assigned to vs and its combinations with n ; v3 +  vi, v3, 
and v3 — vi seem to be suitable and the ratio v3 H/r 8D is 
close to the expected 1.41. However, the intensity 
ratios are anomalous with v3 +  vy showing an unusually 
high intensity. An energy level diagram of the type 
proposed by Stepanov10 may be used to rationalize this. 
Sheppard11 had discussed the scheme in detail more re
cently and the present description will merely outline 
briefly the main assumptions. The observed transitions 
in the vicinity of the fundamental v3 transition are con

sidered to be transitions between energy levels, of the 
mode vi, which are drawn in the two Morse-type (po
tential energy vs. Br • • • Br distance) curves, the lower 
of which describes the system with r3 unexcited while the 
upper curve describes the system with r3 excited by one 
quantum; i.e., the Born-Oppenheimer approximation is 
assumed to be valid for the vibrational motions of v3 and 
vi. A difference in position of the potential minima of 
the two curves and the assumption that the Franck- 
Condon principle is applicable supplies the mechanism 
for an intense v3 +  n transition. This transition occurs 
between the 0 level of the lower curve and 1 level of 
the upper curve. Since the interaction energy is not 
large, approximately 13 kcal/mole,4 external influences 
such as solvent, cation structure, and unit-cell dimen
sion changes produced by temperature reduction would 
be expected to influence such potential energy curves 
and the transitions between them, significantly. An
other factor which contributes to the temperature de
pendence of the spectra is the influence of upper-stage 
transitions involving not only vi but also the lattice 
mode levels.

Conclusion
The most significant result is the clear evidence which 

is given for the nature of the extremely broad absorption 
region, 500-1300 cm“ 1, shown by the type II salts which 
are believed to contain linear, symmetrical anions. It is 
probable that the proposed explanation can be extended 
to the large class of compounds containing strong 
-O  • • • H • • • O - bonds which also show a similar broad 
absorption region; it appears that in no case of this 
class has there yet been observed a well-defined band 
progression in this region.12

(9) J. A . Ibers, J . Chem. P h y s ., 41 , 25 (1964).
(10) B . I. S tep an ov , Zh. F it. K h im ., 19, 507 (1945).
(11) N . Sheppard, “ H y d rog en  B on d in g  S ym p osium  P roceed in gs ,”  
D . H adzi, E d ., P erga m on  Press, In c ., N ew  Y o rk , N . Y .,  Ij959.
(12) D . H adzi, P u re A p p l. Chem., 11, 435 (1965).
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The Concentration Dependence of Zeolitic Sorption

by W. W. Brandt1 and W. Rudloff
Department of Chemistry, Illinois Institute of Technology, Chicago, Illinois 60616 (.Received May 7, 1967)

The concentration dependence of sorption rates of selected gases on chabazite has been 
determined and interpreted in terms of the various rate-controlling mechanisms present. 
Argon and several other gases exhibit concentration-independent activated diffusion into 
the bulk of the zeolite. Freon 21 occupies only the pores or crevices of the mineral and 
the rates are probably controlled by Knudsen or gaseous bulk diffusion, depending on the 
concentration range. Finally, carbon dioxide sorption rates at low sorbate concentrations 
appear to be controlled by a relatively slow chemisorption on the internal sites, while at 
higher concentrations the diffusion rate of the gas into the bulk of the zeolite becomes 
important. Sorption isotherms obtained in this study and differential heats of sorption 
and infrared evidence reported in the literature are consistent with this interpretation.

Introduction
The concentration dependence of apparent sorption 

or desorption rate coefficients is measured only rarely 
with the primary goal of gaining insight into the nature 
of the rate process present. This is largely due to the 
mathematical and computational difficulties encoun
tered in the evaluation.2 Especially if the sorbate con
centration changes appreciably during a given experi
ment and if the rate is controlled by different steps of 
the over-all sorption process as the sorbate concentra
tion changes, the approach becomes impractical. In 
earlier studies, this latter effect, that is, the apparent 
concentration dependence of measured sorption rates, 
has been rendered harmless by refining the experimental 
techniques to the point where only very small changes 
in the sorbate concentrations occur during a given 
sorption rate experiment (small-step experiments).3'4 5 6 
The resulting sorption rate data were fitted at various 
stages of the process, using the solution to the diffusion 
equation involving constant, i.e., concentration-in- 
dependent, diffusion coefficients. In this way, the 
changes of the rate coefficient at various stages of the 
process, but at essentially constant sorbate concen
trations, were obtained and then interpreted in terms of 
different possible rate-controlling steps present, or in 
terms of the sorbent heterogeneity as demonstrated by 
microscopic methods.

In the present study, many additional small-step 
(and other) experiments have been carried out, as

described above, at widely differing sorbate concentra
tions. The inherent concentration dependence of the 
observed sorption rate coefficient has thus been deter
mined as contrasted to the apparent concentration 
dependence discussed above. The question as to what 
constitutes a “ small-step”  experiment will be dis
cussed after the presentation of the results.

The inherent concentration dependence of the rate 
coefficients, for example, those obtained at the begin
ning of each step experiment (where a single-step ex
periment would involve very small changes of sorbate 
concentration, but the steps were performed at widely 
differing concentration levels), will be used to gain 
information on the nature of the rate-controlling step 
present. The analysis will be aided by analyzing the 
variation of the apparent diffusion coefficients during 
each individual step.

Natural chabazite is a rather interesting sorbent for 
studies of this type; its crystal structure has been care
fully investigated.8,6 The diffusion paths, at least in

(1) T o  w hom  correspondence should be  addressed at the C hem istry  
D ep artm ent, U niversity  o f  W iscon sin , M ilw aukee, W is.
(2 ) (a) J. C rank, “ T h e  M ath em atics o f D iffu sion ,”  O xford  U n i
versity  Press, 1957; (b ) E. Brueeke and H . L ey , Z. Physik. Chem. 
(F rank furt), 26, 187, 202 (1960).
(3) W . W . B ran d t and W . R u d lo ff, J. Phys. Chem. Solids, 25, 167 
(1964).
(4 ) W . W . B ran d t and W . R u d lo ff, Z. Physik. Chem. (F ran k fu rt), 
42, 201 (1964).
(5 ) J. V . Sm ith, J. Chem. Soe., 3759 (1964).
(6 ) J. H . F an g  and J. V . Sm ith , ibid., 3749 (1964).
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Figure 1. Apparent diffusion coefficients, D , as a function of 
the total final uptake of sorbate in the sorbent, A. All data 
are reported in Table I unless otherwise indicated. A sample 
of chabazite, grain diameter 0.81 cm,3 was degassed at 
experimental temperature: O, Freon 21 sorption and 
desorption at 13.6° (the points corresponding to runs 25/66 and 
25/77 practically coincide in this figure); <J>, methane sorptions 
at about 100° (see runs 13/232 and 13/233 of ref 4 and run 
13/231 of Figure 2 ( D *  =  D / a 2, where a  is the radius of the 
grains); methane sorption at 50°; O, carbon dioxide 
sorption at 100°; 9 ,  carbon dioxide desorption at 100°; ®, 
carbon dioxide sorption at 5.7°. A sample of chabazite powder, 
average grain diameter 0.19 cm, was degassed at 350°;
V, methane sorption at 150°; ♦ , methane sorption at 100°;
9, carbon dioxide sorption at 150°. A  sample of small 
chabazite grains, average diameter 0.68 cm, was degassed above 
250°: 0 ,  methane sorption at 50°; A sample of chabazite 
powder, average grain diameter 0.0088 cm, was degassed at the 
experimental temperature: •, carbon dioxide sorption at 100°; 
9, carbon dioxide desorption at 100°. A similar sample:
<>, methane sorption at .100° (see runs 25/120 and 25/122 of 
ref 4). The experiments 0 ;  ♦ , ♦, and 9  are somewhat 
less precise than the others; they are reported in this figure 
only while the other D  values are taken from Table I:
A, propane sorption on chabazite at 150°; A, methylene 
chloride sorption on same chabazite at 0° (both curves 
from data given in ref 10 but shifted to higher D  
values by seven units on the logarithmic scale).

the case of intracrystalline diffusion, as opposed to 
defect diffusion, are defined by the eight-membered 
apertures or windows of about 3-4-A diameter, connect
ing the large cavities of 6-7-A diameter and 10-A length.

Figure 2. Apparent diffusion rates, D * ,  against fractional 
amount of sorbate yet to be sorbed or desorbed in a given run, 
P * :  D *  =  D / a 2, where D  is the diffusion coefficient and a  is 
the (equivalent) radius of the sorbent grains. The top curve 
is displaced to lower values and the two bottom curves, 13 and 
14, are displaced to higher values of log D * ,  always by one 
decade. The curve numbers, gases, and experimental 
temperatures are given here, with the experiment reference 
numbers in parentheses: 1, Freon 21, sorption at 13.6°
(25/64); 2, same, but higher concentration (25/74); 3, carbon 
dioxide, desorption at 50.6° (25/13); 4, argon, desorption at 
97.7° (13/235); 5, argon desorption at 97.7° (13/236); 6, 
argon, sorption at 50.3° (13/257); 7, methane, sorption at 
97.8° (13/231); 8, methane, desorption at 97.8° (13/234); 9, 
carbon dioxide, sorption at 99.7° (25/8); 10, sorption at 
intermediate sorbate concentration at 50.6° (25/12); 11, same 
(25/15); 12, same (25/10); 13, carbon dioxide sorption at 
relatively high sorbate concentration at 5.7° (25/7); 14, at 
lower concentration, at the same temperature (25/5). Runs 
13/231, 13/235, and 13/257 are reported in ref 4; the 
others are in Table I. The individual points of D *  as a 
function of P *  were obtained by fitting the appropriate 
solution to the diffusion equation to portions of the 
experimental desorption curves (see text). The individual 
points thus obtained are shown for two of the curves, 6 and 14, 
to demonstrate the magnitude of the uncertainties in this 
graphical procedure. The reproducibility of the results from 
one run to the next is seen by comparing curves 7 and 8.

The sorbate molecules used varied greatly in diame
ter: H2 has a diameter of 2.97 A, or 2.43 A ; CH4, 3.88 
A; C 02, 4.00 A ; and Freon 21 or dichlorofluoromethane, 
roughly a 4.9-A diameter.7 Comparing these diameters 
with the size of the aperatures in the crystal structure, 
one may well expect very different predominant diffu
sion mechanisms in the various gas chabazite systems.

Experimental Section
The principal sample of crystalline chabazites used

(7 ) J. O . H irsch felder, C . F . C urtiss, and  R . B . B ird , “ M olecu lar  
T h e o ry  o f Gases and L iq u id s ,”  Joh n  W ile y  and  Sons, In c ., N ew  Y ork , 
N . Y ., 1954, p p  1110 and 1111. T h e  va lu e  fo r  F reon  21 is inter
p olated .
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Table I : B asic Experim ental D a ta  on Sorption and D esorption Experim ents“
íd, T , VU PO, Pco. 8, D ,

Run hr °C mm mm mm mole8/g mm cm Vsec

Sam ple:

13 /236

chabazite grain, diam eter 0.81 cm; 

9 7 .7

degassed

21 2 .6 4

at the experim ental temperature, T  

Argon
0 .0 7 7  12 .4 0 16 X  1 0 - ’ 2 .9  X  IO"'

13/321 12 9 .4 0 2 0 1 .8 9 160 .36 2 .8  X  10“7 1 .5  X  IO“'

13 /2 3 2 15 9 7 .8 0
M ethane

2 7 .1 0 2 3 .9 6 1 .0  X  IO"7 1 . 0  x io-«
13 /2 3 4 9 7 .8 76 .1 1 0 .1 8 13 .7 9 2 .5  X  1 0 - ’ 2 .6  X  10-*
13/259 5 0 .2 9 3 .8 1 .8 5 2 4 .0 6 7 .4  X  1 0 -7 4 .7  X  IO"7

2 5 /2 8 9 9 .5 184 .44
H ydrogen

1 .4 0 3 .7 0 9 .2  X  IO“ 4
2 5 /3 0 9 9 .5 2 3 6 .0 3 0 .4 2 3 .4 3 8 .1  X  1 0 - 4
2 5 /3 2 4 9 .1 2 1 1 .2 0 .5 2 4 .2 9 5 .5  X  IO"4
25 /3 4 4 9 .1 25 5 .4 2 0 .7 8 5 .3 0 6 .0  X  IO“ 4
2 5 /3 9 3 .8 21 1 .3 4 4 0 9 .5 0 4 0 3 .5 0 3 .1  X  IO“8 3 .8  X  IO"4
25 /4 0 3 .6 4 0 3 .5 0 24 9 .6 3 253 .71 3 .2  X  10-» 3 .3  X  IO“ 4
25/41 3 .6 253 .71 10.00 16 .5 7 7 .3  X  10-» 3 .6  X  IO’ 4

2 5 /8 24 9 9 .7 0
Carbon D ioxide  

44 .1 1 2 8 .6 5 7 .3  X  10-« 2 .3  X  10-«
25 /1 7 12 9 9 .5 0 2 2 .2 3 13 .3 3 9 .0  X  10-» 2 .3  X  1 0 “6
2 5 /1 9 12 9 9 .5 0 2 1 .1 4 12 .1 5 1 .0  X  IO“5 2 .5  X  1 0 -'
2 5 /2 0 9 9 .5 12 .1 5 3 6 .3 9 2 8 .7 0 7 .9  X  10-• 4 .8  X  10-*
25/21 • • • 9 9 .5 2 8 .7 0 5 2 .8 6 4 6 .9 0 6 .5  X  10-« 5 .3  X  10-«
2 5 /2 2 « • • 9 9 .5 4 6 .9 0 0 .2 1 3 8 .5 2 6 .8  X  IO“* 3 .3  X  IO"6
2 5 /2 3 9 9 .5 3 8 .5 2 0 .3 0 3 2 .5 7 6 .9  X  IO“* 3 .5  X  1 0 -'
2 5 /1 0 7 5 0 .6 0 4 2 .3 9 15 .4 3 2 .4  X  1 0 -' 1 . 1  x io-*
2 5 /1 2 5 0 .6 1 5 .4 3 4 3 .5 1 2 8 .2 5 2 .0  X  1 0 -' 1 .2  X  10"'
25 /1 3 5 0 .6 2 8 .2 5 0 .6 3 2 6 .9 4 2 .0  X  IO"' 1 .8  X  1 0 -'
2 5 /1 5 12 4 9 .4 0 2 2 4 .6 9 10 7 .4 1 .5  X  IO“' 1 . 1  x io-«
25 /1 6 12 4 9 .4 0 2 1 .7 6 6 .7 6 3 .0  X  1 0 -5 1 .1  X  1 0 ^
2 5 /5 70 5 .7 0 4 5 .6 7 2 .5 8 2 .3  X  10“ 4 1 .3  X  1 0 -'
2 5 /6 5 .7 2 .5 8 4 4 .3 1 5 .9 7 1 .9  X  1 0 -4 1 .4  X  IO“«
2 5 /7 5 .6 5 .9 7 4 5 .9 1 10 .7 6 1 .5  X  10-" 1 .5  X  10-«

2 5 /6 4 12 1 3 .6 0
Freon 21 

3 1 .3 2 7 .9 1 .2  X  1 0 “7 6 .4  X  IO"4
2 5 /6 5 1 3 .6 2 7 .9 7 7 .3 7 1 .9 1 .3  X  IO"7 5 .3  X  1 0 - 4
25 /6 6 1 3 .6 7 1 .9 1 2 8 .0 1 2 2 .0 1 .2  X  1 0 -7 3 .2  X  IO“4
2 5 /6 7 1 3 .6 1 2 2 .0 17 9 .4 17 3 .8 1 .2  X  1 0 -7 2 .9  X  IO“ 4
2 5 /6 8 1 3 .6 1 7 3 .8 2 3 1 .3 2 2 5 .0 1 .2  X  IO"7 2 .9  X  IO“ 4
25 /6 9 1 3 .6 2 2 5 .0 2 7 6 .6 2 7 2 .9 1 .2  X  IO“7 2 .2  X  IO"4
2 5 /7 0 1 3 .6 2 7 2 .9 3 2 3 .9 3 1 7 .4 1 .3  X  IO"7 2 .3  X  IO"4
25/71 1 3 .6 3 7 1 .4 3 9 4 .6 3 8 1 .8 1 .4  X  10~7 1 .6  X  IO“ 4
2 5 /7 2 1 3 .6 3 8 1 .8 4 8 9 .5 4 7 2 .1 1 .5  X  1 0 -7 9 .2  X  1 0 - '
2 5 /7 3 1 3 .6 4 7 2 .1 5 9 2 .6 5 6 8 .7 1 .7  X  IO“7 7 .3  X  1 0 -'
2 5 /7 4 1 3 .6 5 6 8 .7 6 2 8 .1 6 0 8 .3 1 .9  X  IO"7 4 .3  X  IO“'
2 5 /7 5 1 3 .6 6 0 8 .3 4 7 5 .4 5 1 3 .8 1 .5  X  IO"7 9 .1  X  IO"'
25 /7 6 1 3 .6 5 1 3 .8 3 6 8 .9 3 9 8 .8 1 .2  X  IO"7 1 .2  X  IO“ 4
25 /7 7 1 3 .6 3 9 8 .8 2 0 3 .3 2 3 2 .2 3 .3  X  IO“ 4
Sample:

13 /3 0

grain of sam e chabazite, average 

1 2 .5  50

diam eter 0.67 cm; degassed at above 250°  
M ethane

0 2 7 .3  2 4 .0 4 .3  X  IO“7 1 .6  X  1 0 -'
13/32 2 50 0 1 5 .5 1 3 .9 3 .6  X  IO“7 2 .5  X  1 0 -'
13 /33 15 50 0 2 6 .3 2 3 .5 3 .7  X  1 0 -7 2 .6  X  1 0 - '
13 /34 2 50 0 2 8 .1 25 .1 3 .8  X IO"7 2 .3  X  1 0 -'
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Table I (Continued)

id. T , Pi, Po, Poo, S, D ,
Run

Sample:
hr °C  mm mm mm

grain of sam e chabazite, average diam eter 0.67 cm; degassed at above 250°
M ethane

m oles/g mm cm 2/sec

13/35 19 50 0 10 8 .0 9 5 .6 4 .0  X  lO”7 2 .1  X  1 0 “'
13 /36 19 50 0 11 0 .7 9 7 .8 4 .1  X  10~7 2 .1  X  10-*
13/37 2 50 0 10 8 .6 9 5 .8 4 .1  X  10~7 2 .1  X  lO“5
13 /3 8 15 50 0 11 0 .3 9 7 .4 4 .1  X  lO"7 1 .9  X  lO"6
13/39 2 50 0 2 0 1 .2 17 7 .7 4 .1  X  lO “7 2 .1  X  10"'
13 /4 0 16 50 0 11 3 .2 9 9 .2 4 .4  X  1 0 - ’ 2 .0  X  1 0 “'
13/41 50 9 9 .2 114.1 112 .4 3 .9  X  1 0 - ’ 2 .1  X  1 0 -'
13 /42 50 1 1 2 .4 13 0 .8 12 8 .4 3 .5  X  10~7 1 .9  X  1 0 - '
13 /43 13 50 0 112 .7 9 8 .5 4 .5  X  1 0 “7 2 .0  X  10
13/44 50 9 8 .5 2 1 1 .2 198 .6 4 .2  X  lO “7 2 .0  X  1 0 -'
13 /45 50 19 8 .6 3 0 7 .8 2 9 6 .0 4 .0  X 10~7 1 .8  X  10
Sam ple chabazite powder, average grain diam eter 0.0088 cm; degassed at the experim ental tem perature, T  

Carbon D ioxide
13/183 19 9 9 .2 0 1 3 .2 1 .7 4 5 .6  X  10~6 4 .2  X  10-*
13 /184 9 9 .2 1 .7 4 1 3 .6 4 .6 7 3 .7  X  1 0 -6 2 .4  X 10~8
13/185 9 9 .2 4 .6 7 1 4 .6 7 .6 2 3 .0  X  10-« 3 .7  X  1 0 “8
13/186 9 9 .2 7 .6 2 1 6 .4 1 0 .8 2 .6  X  10-» 4 .1  X  lO “8
13/187 9 9 .2 1 0 .8 1 7 .5 13 .1 2 .4  X  1 0 “* 3 .6  X  10"8
13/183 9 9 .2 13 .1 1 8 .7 1 5 .3 2 .3  X 10-* 6 .3  X  1 0 -»
13/189 9 9 .2 1 5 .3 1 0 .6 1 1 .3 3 .0  X 10-* 2 .3  X  1 0 - ’
13/190 9 9 .2 1 1 .3 7 .8 9 8 .7 4 3 .8  X  10-* 2 .8  X  lO"7
13/191 9 9 .2 8 .7 4 5 .7 5 6 .6 2 4 .9  X  10-» 2 .7  X  lO “7

“ td, degassing tim e; T, experim ental temperature; ph p0, p „, the gas pressure above the sam ple before, a t th e  beginning, and a long  
tim e after the start of a run, respectively; s, tota l am ount of gas sorbed during the experim ent and preceding step  experim ents (if  
any), divided b y  p œ; D, apparent in itial diffusion coefficient (see text).

in the present work was the same one described pre
viously.3’4 Certain additional samples of a related 
nature were introduced and are discussed in the legends 
to Figures 1 and 2 and Table I.

The experimental methods employed in this work 
were described in some detail earlier.3 Essentially, 
the sample was housed in a closed and thermostated 
vessel and the pressure of gas in sorptive equilibrium 
with the sample before the experiment, designated pi, 
was measured. Next, the pressure was quickly changed 
to another nonequilibrium value, p0, and its change 
with time due to sorption or desorption of some of the 
gas was recorded.

The evaluation of the resulting data can be ap
proached in several ways. In particular, diffusion rate 
controlled sorption data would normally be fitted by 
the appropriate solution to the diffusion equation and 
chemisorption rate data by the Elovich equation8 or a 
related expression.

In the present study it seems best to fit all data to the 
solution of the diffusion equation with constant coef
ficients, so as to make comparisons of the different re

sults easy. This in no way implies that all measured 
rates are truly diffusion controlled.

A graphical method similar to that used in earlier 
work4 was used to derive apparent or effective diffusion 
coefficients at various stages of each sorption or de
sorption run. As mentioned above, the appropriate 
solution to the diffusion equation was fitted at various 
portions of the experimental data, for example, near the 
beginning of the run, close to the end, or at various inter
mediate points (see Figure 2). In this way, the ap
parent rate coefficients were obtained and compared.
Results

Table I summarizes most of the results for the present 
series of sorption runs. The run numbers indicated in 
this table allow one to correlate the present data with 
those reported previously; in particular, consecutive 
sorption steps can be identified as such.

Figure 1 shows a plot of apparent initial diffusion 
coefficients as a function of the final uptake of sorbate
(8) M . J. D. Low, Chem. Rev., 60, 267 (1960).

Volume 71, Number 12 November 1967



3952 W. W. Brandt and W. Rudloff

during a given run and preceding step experiments 
(if any). Some of the earlier precise data3’4 and some 
data of lower precision obtained on different samples 
are included in Figure 1 since the resulting compari
sons will aid in the interpretation (see legend to Figure 
1 for details).

Figure 2 shows apparent or effective diffusion coef
ficients for selected experiments as a function of the 
fraction of sorbate yet to be sorbed or desorbed in a 
given run, P * . These were derived as described above. 
A sorption rate experiment which conforms well to the 
solution of the diffusion equation with a constant dif
fusion coefficient corresponds to a straight horizontal 
line in Figure 2; P *  =  1.0 represents zero uptake, i.e., 
the beginning of a run, while P *  =  0 corresponds to the 
end.

From the above data it is clear that sometimes the 
pressure change at the start of the experiment pi — 
p0 was quite appreciable. Whenever the observed 
diffusion coefficients are independent of concentration, 
or nearly so, the actual magnitude of pi — p0 is as
sumed to be of no consequence.

In the case of carbon dioxide the apparent diffusion 
coefficient of course is not concentration independent. 
A study of curves 14 and 13 of Figure 2 obtained at 
low and intermediate sorbate concentrations, respec
tively, shows that the changes in D  or D *  due to the 
change in average concentration in going from one run 
to the next (run 25/5 (of Table I) or 14 of Figure 2 to 
run 25/6 and then to 25/7, or 13 of Figure 2) are less 
important than the change in D *  during each of these 
runs. In this sense, one is dealing with “small-step 
experiments” as discussed in the Introduction.

Further refinements of the experimental techniques 
could lead to even smaller concentration changes, or of 
pi — po, and thus to slight changes in the type of data 
presented here, but such refinement would hardly af
fect the basic conclusions from this work.
Discussion

The results obtained for argon and methane are very 
simple. For one, the diffusion coefficients are essen
tially constant during each run (see Figure 2, horizontal 
lines of D  vs. P ) and they are independent of concen
tration over the range investigated (Figure 1). The 
sorption of these gases therefore seems to be diffusion 
rate controlled, in accord with the conclusion reached 
earlier.3-4

The Freon 21 data indicate a somewhat more com
plicated situation. As in the case of argon and meth
ane, the rates conform to the solution of the diffusion 
equation and the sorption and desorption results agree 
well (Figure 2), but the Freon 21 rates show a strong

negative concentration dependence, especially at the 
higher sorbate concentrations used (Figure 1). The 
diffusion coefficients of Freon 21 are very large, com
pared to those of the smaller diffusate molecules, argon, 
and methane. This of course is not consistent with the 
molecular sieve effect and shows that diffusion into the 
well-ordered crystalline regions of the sorbent cannot 
be the rate-controlling step in the sorption of Freon 21. 
Only coarse grains of the zeolite, consisting of many 
individual pieces of different crystalline orientation, 
were found to sorb Freon 21, while a fine-grain sample of 
the same zeolite containing far fewer grain boundaries 
did not.4 Ames recently discussed the relation of this 
structural heterogeneity to the measured rate coef
ficients.9 Also, Barrer and Brook10 found diffusion 
coefficients, for molecules of comparable size in chaba- 
zite, which decrease with increasing concentration, 
while Habgood11 found upward and downward trends 
for small molecule diffusion coefficients in Linde 4A 
zeolite, depending on the pretreatment of the sorbent. 
The apparent diffusion coefficients differ widely in all 
these cases and again the molecular sieve effect cannot 
be the primary cause of this.

On the other hand, the present data on Freon 21 
and most of the literature results are readily explained 
if we assume Knudsen diffusion in crevices and gross 
defects to be the rate-controlling step at low pressures, 
while gaseous bulk diffusion becomes important at the 
higher sorbate concentrations. Correspondingly,12 the 
apparent or effective diffusion coefficient is nearly con
centration independent at low pressures and roughly 
inversely proportional to sorbate concentration at high 
gas pressures.

It is conceivable that surface diffusion plays a minor 
role in these data; if this were pronounced, one should 
expect an increase of the apparent diffusion rates with 
increasing vapor pressure and increasing surface con
centration. This of course is not the case.

The results obtained for carbon dioxide, finally, are 
striking in that there is a distinct increase of the ap
parent initial sorption rates with concentration (Figure
1). There are a few literature data showing similar 
trends. For example, Barrer and Fender determined 
diffusion coefficients of sorbed H20  from D20-H 20  ex
change rate measurements on several zeolites;13 they
(9) L. L. Ames, Am. Mineralogist, 50, 465 (1965).
(10) R. M. Barrer and D. W. Brook, Trans. Faraday Soc., 49, 1049 
(1953).
(11) H. W. Habgood, Can. J. Chem., 36, 1384 (1958).
(12) C. N. Satterfield and T. K. Sherwood, “ The Role of Diffusion 
in Catalysis,”  Addison-Wesley Publishing Co., Reading, Mass., 
1963, pp 12-28, especially eq 1-26 to 1-32.
(13) R. M. Barrer and B. E. F. Fender, J. Pkys. Chem. Solids, 21, 
12 (1961).
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noted that in the laminar silicate heulandite these co
efficients markedly increase with increasing H20  con
centration. H20  causes the mineral to expand14 * and 
this presumably leads to the increased mobility of the 
diffusing molecules.

Interestingly, Barrer and Fender’s data also show 
that the H20  diffusion coefficients in gmelinite, a typi
cal framework zeolite, increase somewhat with sorbate 
concentration. Thus, the widening of a lattice, as 
established for heulandite, is not necessarily the only 
possible reason for the observed upward trend. Tiselius 
obtained similar results on certain other zeolites.16

The present data also show that D  at the end of a 
given sorption run (P* —» 0) is higher than that mea
sured at the beginning of a subsequent run (see Figure
2). This means that the concentration dependence 
seen in the carbon dioxide data of Figure 1 does not, 
by itself, explain the D /P *  curves reviewed in Figure 2. 
It also means that the sorption does not involve a rate
controlling diffusion step followed by an instantaneous 
immobilization of the sorbate on (internal) sorption 
sites, regardless of whether a linear or nonlinear sorption 
isotherm is assumed.16 Next, we note that desorption 
rates correspond well to the diffusion equation (see 
Figure 2) and the derived diffusion coefficients are much 
higher than those for the sorption processes (see Figure 
1). Finally, considering the sorption and desorption 
isotherm data given in Table I, one finds that there is a 
strong sorption hysteresis; only a small portion of the 
sorbed C02 is given off at intermediate vapor pressures.

The positive concentration dependence of the effec
tive rate constants, the increasing compliance of the 
experimental rates with the diffusion equation, the high 
diffusion coefficients obtained for the desorption runs, 
and the sorption hysteresis are readily explained if we 
assume that a good part of the C02 taken up is chemi
sorbed at active sites and is not released at intermediate 
pressures used in the present desorption runs. In 
addition, some of the gas is physically sorbed only and 
can easily be recovered by a fast diffusion rate controlled 
process. Earlier work3 indicated that the relatively 
slow chemisorption is even more important at low 
experimental temperatures. Kington and MacLeod17 
have noted that the sorption sites of carbon dioxide in 
chabazite are energetically very heterogeneous, con
sistent with above interpretation. There is consider
able infrared evidence for the existence of two types of 
sorbed C02 in several other zeolites.18 In view of the 
problems in interpreting the infrared data, it is impor
tant that the present sorption and desorption rate 
measurements and their comparison permit this dis
tinction of several species to be made.

In the past, compliance of the sorption rate data to

LOG ( t + t j  ------- ►
Figure 3. E lov ich  p lot of sorption runs. A ccording to the  
E lovich  equation,8 (1 — P *)  should be linearly dependent 
on log (t +  t0), where t is the tim e and (1 — P * )  is the  
fractional am ount of gas sorbed in given run (to is a constant, 
chosen to produce the best curve fit): B, carbon dioxide 
sorption on chabazite powder, average grain diam eter 
0.0088 cm, degassed a t the experim ental tem perature, 99 .5°; 
□ , ■ , carbon dioxide sorption on chabazite grain, 0.81 cm  
diameter, a t  99.5 and 5 .7°, respectively; O, argon 
sorption on sam e powder, a t 9 7 .6°; O, • ,  argon sorption  
on sam e grain, a t  97.7 and 9 .4°, respectively.

the Elovich equation has often been used as a criterion 
for chemisorption rate control. Figure 3 shows that the 
argon data can be fitted better by this equation than 
those for carbon dioxide. Obviously, this equation 
is too general to permit a reliable distinction of diffusion 
and chemisorption rate control and recent work by 
Allen and Scaife tends to keep it that way.19 Much 
literature data on heterogeneous catalytic rates may 
require a reinterpretation if analyzed on the basis of 
the Elovich equation only.
(14) R. M. Barrer and B. E. F. Fender, J. Phys. Chem. Solids, 21, 1
(1961).
(16) A. Tiselius, Z. Physik. Chem. (Leipzig), A169, 425 (1934); 
A 174, 401 (1935).
(16) See ref 2a, p 121, eq 8-3.
(17) G. L. Kington and A. C. MacLeod, Trans. Faraday Soc.. 55, 
1799 (1959).
(18) L. Bertsch and H. W. Habgood, J. Phys. Chem., 67, 1621 
(1963); J. W. Ward and H. W. Habgood, ibid., 70, 1178 (1966).
(19) J. A. Allen and P. H. Scaife, Australian J. Chem., 19, 2015 
(1966).

Volume 71, Number 12 November 1967



3954 M. Nakano, N. I. Nakano, and T. Higuchi

Calculation of Stability Constants of Hydrogen-Bonded Complexes from 

Proton Magnetic Resonance Data. Interactions of Phenol with 

Dimethylacetamide and Various Ketones. Solvent Effectla
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A new iterative method of calculating stability constants of hydrogen-bonded complexes 
from pmr data is presented. Unlike earlier procedures which require large excesses of one 
of the interactants, the proposed approach is particularly applicable to systems containing 
nearly equivalent concentrations of the donor and acceptor species, successive corrections 
being made for the amount of the interactants present in the complexed form. Data and 
results are presented for phenol complexes of dimethylacetamide, acetone, 3-methyl- 
cyclohexanone, and some a,/3-unsaturated ketones in carbon tetrachloride. Effects of 
several solvents on the stability constant and chemical shift of the bonded proton of the 
phenol-isophorone complex have also been studied with this method.

Although proton magnetic resonance (pmr) data 
have been used to compute stability constants of 
hydrogen-bonded complexes1 2 and charge-transfer com
plexes3 in ternary systems, published methods of cal
culation, which are analogous in equations to the 
Benesi-Hildebrand expression for spectrophotometric 
data, leave much to be desired. These methods re
quire that the concentration of one of the interactants 
(usually the hydrogen acceptor for hydrogen bonding 
studies) be substantially in excess of the other so that 
the effect of complex formation on the concentration 
of the major component can be neglected. Such a 
condition is often difficult to achieve in practice because 
of limited solubilities of the interactants in the solvent 
under study and the relative lack of sensitivity of the 
pmr method. Lower concentrations would normally be 
preferable even when solubilities permit since higher 
concentrations of the interactants present may (1) 
change the properties of the solvent itself, (2) favor 
formation of higher order complexes,4 5 and (3) be re
sponsible for other anomalies encountered in the 
spectroscopic method in general.6'6

An iterative method suitable for computation of 
stability constants from pmr measurements on systems 
where the concentrations of the two interactants are

comparable is described in the present report. The 
proposed procedure takes into account the amount of 
both reactants present in the complexed form by suc
cessive approximation. A similar iterative approach7 
based on solving a quadratic expression to obtain ap
proximate concentration of the complexed species was 
proposed earlier for treatment of optical rotatory dis
persion data but was found to be too cumbersome for the 
present purpose. The suitability of the proposed 
method has been tested on data corresponding to inter
actions of phenol with dimethylacetamide, acetone, 3- 
methylcyclohexanone, isophorone, mesityl oxide, and 
phorone in carbon tetrachloride. The effect of vary-

(1) (a) This study was supported in part by grants from the National 
Institutes of Health (GM-05830) and from funds supplied by Smith, 
Kline & French Laboratories; (b) address all inquiries to T. Higuchi, 
314 Malott Hall, University of Kansas, Lawrence, Kan. 66045.
(2) R. Mathur, E. D. Becker, R. B. Bradlay, and N. C. Li, J. Phys. 
Chem., 67, 2190 (1963).
(3) (a) M. W. Hanna and A. L. Ashbaugh, ibid., 68, 811 (1964); 
(b) R. Foster and C. A. Fyfe, Trans. Faraday Soc., 61, 1626 (1965).
(4) S. D. Ross and M. M. Labels, J. Am, Chem. Soc., 79, 76 (1957).
(5) P. H. Emslie, R. Foster, C. A. Fvfe, and I. Horman, Tetrahedron, 21, 2843 (1965).
(6) R. Foster and I. Horman, J. Chem. Soc., Sect. B, 1049 (1966).
(7) J. Meier and T. Higuchi, Pharm. Sei., 54, 1183 (1965).
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ing the solvent environment on the stability constant 
and the chemical shift of the bonded proton of the 
phenol-isophorone complex has also been determined.

A  General Method of Computing Stability Constants by 
Pmr. If two species A and B interact reversibly in 
solution to form a 1:1 complex C according to

x„A +  B = C (1)
the stability constant, K e, in the concentration unit 
can be expressed by

T £  _  ____________________^ 1 5 _____________ _ /O N

° (C. -  C„)(Cb - c 0) w
where Ca and Cb are the added concentrations of A 
and B, respectively, and C0 is the concentration of the 
complex at equilibrium. Since these equilibria usually 
involve very rapid reactions, the observed chemical 
shift of the protons on A, <5obsd, will be the time-weighted 
average of the chemical shift of the protons in the 
complexed form, Sc, and that in the uncomplexed form, 
5a.8 Therefore, the 5ob»d is related to Sa and 5„ by eq 3.

r C°5c i — CcJc /nxOobsd = I------ ~Z fojO a L»a
Equation 3 can be rearranged to give

Equation 2 can be rearranged to give
KoCoCb -  KoCoiCo +  Cb -  Co) = Co

(4)

(5)
From eq 4 and 5, eq 6 is obtained

C b
ASobsd 50 — S, ( C a +  C b  -  C o )  +

1
K 0( 5C — 5a) (6)

where A60b»d = <iob8d — 5a. Equation 6 contains two 
unknowns, C e and 50, which can be calculated by means 
of a simple iterative procedure based on successive 
approximations.

Plot of C b / A 5obsd  vs. (Co +  C b )  yield, according to 
eq 6, a line with a slope value approximately equal to 
1/(5C — Sa). This can be substituted into eq 4 to 
obtain the first approximate values of C a. The C 0 
values thus obtained are then used in eq 6 to calculate 
an improved value of the slope. These steps are re
peated until two successive cycles yield essentially iden
tical convergent values for the slope. The final stability 
constant, K 0, is then calculated from the limiting slope 
and intercept values. The chemical shift of the bonded 
proton in the complex S0 can also be obtained from the 
final slope.

If Cb C „  eq 6 reduces to the equivalent relation
ships given by eq 7 and 8, i.e., (1) Hanna and Ash- 
bauth’s form (see also ref 1)

1 1 1 1------- -----------------------1-----------(7)ASobsd Ko(80 — 5a) Cb Sc — So
and (2) Foster and Fyfe’s form

(A5obsd/Cb) +  ASobsd K c = (50 — 8o)Kc (8)
It can be shown that eq 6 can also be directly developed 
from these equations if the higher order terms were not 
neglected during their derivation. It is evident that 
the equation is generally applicable to pmr data for 
computation of both stability constants and Sc values of 
1:1 complexes in ternary systems, not only resulting 
from hydrogen bonding but also from other types of 
rapidly reversible intermolecular interactions in solution.
Experimental Section

Reagents. Reagent grade phenol (J. T. Baker An
alyzed reagent), dimethylacetamide (Eastman White 
Label), and 3-methyl cyclohexanone were distilled 
under vacuum. Acetone (J. T. Baker Analyzed re
agent) was dried over anhydrous potassium carbonate 
and distilled at 55°. Isophorone (Aldrich) after re
peated fractional distillation under vacuum showed no 
evident impurity in the pmr spectrum. Mesityl oxide 
was repeatedly distilled at 129°. Phorone (J. T. Baker) 
was recrystallized several times from ethanol, mp 27°. 
All solvents used were of commercially available spec
troscopic grade.

Instrumentation. A Varian Model Z-60A analytical 
spectrometer with a V-6057 variable-temperature ac
cessory was used.

Procedure. Samples (10 ml) were prepared by mixing 
solutions of phenol and those of the hydrogen acceptors 
and diluted with appropriate solvents. The concen
tration ranges of both phenol and the hydrogen ac
ceptors employed are given in Table I. For computa
tion of stability constants of the phenol-isophorone 
system in various solvents, two different concentrations 
of phenol within the range of 4-10 X 10 ~3 M  were 
used, the concentrations of isophorone being varied 
between 0.02 and 0.10 M .

All chemical shift measurements were carried out 
against tetramethylsilane (TMS) as the internal refer
ence at 25 ± 0.5°. The chemical shifts were reproduc
ible to better than 0.5 cps. For each sample, data from 
at least three field sweeps were used for computing the 
stability constants. Since at the concentration of
(8) H. S. Gutowsky and A. Saika, J. Chem. Phys., 21, 1688 (1953).
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Table I : Proton Magnetic Resonance Data for Interactions 
of Phenol with Some Carbonyl Compounds in 
Carbon Tetrachloride at 25°

Cb
Ca (concn of

Carbonyl (concn of hydrogen
hydrogen phenol), acceptor), K c .
acceptor M  X 1 0 '3 M X  10“ 3 l./mole

DMA 5.04 7.21-36.1
4.73 8.59-21.5
4.56 2.40-38.4 145 513.3
6.84 2.40-14.4
9.12 2.40-33.6

Acetone 6.83 5.72-80.0 10.7 443.0
Isophorone 5.44 5.13-51.3 29.7 482.7

9.59 10.0-139
3-Methylcyclo- 7.71 10.7-74.8 15.3 444.8

hexanone 
Mesityl oxide 6.71 7.55-45.3 15.6 456.3
Phorone 6.43 6.43-57.9 14.7 453.6

° Based on Sa = 257.5; the numbers in cycles per second are 
in reference to TMS.

phenol employed there still was some tendency for 
hydroxyl signal to change on further dilution, the values 
of 5a were estimated for each solvent by extrapolating 
the curve obtained at the concentration range of above
4 X 10~3 M  to infinite dilution as shown in Figure 1.
The slope values were calculated throughout by the 
method of least squares and each K 0 value was obtained 
from the slope and intercept of the final regression line.
Applications of the Method

Interactions o f Phenol with Dimethylacetamide ( D M A )  
and Other Carbonyl Compounds in Carbon Tetrachloride. 
The suitability of the iterative procedure base on eq 6 
for computing stability constants from pmr data is 
evident in Figure 2, the specific case being for inter
action of phenol with DMA. In this experiment the 
added concentration of phenol was fixed at 5.04 X 10~3 
M , the concentrations of DMA being varied from 7.21 
to 36.1 X 10~3 M . As a first approximation, line 1 
was constructed by plotting C b / A 50bsd  against Ca -b 
Cb, ignoring for the moment the C0 term in eq 6. The 
slope of this line was then used to calculate the first 
approximate concentrations of the complex species in 
solution, C0 =  CaASobad (slope), according to eq 4. Line 2 
was then obtained by replotting Cb/A50bsd now against 
Cs. — Cb — Co based on these values of C0. The 
slope of line 2 was then employed to yield more refined 
values of Cc which were used in turn to give line 3, 
which essentially coincided with line 4 and succeeding 
lines. The indicated value of K 0 = (slope/intercept) 
of the final convergent line was 145 l./mole.

Figure 1. Hydroxyl signal of phenol in carbon tetrachloride.

(Ca ♦  cb -  Cc) X I03
Figure 2. Plots showing the application of the iterative 
method for calculation of the stability constant from pmr 
data for interaction of phenol with DMA in carbon 
tetrachloride at 25°. Line 1 corresponds to the first 
approximation with C0 set equal to zero. Points indicated by 
O on the final convergent line are for the second approximation 
and A for the final convergent values of Co

lt can be seen that essentially one iterative cycle 
brought the values of Cc very close to the final conver
gent values for this relatively strong interaction. The 
number of iterations normally necessary would be ex
pected to be dependent upon the concentration ratio of 
two interactants as well as the degree of interaction. 
This method of analysis seems to have an advantage 
over the previously suggested iterative method7 based 
on successive approximation of Cc by a quadratic rela
tionship. In the latter method the initial line occa
sionally yields a negative intercept, particularly with 
strongly interacting systems, a situation which is 
rather difficult to cope with. The proposed procedure 
is much simpler to apply in practice and seems to be 
free of such problems.

The final convergent line must be independent of 
phenol concentrations in the range where dimerization 
is not a factor, although the number of iteration cycles 
required may differ, and in the process of iteration sepa-
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Figure 3. Plots showing the final convergent line for 
five independent experiments corresponding to interaction 
of phenol with DMA. The circles represent the 
first approximation plots of Cb/A50bBd vs. C'a +  Cb 
(see the text for the dashed line).

rate lines are usually established for different phenol 
concentrations. In Figure 3 the results of five inde
pendent experiments, as shown in Table I, obtained at 
several but low concentrations of added phenol, have 
been pooled and plotted according to eq 6. Only the 
first approximation, i.e., plots of Cb/A50bsd vs. C\ +  Cb 
and the final plots of Ch/A&ohad vs. Ca +  Cb — C„ are 
shown (separate initial lines corresponding to the several 
added phenol concentrations are not shown). It is 
clear that the points have converged as expected into 
one straight line irrespective of the phenol concen
tration after incorporation of the convergent C0 values.

Since the final points obtained for several phenol 
concentrations and defining the convergent regres
sion line fall so well on the line, it is difficult to deter
mine from the plot shown in Figure 3 the exact nature 
of the residual deviations from the theoretical relation
ship. In Figure 4 an attempt has been made to magnify 
the residual scatter by increasing the ordinate scale by 
a factor of 10 and plotting Cb/ A50bsd — Y  against the 
same abscissa values where Y  =  3.50 X 10-3 ( C a +  
C b  —  C c) ,  an arbitrary line represented by dashes in 
Figure 3. The points shown in Figure 4 were analyzed 
with respect to the relative concentration of phenol to 
that of DMA, i.e., Ca > C b ,  C a  = C b ,  and C a < C b . 
It is evident from this magnified plot that the devia
tions from the regression line of the points arising from 
different ratios of the concentration of phenol to that 
of DMA are more or less random and that the line 
represents a common solution. The results strongly 
support the validity of the general method of calcula
tion and the underlying assumptions.

In Table I the stability constants and the chemical 
shifts of bonded protons calculated from pmr data in 
the above manner for complexes formed by phenol

Figure 4. Plots showing the same data given in Figure 3 
but with the ordinate scale expanded. The ordinate values 
represent the differences between the observed values and 
those given by the arbitrary dashed line in Figure 3.

Figure 5. Final plots of Cb/A6„bsd vs. Ca +  Cb — C0 
for phenol-acetone-carbon tetrachloride and 
phenol-3-methylcyclohexanone-carbon tetrachloride 
systems at 25°.

with DMA, acetone, 3-methylcyclohexanone, mesityl 
oxide, phorone, and isophorone in carbon tetrachloride 
at 25° are listed. The corresponding additional plots, 
shown in Figures 5-7, appear to adhere equally well to 
eq 6. On the basis of the observed precision of the 
pmr data and other factors, the reproducibility of these 
constants appears to be of the order of ±4%.

In Table II the stability constant obtained for the 
phenol-DMA complex is compared with those obtained 
by other investigators from infrared and ultraviolet
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spectroscopic measurements. The agreement is cer
tainly as good as can be expected. In Table III the 
value for the phenol-acetone complex is compared with 
five others determined by different workers using the 
infrared technique. Again it would appear that the 
present result is certainly as reliable as the others.

Table II: Summary of Available Data on the Interaction of 
Phenol with DMA in Carbon Tetrachloride

Temp, A c
Method °C l./mole Ref

Ultraviolet 25 134 ±  3 a
Ultraviolet 32 108 b
Infrared 20 270 c
Infrared 25" 184 c
Infrared 30 136 c
Pmr 25 145 Present

work

“ M. D. Joesten and R. S. Drago, J. Am. Chem. Soc., 84, 2037 
(1962). b F. Takahashi and N. C. Li, J. Phys. Chem., 69, 1622 
(1965). ' S. Mizushima, M. Tuboi, T. Shimanouchi, and Y. 
Tsuda, Spectrochim. Acta, 7, 100 (1955). d Interpolated value.

Table III: Summary of Available Data on the Interaction 
of Phenol with Acetone in Carbon Tetrachloride

Temp, A„,
Method °C l./mole Ref

Infrared 25 13.5 a
Infrared 24.5 8.5 b
Infrared 20 12.31 c
Infrared 50 6.01 c
Infrared 23 12.3 d
Infrared 30 8.35 e
Pmr 25 10.7 Present

work
“ M. D. Joesten and R. S. Drago. J. Am. Chem. Soc., 84, 

3817 (1962). 6 J. M. Widom, R. J. Philippe, and M. E. Hobbs, 
ibid., 79, 1383 (1957). c T. Gramstad, Spectrochim. Acta, 19, 
497 (1963). d W. Heinen, Rec. Trav. Chim., 82, 859 (1963). 
* S. Mizushima, M. Tuboi, T. Shimanouchi, and Y. Tsuda, 
Spectrochim. Acta, 7, 100 (1955).

It has been reported from infrared spectral shift 
studies that the conjugation with ethylenic double 
bonds does not appreciably alter the basicities of ke
tones.9-10 It can be seen, however, from the data shown 
in Table I that the cyclic a,/3-unsaturated ketone, iso- 
phorone, is apparently significantly more basic toward 
phenolic hydrogen than a,/3-unsaturated ketones in 
which ethylenic double bonds are conjugated with non- 
cyclic aliphatic ketone groups. Such observations sug-

Figure 6. Final plots of Cb/A50bsd vs. Ca +  Ci, — C„
for phenol-phorone-carbon tetrachloride and phenol-mesityl
oxide-carbon tetrachloride systems at 25°.

Figure 7. The effect of concentration of phenol 
on the plots of Cb/AS0bsd vs. Ca +  Cb — Co for 
interaction of phenol with isophorone in CC14 at 25°.
The straight line drawn is the regression line for 
Oa = 5.44 X 10~3 and 9.59 X 10~3 M  only.

gest the possible utility of stability constant deter
mination such as described above in eliciting structural 
information.

Effect of Higher Phenol Concentrations. Since as
sociated forms of phenol appear to hydrogen bond more 
readily than the monomeric species,7-11 higher concen
tration of the hydrogen donor may be expected to pro
duce significant deviations from eq 6. Figure 7 shows 
the plots of C'b/ASobsd vs. the final values of Ca +  Cb — C0 
for interaction of phenol with isophorone covering a 
wide range of phenol concentrations. Theoretically, 
all points should converge into one straight line after an 
appropriate number of the iteration cycles, if the deter
mination of the stability constant were totally inde
pendent of phenol concentrations. For the higher
(9) A. W. Baker and G. Harris, J. Am. Chem. Soc., 82, 1923 (1960).
(10) L. J. Bellamy and R. J. Pace, Spectrochim. Acta, 19, 1831 
(1963).
(11) L. J. Bellamy and R. J. Pace, ibid., 22, 525 (1966).
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concentrations of phenol, however, the experimental 
points did not converge into the same straight line as 
for the lower concentrations and the observed devia
tions were progressively greater as the concentration 
of phenol was increased. The effect was particularly 
pronounced when the ratio of the concentration of 
phenol to that of isophorone was high and can probably 
be attributed to the presence of the associated forms of 
phenol at the higher concentrations as was the case in 
our previous camphor-phenol system.7 Below phenol 
concentration of about 10 X 10-3 M, this effect ap
pears to be unimportant, as can be seen in Figure 7. 
From the infrared studies, it is believed that the pres
ence of dimeric forms of phenol is less than 1% under 
this condition.12

The observed chemical shift of the phenolic proton at 
these concentrations differed from that of infinite dilu
tion by, at the most, 2 cps in all solvents studied. 
It was because of this observation that the concentra
tion of phenol was kept below 10 X 10 ~3 M  for deter
mination of the stability constants; on the other hand, 
the sensitivity of the nmr spectrometer necessitated 
concentrations at least of the order of 4 X 10 ~3 M. 
The use of an nmr spectrometer of greater sensitivity 
and having a higher resolution can be expected to im
prove the accuracy and precision of determination of 
K c values by this method.

Effect of Solvents on Pmr Data. The values of stabil
ity constants of complexes formed by hydrogen bond
ing are, of course, dependent upon the solvent in which 
the measurements are made. More recently the solvent 
effect has been attributed largely to competing equilibria 
between the solutes and the solvent rather than to 
some bulk dielectric effect of the solvent.13-16 Experi
mental observations arising from the present study 
based on pmr measurements have shed some light on 
this situation in part because of the greater precision of 
the method.

Stability constants of the phenol-isophorone com
plex obtained by the present method at 25° in carbon 
tetrachloride, carbon disulfide, tetrachloroethylene, 
and various saturated hydrocarbon solvents are listed in 
Table IV. The values of K c were observed to be much 
larger for the saturated hydrocarbon solvents than for 
the three nonhydrocarbon solvents. This effect may 
be due to specific interactions between the solutes and 
the latter solvents, as has been pointed out by earlier 
investigators.14'17-19 From purely entropic considera
tions it would appear that these constants should vary 
directly with the molar volume of the solvent. Al
though a trend in this direction appears to be the case 
for the saturated hydrocarbon solvents, it seems less 
than expected.

Table IV : Pmr Data for Interaction of Phenol with 
Isophorone in Various Solvents at 25°

Chemical Chemical
shift of shift of

unbonded bonded
Kc, phenolic phenolic

Solvent l./mole hydrogen® hydrogen®

ecu 29.6 257.5 482.7
C2C14 39.7 256.5 479.7cs2 39 .8 255.5 482.8
71-Pentane 67.9 240.0 481.5
n-Hexane 65.1 240.5 485.0
n-Heptane 67.2 241.5 485.4
Cyclopentane 63.2 241.5 483 .0
Cyclohexane 69.8 242.5 484.6
Methylcyclo- 71.0 243.3 485.4

hexane
Isooctane 81 .0 240.6 482.7
Decalin 78.3 243.8 489.8

0 Units are in cycles per second in reference to TMS.

One of the interesting outcomes of this pmr study in 
various solvents was the observation that the chemical 
shift of the bonded proton of the phenol-isophorone 
complex, 60, appeared to be relatively independent of the 
solvents used, although that of the free phenol, 5a, 
and the K c values were distinctly different for the non
hydrocarbon and hydrocarbon solvents (see Table IV). 
This may be attributable to the fact that the hydrogen 
atom involved in bonding is shielded from the solvent 
molecules, its chemical shift being relatively inde
pendent of the nature of the solvent shell and de
pendent largely upon the properties of the hydrogen ac
ceptor (see Table I). Further investigations are re
quired on interactions of phenol with a wide 
variety of hydrogen acceptors in various solvents, how
ever, before definitive conclusions can be drawn. 
On the other hand, the chemical shift of the free phe
nolic proton, as shown in Table IV, depended upon the 
nature of the solvent. This effect may be looked upon 
as interaction of free phenol with solvent molecules to 
form weakly hydrogen-bonded complexes. 12 13 14 15 16 17 18 19

(12) For example, the dimerization constant of phenol in CCL at 
30° is reported to be 0.70 l./m ole: M . M . Maguire and R. West, 
Spectrochim. Acta, 17, 369 (1961). Based on this value at 0.01 M, 
the concentration of the dimer present is calculated to be 0.70 X 
10 "* M.
(13) J. Rubin and G. S. Panson, J. Phys. Chem., 69, 3089 (1965).
(14) R. J. Bishop and L. E. Sutton, J. Chem. Soc., 6100 (1964).
(15) R. S. Drago, T . F. Bolles, and R. J. Niedzielski, J. Am. Chem. 
Soc., 88, 2717 (1966), and references cited therein.
(16) M . Horak and J. Pliva, Spectrochim. Acta, 21, 911 (1965).
(17) T . Gramstad, Acta Chem. Scand., 15, 1337 (1961).
(18) T. Gramstad, ibid., 16, 1969 (1962).
(19) T. Gramstad, Spectrochim. Acta, 19, 1363 (1963).
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Polarographie and Spectral Studies of Charge-Transfer Complexes

by Roger D. Holm, W. R. Carper,1 and James A. Blancher
Chemistry Department, California State College ai Los Angeles, Los Angeles, California {Received May 15, 1967)

Formation constants for some charge-transfer complexes have been evaluated polaro- 
graphically. Complexation was found to perturb the energy levels of the acceptor (7,7,8,8- 
tetracyanoquinodimethane) causing an energy decrease in the lowest unfilled level and, 
consequently, reduction at more positive potentials for hexamethylbenzene and penta- 
methylbenzene. For durene and mesitylene, on the other hand, the lowest empty acceptor 
level was shifted to higher energy, causing reduction at more negative potentials. Cor
rections for these energy level perturbations were obtained from spectral shifts of the first 
acceptor transition and were applied to the observed half-wave potentials in computing 
formation constants. The relative order of donor character was found to be hexamethyl
benzene >  pentamethylbenzene >  durene >  mesitylene in chloroform solution using tetra- 
butylammonium perchlorate as the supporting electrolyte. This relative donor order 
differs from that indicated by Benesi-Hildebrand investigations in chloroform, but the 
polarographic values do follow the relative order of the donors in many other solvents 
and probably reflect the true sequence in chloroform as well.

Introduction
Several studies of charge-transfer complexes have 

been conducted in which shifts in polarographic half
wave potentials are utilized in obtaining formation 
constants.2 In these investigations, it has been assumed 
that the potential shift is entirely due to the formation 
of the complex.3 In several cases very poor agreement 
has been obtained between formation constants ob
tained polarographically and those obtained spectrally. 
It is the purpose of this paper to show that acceptor 
half-wave potentials depend not only upon the value 
of the complex formation constant, but also on the en
ergy of the vacant molecular orbital of the acceptor 
which changes upon complexation.

Experimental Section
Solvents. Spectroquality carbon tetrachloride was 

used as received. Preliminary addition of tetracyano- 
ethylene to the solvent yielded no observed donor- 
acceptor interaction. Hexamethylbenzene, penta
methylbenzene, and durene were obtained from Eastman 
and pyrene was from K & K  Laboratories, all as reagent 
grade and used without purification. Mesitylene from 
Eastman was distilled through a spinning-band column 
at a temperature of 164°. Tetrabutylammonium per
chlorate (Southwestern Analytical Chemicals) was

recrystallized from methanol and dried in vacuo over 
anhydrous magnesium perchlorate at 100° for at least 5 
hr. Tetrabutylammonium chloride (Southwestern Ana
lytical Chemicals) was recovered from aqueous solu
tion by evaporation under reduced pressure, followed by 
drying in vacuo at 50° over magnesium perchlorate. 
Chloride solutions in chloroform were prepared from this 
salt with great rapidity and it was experimentally veri
fied that the amount of moisture acquired in dissolving 
the tetrabutylammonium chloride had no significant 
effect on the stability of the observed potentials. 7,7,-
8,8-Tetraeyanoquinodimethane (TCNQ) was recrystal
lized from specifically purified acetonitrile three times 
and dried in vacuo over P20 5 at 80°.

Spectral Studies. Spectral measurements were made 
on a Cary 14 spectrophotometer at 25 ±  0.1°. The 
first absorption band position of the acceptor could be 
located to ± 3  A and the charge-transfer band max
ima to ± 5  m/i. All solutions contained 0.1 M  tetra
butylammonium perchlorate as an inert electrolyte in

(1) Address correspondence to this author at Wichita State Univer
sity, Wichita, Kan. 67208.
(2) H. Irving, “ Advances in Polarography,”  Vol. 3, Pergamon Press 
Inc., New York, N. Y ., 1960, p 42.
(3) (a) M. E. Poever, Trans. Faraday Soc., 58, 2370 (1962); (b) J. Ghem. Soc., 4540 (1962).
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order to preserve the same solution environment for 
both spectral and polarographic studies.

The TCNQ concentration was generally about 10-4 M  
and the donor concentrations were varied from 0.10 
to 1.0 M  depending on solubility. All solutions were 
thoroughly deoxygenated with purified nitrogen which 
was presaturated with chloroform before being trans
ferred to degassed absorption cells. For spectro- 
photometric measurements of the formation constants, 
dilutions of the most concentrated solutions were taken 
and constants were obtained at several wavelengths 
from the expression4

(Q)(A)6 =  J _  , ÇD)
di Kei +  d

in which (D) and (A) are the concentrations of donor 
and acceptor, respectively, K  is the formation constant, 
b is the path length, and d\ and a are the absorbance 
and molar absorptivity, respectively, for wavelength 
\i .  If one complex species exists in solution, the K  is 
generally reasonably constant over the charge-transfer 
band.

Polarographic Studies. A three-compartment, cell 
was used with a central working compartment which 
was isolated from the auxiliary and reference compart
ments with fine frits. The working solution level was 
kept higher in this compartment than in the other com
partments to ensure a net outflow through the frits and 
preclude contamination of the working solution. Pro
vision was made to degas the solutions in all three cells 
to prevent entry of oxygen which not only is electro
active but also complexes with the TCNQ. Salt bridge 
solutions in the auxiliary and reference compartments 
were of freshly prepared chloroform solutions of 0.1 M 
tetrabutylammonium perchlorate. The working solu
tions contained 0.1 M  tetrabutylammonium perchlorate, 
0.1-1.0 M donor, and typically 10-4 M  TCNQ. These 
solutions were thoroughly degassed in a fritted cell, 
transferred under nitrogen to the polarographic cell, 
and degassed further. During all measurements, 
chloroform-saturated nitrogen was passed over the 
working solutions.

A Sargeant X V  polarograph was employed in con
junction with a Sargeant infrared compensator and a 
three-electrode cell system. The chart paper divisions 
were calibrated by measuring the potentials of the 
bridge windings with a Leeds and Northrup Model K-3 
potentiometer. The infrared compensator was periodi
cally balanced so that the potential of the dropping 
mercury electrode (dme) was within ±0.5 mv of 
the nominal bridge potential.

Plots of applied potential vs. log (id — i)/i were

made and the potential at which the log term became 
zero was taken as the half-wave potential. The plots 
consistently exhibited slopes within 10% of 59.1 mv. 
Values for the half-wave potential for the same solu
tion were reproducible to ±  1 mv. Preliminary trials 
using a silver-silver iodide electrode5 were unsuccessful 
owing to erratic drifting of the electrode. More stable 
potentials were obtained with a silver-silver chloride 
electrode composed of a helix of silver wire anodized 
in a solution of tetrabutylammonium chloride and im
mersed in a chloroform solution containing 0.10 M  tetra
butylammonium perchlorate and approximately 0.01 M 
tetrabutylammonium chloride. The electrode con
tained in a 1-cm fritted tube was found to vary only 4-5 
m during a 12-hr period when compared to a similarly 
prepared electrode. Although the concentration of 
chloride was only approximately known, the reference 
potential was stable enough so that alternate polaro- 
grams could be run repeatedly for the acceptor and for 
the complex. The differences in half-wave potential 
were obtained over a time period short enough so that 
the reference electrode was essentially constant within 
experimental error. The shifts in half-wave potential 
are felt to be reliable to ±1.5 mv.

Results and Discussion
Spectral investigations revealed that the first transi

tion of the TCNQ was shifted slightly to higher ener
gies (from 4015 to as much as 4000 A) upon complexa- 
tion with durene and mesitylene and to slightly lower 
energies (from 4015 to 4025 A) with hexamethylben- 
zene and pentamethylbenzene. At the higher con
centration of donors, the absorption is believed to be 
predominantly due to the complexed TCNQ as is indi
cated by an apparent limiting amount of shift at the 
higher donor concentrations of each system. Since the 
complexes are rather weak, the spectral shifts and cor
rections may be considered minimum values. The 
charge-transfer bands for TCNQ-hexamethylbenzene 
and pentamethylbenzene are sufficiently far removed 
from the TCNQ band so that no overlapping occurs. 
Although the charge-transfer bands of durene and 
mesitylene do overlap considerably with the TCNQ 
band at 4015 A, little error is involved in measuring the 
peak intensity of the acceptor band since the absorbance 
of this band is roughly 100 times as great as the charge- 
transfer bands. In addition, the latter bands are very 
broad with little change in absorption over a 20- or 
30-A region.

(4) H. A. Benesi and J. H. Hildebrand, J. Am. Chem. Soc., 71, 2703 
(1949).
(5) M. E. Poever, Trans. Faraday Soc., 60, 417 (1964).
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A--F» A'
(Red Shift)

A----»A1
( Blue Shift)

Figure 1. Perturbation of acceptor levels upon complexation. 
Filled levels of the donor, D, and acceptor, A, are shown as 
well as the small perturbations, A', and the first unfilled 
acceptor level when the complex, C, is formed. The E c t  

represents the first charge-transfer band of the molecular 
complex. Upon complexation the donor level and the first 
unfilled acceptor level are shifted slightly toward each other.

The spectral shift of the TCNQ band may be inter
preted as reflecting a perturbation of the acceptor or
bitals upon complexation as is shown in Figure 1. 
Though all levels may be somewhat affected, it is the 
lowest unfilled acceptor level which participates most 
in complex formation and which probably undergoes 
the greatest perturbation effect. The filled level of the 
acceptor is likely to be relatively unaffected and the 
extent of the spectral energy shift of the first transition 
(A -»■ A ') is therefore probably close to the true change 
in energy of the lowest unfilled level.

The reference energy level of the calomel electrode 
may be thought of as lying above the acceptor levels. 
In the red shift case in Figure 1, complexation perturbs 
the acceptor level to a lower value (closer to the donor 
level), causing a greater energy separation between the 
reference electrode and the acceptor level and requiring 
a more negative potential for electron transfer. A 
slightly more negative half-wave potential is observed 
for this reduction process in addition to the conven
tional negative potential shift from complexation, 
giving rise to an apparent formation constant which is 
too large. The observed half-wave potential is there
fore a function of the energy level perturbation from 
complexation, as well as of concentration of donor and 
formation constant of the complex. The energy cor
rection calculated in this manner from the perturba
tion of both filled and unfilled orbitals represents a 
maximum correction for the half-wave potential of the 
complex. Since the filled level is probably little af
fected, however, the correction is probably close to the 
true correction.

It has been shown that molecular complexation is 
accompanied by a shift of the reversible polarographic 
half-wave potential to more negative potentials accord
ing to the relation

ASy, =  ~  In [1 +  KÇD)]

for a 1:1 complex of small formation constant K  and 
donor concentration (D). It is reasonable to assume 
that at the prevailing concentrations only 1:1 com
plexes are involved and the treatment in this study has 
ignored any higher complexes. It is assumed that the 
activity coefficients of acceptor and complex are iden
tical and that the diffusion current constants for ac
ceptor and complex are also identical. The first condi
tion is reasonable and the latter condition appears 
to be true. Reports5 of a reversible and diffusion- 
controlled reduction wave for TCNQ were confirmed. 
The donors were all reduced at potentials roughly 2 v 
more negative than the TCNQ. The perchlorate ion 
is probably of little complexing effect as its donor 
strength for TCNQ is less than that of the it donors 
used which are present in equal or greater concentra
tion.

The observed shift in half-wave potential for durene 
is greater (more negative) than that produced by the 
equilibrium effect by the amount of perturbation shift 
and the formation constant can be calculated once the 
spectral potential component in the potential shift is 
deducted. This component may be evaluated by 
measuring the wavelength shift in the band maxi
mum of the acceptor. Since 1 ev equals 1.60 X 10~12 
erg, one may express the energy difference in milli- 
electron volts

AÉh/s

AF?i/2 =  hcA(l/\)

/ic(10s) ~ 1
(1.6 X  10-12)|_xl

____1_"
_Aa Ad a .(0.124)

1 '
Ad a .

where h and c are Planck’s constant and velocity of 
light, respectively, and Aa and Ada are the band maxima 
expressed in cm-1 for the uncomplexed and complexed 
acceptor.

In a similar manner, TCNQ complexation with hexa- 
methylbenzene and pentamethylbenzene results in a 
lowering of empty acceptor level as is seen from the 
diminution in the energy of the TCNQ transition. The 
energy level shift will partially compensate the equilib
rium effect and the observed half-wave potential shift 
to negative values will be too small. It was found in
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Table I : Formation Constants of Complexes
Donor Cor
concn, AEl/2, term, ■^uncort A cor.

M mv mv l./m ole l./m ole

TCNQ-Hexamethylbenzene
0.10 7 +  1.5 3.12 3.93
0.20 11 + 3 .0 2.68 3.61
0.30 17 + 6 .0 3.14 4.83“
0.40 16 + 7 .0 2.16 3.62
0.50 20 + 7 .0 2.36 3.72

Av 2.69 ± 0 .4 4 3.72 ± 0 .1 5
TCN Q-Pentamethylbenzene

0.10 4 0.0 1.68 1.68
0.20 8 +  1.0 1.83 2.10
0.30 12 +  1.5 1.99 2.30
0.40 14 + 3 .1 1.82 2.36
0.50 16 + 3 .8 1.73 2.33

Av 1.81 ± 0 .1 2 2.15 ± 0 .2 8
TCNQ-Durene

0.20 5 - 1 .4 1.08 0.750
0.40 8 - 2 .4 0.91 0.608
0.60 18 - 7 .7 1.69 0.822
0.80 24 -1 1 .0 1.93 0.825
1.00 24 - 6 .3 1.55 0.991

Av 1.43 ± 0 .4 3 0.799 ± 0 .1 4
TCN Q-Mesitylene

0.20 3 0.0 0.36 0.62
0.40 8 0.0 0.91 0.92
0.60 23 - 3 .1 2.42 1.96“
0.80 14 - 4 .5 0.91 0.561
1.00 20 - 5 .4 1.18 0.77

Av 1.15 ± 0 .7 7 0.72 ± 0 .5 1
° These values were rejected with better than 95% confidence 

before computing average values.

this study that the spectral potential shifts can amount 
to 30% of the observed shift in half-wave potential. 
In Table I are listed the observed half-wave potential 
shifts at different donor concentrations, the correspond
ing correction term in millivolts computed from TCNQ 
spectral shifts, the formation constant computed from 
the observed half-wave potential alone, and the con
stant computed from the corrected half-wave poten
tials. As would be expected, the effect of the spectral 
shift correction is seen in an increase in the constant for 
hexamethylbenzene and pentamethylbenzene and a 
diminished constant for durene and mesitylene. More
over, the standard deviations listed are generally smaller 
for the corrected constants. The donor strengths ob
served were in the order hexamethylbenzene >  penta
methylbenzene >  durene >  mesitylene. Such a se
quence is reasonable since the inductive effect of six 
methyl groups would be expected to make the ir-cloud

more available in a charge-transfer complex. Melby, 
et al.,6 have reported that the constant in methylene 
chloride for TCNQ-hexamethylbenzene exceeds that of 
durene. In a polarographic study in chloroform, Poe- 
ver obtained a value of 2.0 ±  0.2 for TCNQ-hexa
methylbenzene in ionic strength 0.5 M. This value 
essentially corresponds to the uncorrected constant of 
this study, though at a different ionic strength.

For comparison with the polarographic results, 
spectral measurements were made of each solution and 
constants were calculated using the Benesi-Hilde- 
brand equation. Comparison of the constants ob
tained from the two methods, presented in Table II, 
shows that the values not only disagree but the relative 
order of donor strength is different. A similar order of 
spectrally determined donor strength in chloroform has 
been obtained by Thompson and de Maine7 for trinitro
benzene with the same donor molecules, indicating that 
the progression of values from the Benesi-Hildebrand 
equation is at least reproducible with other acceptors 
in chloroform, although it may not produce real values. 
Spectrally determined donor-acceptor constants in 
other solvents yield relative donor strengths which 
parallel that progression observed polarographically in 
this study. Such is the case for complexes of tetra- 
cyanoethylene with the same donors in methylene 
chloride.8 The same relative progression of con
stants was found by Thompson and de Maine7 for 
trinitrobenzene with the donors in carbon tetrachlo
ride, R-heptane, n-hexane, and cyclohexane. More
over, in the study reported in this paper the charge- 
transfer bands exhibited a regular trend toward higher 
energy from hexamethylbenzene to mesitylene, sug
gesting that this really is the true order of decreasing 
stability for these complexes in chloroform rather than 
as suggested by the Benesi-Hildebrand treatment. 
Maxima could be obtained only for TCNQ-hexamethyl
benzene (6010 ±  50 A) and pentamethylbenzene (5400 
±  50 A) since the other two bands partially overlapped 
the TCNQ band. It would appear that the absorptions 
used in the Benesi-Hildebrand extrapolations in chloro
form arise from some effect more complicated than 
merely the excitation of an isolated complex. The 
origin of this effect is unknown but may be related to 
interaction of the solvent dipole in the absorption by 
the complex.

Since the polarographic constants (both corrected

(6 ) L . R . M e lb y , R . J. H arder, W . R . H ertler, W . M ah ler, R . E. 
B enson , and W . E . M och el, J . A m . Chem. Soc., 84, 3374 (1962).
(7 ) C . C . T h om p son , Jr., an d  P . A . D . de M aine, J . P h ys . Chem ., 69, 2766 (1965).
(8 ) G . B riegleb , “ E le k t r o n e n - D o n a t o r - A c c e p t o r - K o m p le x e , ”  
Springer-V erlag, B erlin , 1961, p  129.
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Table I I : Comparison of Polarographie and
Spectral Constants in Chloroform

D o n o r

P o la ro g ra p h ie  
c o n s ta n t s  in  
C H C ls  (co r)

B e n e s i - H  i ld e b ra n d  
c o n s ta n t s  in  CHCI3 

( th is  s tu d y )

Hexamethylbenzene 3.7 ± 0 .2 0.30 ± 0 .0 3
Pentamethylbenzene 2.2 ± 0 .3 1.36 ±  0.05
Durene 0.8 ±  0.1 0.18 ±  0.05
Mesitylene 0.7 ±  0.5 0.07 ±  0.03

and uncorrected) are consistent with the usual donor 
strengths, it is probable that values obtained from the 
Benesi-Hildebrand treatment in chloroform are suspect 
and that the true values are close to those obtained 
polarographically.

Calculations.—During the course of our investiga
tion, several observations were made concerning the 
spectral shifts associated with the acceptor, TCNQ.

First of all there is a shift, a fact which is hardly sur
prising in view of Mulliken’s early papers9 and con
sideration of perturbation theory. In his paper con
cerning the molecular orbital treatment of charge- 
transfer complexes, Flurry10 11 provides a review of the 
various perturbation treatments and points out the 
difficulties of such calculations. However, he does 
provide a simple molecular orbital treatment (neglect
ing overlap) of the problem in question.

Returning to the experimental results once again, it is 
seen that both red and blue shifts are observed for the 
acceptor first transition energy. This would suggest 
several interesting possibilities: (a) a simple energy
scheme (as shown in Figure 1) wherein a red shift im
plies that the empty acceptor orbital is of higher en
ergy than the filled donor orbital; (b) a more com
plicated picture wherein either one or both orbitals 
have been perturbed by the solvent molecules before (or 
during) complexation. Obviously, case b would not 
permit a simple correlation between shifts and the rela
tive energies of the donor and acceptor orbitals except 
in rather fortuitous cases.

Having pointed out the problems concerning the 
interpretation of the spectroscopic shifts, we would like 
to confine ourselves to an examination of a, or a special 
case of b, where the solvent effects are treated as a con
stant factor.

Utilizing the one-electron molecular orbital treat
ment,10 the energy of the charge-transfer transition 
(AEct) is

AEct — (b2 — a2)(D — A +  Fes) — 4<z?>/3da

where D =  negative of donor ionization potential, 
A =  negative of electron affinity of acceptor, Fes =

potential resulting from complete charge-transfer, 
Pda =  resonance integral between donor and acceptor, 
and o and b =  molecular orbital coefficients (a2 +  
b2 = 1).

The value of A for TCNQ was taken as —1.70 ev.11 
D values were taken from Flurry’s calculations10 and 
Watanabe’s values.12 The charge-transfer band max
ima were obtained from spectral results and, where 
necessary, from A E c t  v s . electron affinity plots. The 
latter plots are seldom linear unless the acceptor mole
cules are similar (p-benzoquinone, chloranil, and TONE 
gave linear relationships for the donors benzene, tolu
ene, o-xylene, mesitylene, durene, pentamethylben- 
zene) and Ihe donor molecules are of the same series.

Special emphasis must be placed upon both geo
metric and orbital (atomic) similarities in acceptor 
molecules if any reliance is to be placed on such plots. 
Recently, a reexamination of X-ray data13’14 has re
vealed that bond distances in the

fN ^ C

_N =C

group of TCNQ are the same as those in TCNE. Fur
thermore, the bond distances in the ring of p-benzo- 
quinone are similar to those found in the ring of TCNQ. 
X-Ray information concerning the methvlbenzene15 
indicates that the standard benzene ring distance is 
relatively unaltered by the addition of the methyl 
groups.

While all of the above information may not be con
clusive, it gives us encouragement. Proceeding to the 
next problem, there is the choice of Fes- As Flurry 
pointed out,10 the choice of Fes is somewhat arbitrary in 
view of the limited information available.10 With this 
in mind, we have set the complex equilibrium distance 
equal to three different values (3.25, 3.35, and 3.65 A) 
and compiled three sets of data (Table III). The 
values of o and b (a =  0.88 and b =  0.47) for the TCNQ

(9 ) R . S. M ulliken , J . P h ys. Chem., 56 , 801 (1 9 5 2 ); J. A m . Chem. 
Soc., 74 , 811 (1952), and other related papers.
(10) R . L . F lurry , Jr., J. P h ys. Chem ., 69 , 1927 (1965).
(11) G. B riegleb , Angew . Chem. In tern . Ed. E ngl., 3 ,  617 (1964).
(12) K . W atanabe, J . Chem. P hys., 26 , 542 (1957).
(13) C . J. F ritehie, Jr., A cta  Cryst., 20 , 107 (1966).

(14) R . E . L ong , R . A . Sparks, and K . N . T ru eb look , ibid., 18, 932
(1965).

(15) “ T ab les  o f  In teratom ic D istan ces and C on figu ration  in M olecu les  
and Io n s ,“  Supplem ent, 1956-1959, T h e  C hem ical S ociety , L on d on , 
1965.
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complexes are almost identical with those values (a =
0.89 and b =  0.45) obtained for the TONE complexes.10

A  distance of 3.25 A produces the only reasonable 
values of complex formation constants (see Tables I 
and II). This may be compared with a value of 3.26 A, 
the T C N Q _-T C N Q ~  distance found by Fritchie16 
in the unit cell of N-methylphenazinium tetracyano- 
quinodimethanide. .

While it can be correctly argued10 that equilibrium 
constants calculated by this method are subject to 
doubt, there still remains the fact that the M O method

Table HE : Variations in Potential ( Fe») and Resonance 
Integral (0da) with Intermolecular Distance (r)°

r. Vea, -ft)A,
A ev ev

3 .2 5 4 .4 4 0 .7 8
3 .3 5 4 .3 0 0 .7 3
3 .6 5 3 .9 5 0 .61

“ a* +  6» =  1 (a =  0.88, b =  0.47).

Table IV : Equilibrium Constants (K ) Calculated from 
Molecular Orbital Theory with r  =  3.25 A

Log
T C N Q  complex ( . K / m K a

Hexamethylbenzene 1.65 4 3 .7
Pentamethylbenzene 1.10 12.6
Durene 0 .7 4 5 .5
Mesitylene 0.00 1.0

“ All K ’s  normalized to the mesitylene-TCNQ complex.

should still correctly predict the relative order of con
stants. (See Table IV.)
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Effects of Structure on the Reactions of Hydrocarbon Ions

by M . S. B. Munson

Esso Research and Engineering Company, Baytown Research and Development Division, 
Baytown, Texas (Received May 15, 1967)

Mass spectrometric experiments on butane and isobutane at pressures as high as 1.4 torr 
confirm the previously reported hydride-transfer reactions and the low reactivity of the 
butyl ions. Formation of C 3H 7+ is also observed possibly by a methide-transfer reaction. 
Only very small differences are observed in the rate constants for reactions of several ions 
with butane and isobutane. From studies on mixtures of the butanes and butenes, it 
was possible to observe differences in reactivities between f-C4H8+ and 1- or 2-C4H 8+ . 
The relative concentration of C3H 3+ exhibits a peculiar pressure dependence which sug
gests that two types of this ion are also formed.

There has been a continued effort in these labora
tories to make a systematic study of the reactions of 
hydrocarbon ions. The present paper is concerned with 
reactions of ions with the butanes and with reactions 
of the isomeric butene ions. A  previous study on the 
reactions of ions in butane has been reported from 
these laboratories.1 The butane and isobutane systems 
and mixtures of each of these compounds with olefins 
have been investigated to confirm our previous findings 
and extend the pressures of the experiments to about 
1 torr, to check for differences in the reactivities of ions 
with the isomeric butanes, and to check for differences 
in reactivities of isomeric ions.

Experimental Section
The instrument has been adequately described pre

viously.2 The n-butane and isobutane used in these 
experiments were Phillips Research grade hydrocarbons 
(stated purity 9 9 .9 5 +  mole % ) for which no successful 
further purification was achieved. The purity of the 
other hydrocarbons was 99 mole %  or better. The 
electron energy was approximately 800 v ; the source 
temperature was 200 ±  10°, and the repeller was 5 v, 
field strength of 12.5 v/cm .

Results and Discussion
Reactions of Ions with Isomeric Butanes. Experi

ments were done on butane and mixtures of butane 
with a few per cent of other compounds: propylene,
1-butene, isobutylene, 1-pentene (6 .4% ), and 2,2,4- 
trimethylpentane (3 .5% ). Experiments were also per
formed on isobutane and similar mixtures of isobutane

with these hydrocarbons. Let us first consider the 
reactions in the butanes.

The major process is hydride transfer as indicated 
by the predominance of C4H 9+ (predominantly sec-C4- 
H 9+ ).3 C4H 9+ reacts slowly, if at all, with butane 
since the concentration of C4H 9+ is substantially con
stant for pressures of 0 .5-1 .2  torr. Very similar results 
were noted for isobutane, the major difference being 
that 0.92 of the total ionization was present as C4H 9+ 
(predominantly i-C4H 9+)3 in isobutane and 0.76 in 
butane.

Figure 1 shows plots of the pressure dependence of 
the logarithms of the relative ionic concentrations for 
C 2H 6+ and C3H 7+ in butane and in mixtures of butane 
with the olefins. Since the rate constants for reactions 
of the primary ions (those produced from direct ioni
zation by the electrons) with the two butanes are large, 
the presence of a few per cent of added material should 
not change the rate constants for reaction of these pri
mary ions. The points of different shapes indicate 
experiments on the various mixtures and it is apparent 
that the rates of reaction are the same in all of the mix
tures.

The linear plot in Figure 1 for the decrease in the

(1) M. S. B. Munson, J. L. Franklin, and F. H. Field, J. Phys. Chem., 
68, 3098 (1964).
(2) M. S. B. Munson and F. H. Field, J. Am. Chem. Soc, 88, 2621
(1966).
(3) (a) P. G. Ausloos, S. G. Lias, and A. A. Seala, Advances in 
Chemistry Series, No. 58, American Chemical Society, Washington, 
D. C., 1966, pp 264—277; (b) M. S. B. Munson, J. Am. Chem. Soc.. 
89, 1772 (1967).
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relative ion current of C2H 5+ is precisely what one 
would expect from these experiments

C2Hs+ -f- n-CiHio — ► C4Hg+ C2H6 (1)

d(C2H s+)/df =  — k (C2H6 +) (C4H 10) (2)

log (72»/27i) =  A -  2.3/c(C4H10)i (3)

since (C4H 10) »  (C2H 5+) and the kinetics should be 
pseudo first order. 7 is the ion current, assumed to be 
proportional to ion concentration for all ionic species, 
k is the rate constant, parentheses indicate concen
tration, and t is the residence time of the ion calculated 
from simple electrostatics.

On the other hand, the curve for the logarithm of 
the relative ion current for C3H7+ as a function of pres
sure is sufficiently different in shape from the curve 
for C2H 5+ to correspond to a more complicated process. 
This curve for C3H 7+ indicates that it is being formed 
and consumed by ionic reactions with butane. The 
reaction may be a methide-transfer reaction for C7 or 
C2 ions

R + +  C4H 10 — >  C3H 7+ +  RC H 3 (4)

or perhaps H 2 transfer to C3H 5+. Similar behavior is 
observed for C3H7+ ion isobutane, so similar reactions 
occur. The possibility of a methide-transfer reaction 
was suggested for propane,4 5 but subsequent experiments 
attributed the products to other reactions.6 The 
maximum ion energy in these experiments is 2.5 v, but

at pressures of 0 .1-0 .2  torr it is likely that the primary 
ions react before they attain that energy. However, 
the amount of CH3~ transfer (or dissociative proton 
transfer) with C2H 3+ was shown to increase relative 
to H _  transfer when the ion energy was increased from 
quasi-thermal to only 1 v ;6 consequently, the reaction 
forming C3H7+ may be dissociative proton transfer as
sisted by the translational energy of the ion.6

Table I lists the rate constants for reaction of some 
of the primary ions formed by electron impact with 
the isomeric butanes. The rate constants are calcu-

Table I : Rate Constants for Reactions of Ions with Butanes

✓—  ------------------------ k , 10 ~10 cc/m olecule sec----------------------------
,-------------71-C4H 10----------  — .----------- i-CiHio--------

These Litera These Litera
Ion data ture data ture

c 4h 9+ < 0 .0 0 7 < 0 .0 0 1
c 4h 8+ < 0 .0 1 2 .1  ±  0 .3 C
c ,h 7+ 3 .9  ±  0 .3 4 .0  ±  0 .3
c 3h „+ 5 .1  ±  1.1 4 .1 - 4 .5 ° 6 .7  ±  1 .0 4. C M .6'
c 3h 6+ 5 .0  ±  0 .6 8 . 5 6 5 .8  ±  0 .4 2 .8*
c 2h 5+ 7 .5  ±  0 .9 6.6 ±  2 .8 6 10.1 ± 1 . 3 3.9*
C Ä + 11 .4  ± 1 . 3 12 ± 4 *
c 2h 3+ 8 .5  ± 1 . 0 6. 0 ±  1.8» 11 .4  ± 1 . 3 9 . 8 6

0 L. W. Sieck and J. H. Futrell, J . C hem . P h y s ., 45, 560 (1966). 
b See ref 1. c Does not include experiments with 1-C4H8 and 
¿-2-C4H8.

lated from the slopes of the plots for the logarithms of 
relative ion current vs. pressure for pressures of 0 .03-
0.2 torr, generally. Since the pressure measurement 
is direct and more accurate in these experiments, the 
present set of rate constants is to be preferred over the 
earlier values reported from these laboratories.1 The 
rates of reaction of C3H7+, C4H8+, and C4H 9+ with the 
butanes were calculated from the data at pressures 
above a few tenths of a torr and are less reliable. The 
upper limits indicated in Table I are obtained from the 
constancy of ionic concentrations at high pressures and 
the absence of higher molecular weight products.

The structures of these primary ions are not known. 
However, since the primary ions are produced by 
800-v electrons, it is reasonable to suppose that isomer
ization to the most stable structures is rapid. Even if 
the propyl ions which are produced by ion-molecule 
reactions in these isomeric butanes are formed with 
initially different structures, there is some evidence 
that isomerization of primary to secondary ions by

(4) K. R. Ryan and J. H. Futrell, J. Chem. Phys., 42, 819 (1965).
(5) L. I. Bone and J. H. Futrell, ibid., 46, 4084 (1967).

Volum e  71 , N um ber  12  November  1967



3968 M. S. B. Munson

H-  shifts is very rapid even when compared to the 
times of these experiments.6 The butyl ions have been 
shown to have different structures3 and later in this 
paper differences in reactivities of the butene ions will 
be interpreted to show that these ions have different 
structures.

Let us consider possible differences in the rate con
stants for the reactions of this set of ions with the two 
isomeric butanes. Only the butenes, which are ex
pected to have different structures, show an apprecia
ble difference in rate constants for reaction with these 
two isomers. There does, however, appear to be a small 
difference: the ions may react slightly more rapidly 
with isobutane than with n-butane. The average 
value of the ratio of the rate constants is 1.2. Sieck 
and Futrell7 find rate constants for reaction of C3H6+ 
with butane and isobutane which are equal within 
experimental error (estimated at ±10%). In their 
experiments the residence times of the ions are more 
precisely determined than in the present experiments, 
but the pressure measurements are probably less reli
able than the present ones. The two sets of data are 
not contradictory and they do indicate that the effect 
of this structural variation is small, if real.

Borkowski and Ausloos,8 however, observed in 
radiation chemistry experiments that the ratio of rate 
constants for reaction of C3H7+ with isobutane and 
C3H7+ with n-butane was 0.67 in contrast to the value 
of 1.0 ± 0.1 from the present set of experiments. There 
is no ready explanation for this discrepancy.

One may expect with confidence that the C7 and C2 
ions can abstract primary, secondary, and tertiary 
hydrogens from the isomeric butanes. Consequently, 
the rate constants for reactions of the C2 ions with the 
butanes should be nearly the same because the polar
izabilities of the butane isomers are essentially equal.9 
For C3H6+, H2_ transfer from either butane and H-  
transfer from the tertiary carbon atom of isobutane 
are exothermic and H~ transfer from a secondary carbon 
atom is about thermoneutral.10 Since there are ener
getically similar reactions for both butanes, one would 
not expect appreciable differences in rate constants. 
However, if the propyl ions have the secondary struc
ture, as appears to be the case from radiation studies,8 
then only one hydrogen is available for H~ transfer 
in isobutane compared with four in n-butane. More 
detailed studies are necessary to decide whether this 
apparent preference for a tertiary hydrogen is real.

Reactions o f Isomeric Butene Ions. Figure 2 shows 
plots of the concentrations of butene ions (as fractions 
of the total ionization) as functions of pressure for 
butane and mixtures of butane with several olefins. 
The nonreactivity of the butene ions with butane is

Figure 2. Relative concentrations of butene ions.

shown by the constancy of the concentration of C4H8+ 
for pressures above about 0.5 torr. It will be remem
bered from the data in Table I that the analogous ion 
in isobutane did indicate a rapid reaction. C4H8+ is 
formed as a product ion in butane by H2-  transfer 
reactions. The data of Sieck and Futrell7 on H2~ 
transfer reactions from partially deuterated n-butane 
to C3H6+ indicate that the ratio l-C4H8+/2-C4H8+ 
should be about 0.7. Consequently, this nonreactivity 
of butene ions with butane suggests that neither 
1-C4H8+ nor 2-C4H8+ reacts with butane.

In the mixture of n-butane and 6.5% propylene, 
there are notably more butene ions produced than in 
butane alone. These ions are probably produced by 
both H2~ transfer reactions1'7

C3H6+ +  n-C4Hio —►  C3H8 +  C4H8+ (5)
and by H2 transfer reaction11'12

C4H]0+ +  C3H6 —> C4H8+ +  C3H8 (6)
The small decrease in relative concentration of C4H8+ 
in this mixture of butane and propylene for pressures 
above 0.8 torr is equal to the small amount of C7Hi4+ 
produced by a collision-stabilized addition of butene 
ions to propylene
(6) P. S. Skell and R. J. Maxwell, J. Am. Chem. Soc., 84, 3963 
(1962).
(7) See footnote a of Table I.
(8) R. P. Borkowski and P. Ausloos, J. Chem. Phys., 40, 1128 
(1964).
(9) H. H. Landolt and R. Bornstein, “ Zahlenwerte und Functionen,” 
Part 3, 6th ed, Springer-Verlag, Berlin, 1950.
(10) Heats of formation of ions are taken from F. H. Field and J. L. 
Franklin, “ Electron Impact Phenomena,”  Academic Press Inc., 
New York, N. Y., 1957, Table 45.
(11) P. Ausloos and S. G. Lias, J. Chem. Phys., 43, 127 (1965).
(12) F. P. Abramson and J. H. Futrell, J. Phys. Chem., 71, 1233
(1967).
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C4H8+ +  C3H6 (C7H14+)* (7)
(C7H14+)* +  C4H10 — * C7H14+ +  C4H10* (8)

Collision-stabilized addition of olefin ions to olefins was 
reported previously for ethylene.13

The butene ions produced in this mixture of butane 
and propylene do not react with butane either. These 
observations support the previous statement that 
1-C4H8+ and 2-C2H8+ do not react with butane.

The greater abundance of C4H8+ ions in the mixtures 
of «-butane with the butenes is attributable primarily 
to charge-exchange reactions with these additives. 
Only the amount indicated by the zero pressure inter
cept can be attributed to direct ionization.

The butene ions produced in the mixture with 2- 
butene do not react rapidly with 2-butene and do not 
react at all with «-butane. The decrease in relative 
concentration of C4H8+ ions in the mixture for pres
sures above 0.5 torr can be attributed in a large part 
to a collision-stabilized reaction with butene, anal
ogous to (7) and (8)

C4H8+ +  i-2-C4H8 (C8H16+)* (9)
(C8H16+)* +  C4H10 —> C4H10* +  C8Hl6+ (10)

In addition, second-order products have been reported 
previously from reaction of butene ions with butene: 
C4H7+ and C4H9+,14 and C6H9+.14'16 There is no evi
dence for any reaction of the 2-butene ions with butane. 
These collision-stabilized addition reactions are ob
served at pressures of several tenths of a torr in the 
present experiments and could not be observed at the 
lower pressures of the other experiments (of the order 
of 0.01 torr).

It is apparent from Figure 2 that 1-C4H8+ reacts 
more rapidly in the mixture with 1-butene than 2-C4H8+ 
does in the mixture with 2-C4H8. Only about one-half 
of the loss of C4H8+ can be explained by the formation of 
C8Hi6+ through reactions analogous to (10). However, 
it is known that second-order reactions of 1-C4H8+ 
with 1-C4H8 are about four times as fast as second-order 
reactions of 2-C4H8+ with 2-C4H8.h-15 Consequently, 
it is not possible to obtain an accurate balance on C4H8+ 
to decide whether or not reaction occurs with «-butane.

The isobutylene ion reacts even more rapidly in the 
mixture of «-butane and isobutylene than does the 
1-butene ion in the mixture of 1-butene and «-butane by 
a factor of approximately 3. Only about one-fourth 
of the decrease in concentration of C4H8+ above 0.2 torr 
can be accounted for by the formation of C8H16+ from 
collision-stabilized addition of olefin ions to olefins. 
In addition, it is known that the cross section for 
second-order reactions of f-C4H8+ with ?'-C4H8 is about

one-half the cross section for second-order reactions of 
1-C4H8+ with 1-C4H8.16 Consequently, f-C4H8+ must 
react with n-C4Hi0, in all likelihood by H transfer

f-C4H8+ +  n-C4H10 — ¿-C4H9+ +  sec-C4H9 (11)
for which the heat of reaction is zero or slightly negative. 
H-  transfer to give sec-C4H9+ and ¿-C4H9 is endothermic 
and less likely to occur. This difference in reactivity 
between the isobutylene ion and the 1- and 2-butene 
ions with butane suggests a difference in structure and 
a slow rate of isomerization. The discussion of dis
tinguishable 1- and 2-butene ions is based primarily on 
the slightly different heats of formation of these ions 
and the present results provide no information about 
possible differences between them.

As mentioned previously in this paper, the butene 
ions produced in isobutane react rapidly with isobutane. 
The reaction is

f-C4H8+ +  f-CJho —> ¿-C4H9+ +  i-C4H9 (12)
since there is no product other than C4H9+ of sufficient 
concentration to account for the decrease in the con
centration of C4H8+. The rate constants for reaction 
of the butene ions are essentially the same in isobutane 
and in the mixtures of isobutane with the additives, 
except for the mixtures with 1-butene and 2-butene. 
Small amounts of collision-stabilized olefin addition 
products were observed. The fact that the rate con
stant for the disappearance of the ions of m/e 56 in the 
mixture of isobutane and isobutylene is the same as 
that in isobutane supports the idea that charge exchange 
with isobutylene and H2~ transfer with isobutane pro
duce the same butylene ions, t-C4H8+.

The rate constant for the disappearance of m/e 56 
in the mixture of isobutane and 1-butene is 1.4 X 10-10 
cc/molecule sec (assuming that the reactant is isobu
tane). This value is lower than that given in Table I 
by an amount which is probably greater than the ex
perimental error and suggests that some of the butene 
ions have different reactivities (and possibly different 
structures).

The rate constant for the disappearance of ions of 
m/e 56 in the mixture of isobutane and 2-butene is 
0.34 X 10-10 cc/molecule sec (assuming the neutral 
reactant to be isobutane). This difference of a factor 
of 7 is well beyond experimental error and shows clearly 
that the butene ions from 2-butene are different from 
the butene ions from isobutane. The reactions anal
ogous to (12)
(13) F. H. Field, / .  Am. Chem. Soc., 83, 1523 (1961).
(14) I. Koyano, J. Chem. Phye., 45, 706 (1966).
(15) R. Fuchs, Z. Naturforsch., 16a, 1026 (1961).
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2-OtH8+ +  t-C4H10-
-X—►  f-C4H9+ +  sec-C4H9 (13a)

LX - ^  sec-C4Hg+ +  f-C4H9 (13b)
are both endothermic and the reactions should be less 
favored than (12).

These observations suggest that the isobutylene and
2-butene ions have the different structures that one 
would intuitively assume and that the rate of inter
conversion is slow. Because of the already established 
differences in reactivities of 1-C4H8+ with 1-C4H8 and
2-C4Hs+ with 2-C4H8, it is not possible to be certain 
that these results indicate any difference between these 
two ions.

Reactivities o f C'3H3+. In these butane systems 
there is another indication of isomeric ions of different 
reactivities-—the very unusual pressure plot of the rel
ative concentration of C3H3+ shown in Figure 3. This 
initial steep decrease to an essentially constant value 
is unique among the ions in these mixtures. This 
behavior suggests strongly that there are two types of 
C3H3+ ions formed in butane—one which is as reactive 
as the majority of the other ions and another which is 
essentially unreactive. Equally surprising is the non
reactivity with olefins and the lack of hydride transfer 
of the tertiary hydrogen in 2,2,4-trimethylpentane. 
The only compound with which reaction occurs is 
isobutylene, but it is not possible to identify the prod
ucts. Essentially the same results are observed for 
isobutane, an initial steep decrease to an essentially 
constant value. The final concentration of C3H3+ in 
isobutane is slightly higher than in n-butane, 0.03 and 
0.02. This difference may represent a difference in 
the ratios of the two forms of C3H3+ produced in the 
two gases.

These data may be taken as support for the suggestion 
that there is a C3H3+ ion of energy lower than the ac

Figure 3 . Relative concentration of C 3 H 3 + as a function of 
pressure in n - C 4H io  and certain mixtures with 71- C 4 H 10.

cepted value of 270 kcal/mole.16 It is not possible 
in the present series of experiments to establish what 
are the reactions of C3H3+. However, possible re
actions are

CbH3+ +  7 i - C 4H ae

-> C3H6+ +  C4H8 (14a)

C4H9+ +  C3H4 (14b)
Similar reactions have been reported for C3H3+ ions 
with propane.5 Both reactions are exothermic if the 
heat of formation of C3H3+ is 270 kcal/mole. If there 
is a nonreactive form of C3H3+ and reaction 14 is 
prohibited for energetic reasons, then perhaps the heat 
of formation of this lower energy species is less than 
250-255 kcal/mole. This suggestion is admittedly 
highly speculative, but perhaps it will lead to more 
definitive experiments.

Acknowledgments. The author is grateful to Drs.
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(16) G. B. Kistiakowsky and J. V. Michael, Chem. Phys., 40,
1447 (1964).
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The Reactions of Hydrogen Atoms with Benzene and Toluene Studied 

by Pulsed Radiolysis: Reaction Rate Constants and Transient 

Spectra in the Gas Phase and Aqueous Solution1

by Myran C. Sauer, Jr., and Barry Ward2
Chemistry D iv ision , Argonne N ational Laboratory, Argonne, Illinois 60439 (.Received M a y  19, 1967)

The rate constants at 25° for the gas-phase reactions of hydrogen atoms with benzene 
and toluene have been determined by the technique of pulsed radiolysis and are, in units 
of M~x sec-1, 0.37 X  10s and 1.0 X  10s, respectively. The activation energy in the case 
of benzene is about 3 kcal/mole. In aqueous solution, the corresponding rate constants 
have been determined to be 1.1 X  109 and 2.6 X  10®, respectively. The limits of error 
on these rate constants are ca. ± 2 0 % . The rate constants were measured by following, 
as a function of time, the formation of the optical absorption due to radicals produced 
when hydrogen atoms, produced by an electron pulse, react with the aromatic compound. 
Benzene and toluene yield the cyclohexadienyl radical and the methylcyclohexadienyl 
radical, respectively, with absorption maxima at 302 and 307 m¡i, respectively, in the gas 
phase. The half-widths of the absorption peaks are about 30 mjx. In aqueous solution, 
the absorption maxima are 311, (e311 (5.4 ±  0.5) X  103 M~l cm-1) and 315 m/i, respec
tively, with half-widths similar to those in the gas phase. The combination of two cyclo
hexadienyl radicals proceeds at least as fast as once every ten collisions in the gas phase at 
25°, indicating a “loose” activated complex. In the liquid phase, the combination is 
diffusion controlled.

Introduction
The use of the pulsed-radiolysis technique as a means 

of producing oxygen atoms in the gas phase and study
ing their reaction with molecular oxygen has been de
scribed. 3 ' 4 5 When a system consisting of about 50 atm 
of argon and a few centimeters o: oxygen was irradiated 
with a l-/xsec pulse of 12-15-Mev electrons, a “ pulse” of 
oxygen atoms was found to be produced essentially 
simultaneously. The formation of ozone due to the 
reaction of this pulse of oxygen atoms with molecular 
oxygen was observed and analyzed to obtain informa
tion on the rate constant of the reaction O +  0 2 +  
Ar O3 +  Ar.

The present work describes how the same technique 
has been used to produce a pulse of hydrogen atoms by 
pulsed radiolysis of a system containing, for example, 
50 atm of argon and 5 atm of hydrogen. By introduc
ing a few centimeters of benzene or toluene, the reac

tions of hydrogen atoms with these materials were fol
lowed after the electron pulse by measuring the rates of 
formation of the optical absorptions of the resulting 
radicals.

Because of the limited number of reactions for which 
rate constants have been determined in both the gaseous 
and condensed phases, 6 we have used similar techniques 
to investigate the rates of reaction of hydrogen atoms 
with benzene and toluene in aqueous solution.

(1) Based on work performed under the auspices of the U. S. Atomic 
Energy Commission.
(2) Shell Research Ltd., Thornton Research Centre, Chester, 
England.
(3) M. C. Sauer, Jr., and L. M. Dorfman, J. A m . Chem. Soc., 86, 
4218 (1964).
(4) M. C. Sauer, Jr., and L M. Dorfman, ibid.., 87, 3801 (1965).
(5) K. J. Laidler, ‘'Chemical Kinetics,” McGraw-Hill Book Co.,
Inc., New York, N. Y., 1965, p 199.
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Experimental Section
General. Detailed descriptions of the techniques of 

high-pressure pulse radiolysis and the methods of spec- 
trophotometric observation have been given earlier.4’6 
However, the pressure gauge and the freeze-out arm 
were removed from the high-pressure irradiation cells 
used in this investigation since it was suspected that 
they might cause errors in the results due to incomplete 
mixing in the “ dead-ends.”  Useful results were also 
obtained from a 17 cm long quartz irradiation vessel 
containing a total pressure of only 1 atm.

Materials. The argon (Linde) and hydrogen (Na
tional Cylinder Gas) were used without purification di
rectly from the cylinder, the purity of the argon having 
been checked in an earlier investigation.4 As for the 
hydrogen, the stated purity was 99.97% , with less than 
10 ppm 0 2 and 5 ppm hydrocarbons. The benzene and 
toluene (Phillips research grade) and chlorobenzene 
(La Pine and Co.) were degassed by several trap-to-trap 
distillations on a conventional vacuum line before 
vaporizing into the irradiation cell. The deuterated 
benzene and toluene (Merck Sharp and Dohme) were 
handled in a similar manner.

Aqueous Solutions. The aqueous solutions of the 
aromatic compounds were prepared in nominal concen
trations by first dissolving the hydrocarbon in methanol 
(Baker) and then adding an aliquot of this solution to 
triply distilled water.

Degassing was effected in 100-cc syringes by adding 
argon to the solution and shaking vigorously for about 
1 min before expelling the gases. After five or six such 
cycles, the oxygen concentration is about 10-7 M. The 
technique of filling and emptying the 4-cm quartz 
irradiation cell using a differential gas pressure has been 
described previously.7 The experimental arrangement 
for monitoring the optical transmission of the solutions 
was almost identical with that used in the gas-phase ex
periments except that the path length (within the irra
diation vessel) of the light beam was only 8 cm as com
pared to 26 cm.

The determination of the hydrocarbon concentrations 
was not simple since the high volatility of the solutes 
caused immediate loss from a solution on exposing it 
to a liquid-gas interface. Eventually, the analytical 
method adopted was gas chromatography on a silicon 
gum rubber column at 50°. Standard solutions were 
prepared in 100-cc syringes, containing glass mixing 
disks but no gas space, by injection of an appropriate 
amount of hydrocarbon from a calibrated microsyringe 
into a known volume of methanol. This operation was 
followed by an identical one in which a portion of the 
hydrocarbon-methanol mixture was injected into water 
(to give a solution of required concentration). Signal

strengths from the degassed experimental solutions, 
prepared by normal volumetric techniques, were then 
compared with those from the standard solutions. 
Using this method, we estimate the uncertainty in the 
hydrocarbon concentrations to be not more ±  10% , in
cluding a correction for the loss of solute which occurs 
when the solution is forced into an empty cell.

The solutions were adjusted to a pH of about 3 with 
sulfuric or perchloric acids in order to convert the 
solvated electrons produced by the pulse into hydrogen 
atoms and prevent possible radical formation by reac
tion of the aromatics with the electrons followed by 
protonation of the resulting anion. Methanol was 
added to the system, not only to facilitate solution of 
the aromatics, but also to scavenge hydroxyl radicals8 
which add to the benzene ring9 ( k  =  4.3 X  109 M~l 
sec-1) to form the hydroxycyclohexadienyl radical, 
absorbing9 in the same region as the product of the 
hydrogen atom reaction. Unfortunately, methanol 
also reacts with hydrogen atoms at a non-negligible 
rate10 (k =  1.6 X  106 M~l sec-1) such that under 
optimum conditions (benzene ~ 1 0 -4 M, methanol 
~ 2 .5  X  10-2 M) only about 70%  of the hydrogen 
atoms formed add to the benzene. In a case such as 
this, the experimentally determined pseudo-first-order 
rate constant is given by fci[benzene] +  k2[methanol] 
where ki and /c2 are the second-order rate constants for 
the reactions of hydrogen atoms with benzene and 
methanol. Since k 2 and the alcohol concentration are 
known, it is a simple matter to apply a correction to 
the kinetic measurements.

In order to minimize this correction, experiments 
were repeated using completely deuterated methanol 
(Merck Sharp and Dohme) as an OH scavenger. 
Deuteration has the effect that while the rate constant 
for OH reaction is little changed (from 4.48 to 2.511 X  
108 M~' sec-1), that for the hydrogen atom reaction 
decreases from 1.6 X  10®10 to 8 X  104 M~x sec-1 .11 
Here we have assumed that the reactivity of C D 3OD is 
the same as that of CD3O H ; we feel this is a reasonable 
assumption since radical attack on alcohols occurs 
mainly at a C -H  bond.11 Because of this decrease in

(6) M. C. Sauer, Jr., S. Arai, and L. M. Dorfman, J . Chem . P h ys ., 
42, 708 (1965).
(7) E. J. Hart and J. W. Boag, J. A m . Chem. Soc., 84, 4090 (1962).
(8) G. E. Adams, J. W. Boag, J. Currant, and B. D. Michael, “ Puise 
Radiolysis,” M. Ebert, et al., Ed., Academie Press, New York, N. Y., 
and London, 1965, p 131.
(9) L. M. Dorfman, I. A. Taub, and R. E. Buhler, J . Chem. P h y s ., 36, 3051 (1962).
(10) J. P. Sweet and J. K. Thomas, P h ys . Chem ., 6 8 , 1363 (1964).
(11) OH +  CD3OD: M. Anbar, D. Meyerstein, and P. Neta, J. 
Chem. Soc., [B ], 742 (1966); H +  CD3OD: M. Anbar and D. Meyer
stein, J . P h ys. Chem ., 6 8 , 3184 (1964).
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the hydrogen atom reaction rate, the correction in the 
experiments with CD3OD was less than 3 % , and for 
this reason the results from this system are more 
reliable. While the contribution of the hydroxycyclo- 
hexadienyl radical to the absorption could approach 5 %  
of the maximum in these runs, its effect on the forma
tion curves will be negligible since, to a good approxi
mation, this absorption will be a constant cancelling 
out in the expression used in the first-order plot.

Treatment of Data. The reactions after the pulse 
were monitored on an oscilloscope by displaying the 
intensity of transmitted light as a function of time. 
Photographs of the oscillographic traces were analyzed 
by a completely automatic, computerized technique, 
details of which may be found in ref 12, 13, and 14.

Preparation of Gas-Phase Samples. The samples 
were prepared by first letting into the irradiation vessel 
the required pressure of the aromatic compound, fol
lowed by the desired pressures of hydrogen and/or 
argon. The samples were allowed to stand overnight 
to ensure complete mixing.

A  few samples were run in which excess liquid ben
zene or toluene was present. It was found that the 
rate of transient formation was larger than expected, 
based on the vapor pressure of benzene at room tem
perature and 1 atm. This anomaly is accounted for by 
the elevation of saturated vapor pressures caused by 
high gas pressure.15

Product Analysis. Gas chromatographic analysis of 
the products formed during the pulsed radiolysis of gas- 
phase samples was carried out by trapping the non
volatile contents of the irradiation vessel in a stainless 
steel U-shaped trap containing some glass wool, at liquid 
nitrogen temperature. This was done on a vacuum 
line so that the argon and hydrogen were pumped away. 
After 2 hr or more of distillation from the vessel to the 
trap, the trap was placed directly before the column on 
a flame detector apparatus. A  6-ft silicon-gum rubber 
column, temperature programmed from 25 to 210°, was 
used for the dimer analysis. An 8-ft /3,/3'-oxydipropio- 
nitrile column at room temperature was used for the 
cyclohexadiene analysis. An analysis of products from 
the aqueous solutions was not attempted.

Results
Transient Spectra. Figure 1 shows the spectra ob

served when samples of argon and hydrogen (ratio 
about 10:1), or just hydrogen, containing much smaller 
amounts (ca. 7 cm) of benzene or toluene were pulse 
irradiated. The spectra were the same over the entire 
time range of the transient formation and decay, except 
that the decay at 270-280 m/x was slightly slower than 
at wavelengths longer than 280 mu, indicating absorp-

Figure 1. Gas-phase spectra of cyclohexadienyl (A) 
and methyl cyclohexadienyl (B) radicals. (Both spectra 
are arbitrarily normalized to 1.0 at maximum absorption.)

tion at lower wavelengths due to another species, pos
sibly a permanent product. The assignment of these 
spectra to the cyclohexadienyl radical, C6H 7- (\max 
302 mp), and methylcyclohexadienyl radical, CvH9- 
(Xmax 307 m/i), will be discussed.

Although the wavelength of maximum absorption 
did not vary, for a given aromatic compound, from one 
sample to another, or with changes in pressure, the 
precise shape and half-width of the absorption did. No 
general trends could be established with changes in 
pressure or composition. (Most of the results gave 
half-width of about 30 mju, but a few variations of 
about ± 2 0 %  occurred.) The spectra shown in Figure 
1 are intended to indicate only the approximate shapes 
of the absorptions. Since a band-pass of 3.2 m/i was 
used in the spectrophotometric determination of these 
spectra, some structural features may be lost. The use 
of completely deuterated benzene or toluene also had 
no effect on the wavelength of maximum absorption, 12 13 14 15

(12) S. Arai and M. C. Sauer, Jr., J . Chem . P h y s ., 44, 2297 (1966).
(13) M. C. Sauer, Jr., Argonne National Laboratory Report, ANL- 
7113, Oct 1965.
(14) M. C. Sauer, Jr., Argonne National Laboratory Report, ANL- 
7146, Jan 1966.
(15) S. Robin and B. Vodar, D iscu ssion s F araday S oc., 15, 233 
(1953).
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and the half-width did not change more than would be 
expected from the variations noted above for the non- 
deuterated compounds.

When samples of argon plus benzene or toluene 
without hydrogen gas were irradiated, an absorption 
about 30-50% as strong was observed in the same 
spectral region, with the same wavelength of maximum 
absorption. The spectra were not appreciably differ
ent in shape except for a tendency toward stronger ab
sorption at wavelengths below the maxima. However, 
there was an initial absorption which disappeared 
within about 5 /¿sec after the pulse and which had a 
maximum absorption around 330-340 m/r in the case of 
benzene. A similar, but weaker, absorption was also 
present in the case of toluene. The identity of the 
species responsible for these rapid decays is unknown. 
The decay of the main absorption was similar to that 
observed in the experiments where hydrogen was 
present (see later section on transient decay). For the 
sake of completeness, it should be mentioned that 
“blank” experiments on argon or hydrogen alone gave 
no absorbing transients. These facts will be discussed 
later.

The absorption spectra obtained from the reaction of

WAVELENGTH (m/i)

Figure 2. Spectra in aqueous solution: A, cyclohexadienyl 
radical; B, methylcyclohexadienyl radical; C, • CH2OH 
radical. A and B are both arbitrarily normalized to 1.0 at 
maximum absorption, and C is arbitrarily normalized to 0.5 at 
270 mji. The actual absorption coefficient of C is 
much smaller than shown, relative to A and B :
6a3U 5.4 X  103 M ~ l cm“ 1; eC311 25 Hi- 1  c m '1.

hydrogen atoms with benzene (Amax 311 m/¿) and tol
uene (Amax 315 mg) in aqueous solution are shown in 
Figure 2. These spectra were taken at about 20 /¿sec 
after the pulse; the decay was considerably slower at 
lower wavelengths than at the wavelength of maximum 
absorption and higher. This indicates either an absorp
tion due to a product or the presence of another trans
ient which absorbs at lower wavelengths but decays 
slowly. The half-widths are somewhat uncertain be
cause of the increase in absorption at low wavelengths, 
but are not appreciably different from the gas-phase 
results. We estimate that a maximum of 5% of the 
absorption is due to • CeHeOH and ■ CH2OH formed in 
reactions of OH and H with the aromatic solute and 
methanol. The spectrum of the methanol radical 
•GH2OH, in an aqueous solution of 2.5 X 10~ 2 M  
CH3OH is included in Figure 2 . The absorption of 
• CH2OH is considerably weaker than that of the cyclo
hexadienyl radical (see later section on absorption co
efficients), but it has been plotted on a comparable scale 
for convenience.

Rate Constants for Hydrogen Atom Reactions. Figures 
3 and 4 show oscilloscope traces representing the con
centration of transient as a function of time when a sys
tem containing 53 atm of argon, 7 atm of hydrogen, and 
0.1 atm of benzene is pulse irradiated. The initial 
relatively sharply curved part represents the transient 
formation, and the subsequent more slowly changing 
part of the trace represents the decay of the transient. 
As will be shown, the formation of the transient is due 
to the reaction of hydrogen atoms with benzene and the 
decay is due to the dimerization and disproportionation

PERCENT 
ABSORPTION 0 

3 

G

Figure 3. Formation of cyclohexadienyl (gas 
phase), higher intensity pulse; A =  302 m/i.

-6 0  /¿sec--------H

Figure 4. Formation of cyclohexadienyl (gas 
phase), lower intensity pulse; X =  302 m/¿.
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of the resulting cyelohexadienyl radical. Similar curves 
are obtained in the case of toluene.

The analysis of such curves for the rate constants of 
the reactions of hydrogen atoms with the aromatic 
compounds must take into account the fact that the 
transient undergoes decay by radical-radical reaction 
even during the time period of its formation. Experi
mentally, one can minimize the importance of this fact 
by decreasing the electron pulse intensity and increasing 
the amplification of the signal. That is, the rate of the 
pseudo-first-order reaction of hydrogen atoms with the 
aromatic compound is proportional to the initial hydro
gen atom concentration, but the rate of the second- 
order radical-radical reaction will depend on [radical]2. 
The result of this effect can be seen by comparing 
Figures 3 and 4.

An iterative method for computer analysis of such 
curves (where decay is not negligible) has been de
scribed14 and was used to determine rate constants from 
curves such as Figure 3. 16-18 Figure 5 shows the opti
cal density (circles) as determined from the trace shown 
in Figure 4, and the corrected optical density (triangles), 
as a function of time. The corrected optical density is 
the actual optical density corrected to the hypothetical 
situation in which no decay of the cyelohexadienyl 
radical occurs. Figure 6  shows the first-order plot for 
the approach to the plateau of the corrected optical 
density curve. The slope of this plot is equal to the

Figure 5. Optical densities vs .  time, calculated from Figure 3: 
A, actual optical density; O, corrected optical density.

rate constant for reaction of hydrogen atoms with 
benzene multiplied by the benzene concentration. In 
the case of curves such as Figure 4, where the decay is 
nearly negligible, the analysis was often carried out by 
the usual method4 of making a first-order plot of the 
approach to the uncorrected plateau. The rate con
stants obtained from the analysis of curves such as 
those shown in Figures 3 and 4 were in agreement.

Table I summarizes the rate constants obtained for 
the reactions of hydrogen atoms with benzene and tolu
ene. Although the rate constant for benzene seems to 
increase slightly with total pressure, the effect is almost 
within the experimental scatter, and apparently there is 
no marked effect of pressure on the rate constants. 
It is worthwhile to note that removal of hydrogen 
atoms by diffusion to the walls is ruled out by the data, 
since this would cause an increase in the rate constant 
at lower pressure. The average values of the rate con
stants and the experimental uncertainties may be stated 
as k (H +  C6H6) = (0.37 ± 0.06) X 108, and fc(H +  
C6H5CH3) = (1.0 ±0.1)  X 108, in units of 7IF- 1  sec-1.

(16) In order to make a complete correction to a curve such as 
Figure 3, the values of the rate constants for the reactions between 
two hydrogen atoms and between hydrogen atoms and the aromatic 
radical must be known relative to the rate constant for the reaction 
between two aromatic radicals. The latter reaction is responsible 
for the decay in Figure 3. As will be shown, the gas-phase rate con
stant for this reaction is between 1010 and 10u M ~ 1 sec-1, with the 
lower value being more probable, and the liquid phase value is 
about 1.8 X 109 M -1 sec-1. In the gas phase, the reaction between 
two hydrogen atoms is dependent upon the third body, and for 
argon, the rate constant17 is 2.3 X 109 A f-2 sec-1. Therefore, at 
the highest argon concentrations used in this work, the rate constant 
times argon concentration is about 1010 A f-1 sec-1, which is about 
the same as the rate constant for reaction between two cyclohexa- 
dienyl radicals. In the analysis of experimental curves, it was 
found that when the H +  H reaction was given a relative value of 
from 0 to 1 times the cyelohexadienyl dimerization rate constant, 
there was little change in the result for the rate constant derived 
for the addition reaction. Data on the reaction rate constant of 
hydrogen atoms with the cyelohexadienyl radical are not available, 
so the reaction was assumed to proceed with the same rate constant 
as H +  H. Again, the exact value had little effect on the result 
obtained.

In aqueous solution, the rate constant for reaction between two 
hydrogen atoms is known to be16 17 18 about 1010 A f-1 sec-1, which is 
higher than the value obtained for reaction of two cyelohexadienyl 
radicals of 1.8 X 109 A f-1 sec-1 (see Discussion section). The value 
for J:h+r . was assigned values intermediate to those for fcn+H and 
1cr+r , but nearer to that for fcn+H- When relative values (to Sr+r ) 
of 10.0 for fcn+H and 5.0 for fca+R were used, the first-order formation 
plots were no longer linear, and all indications are that relative of 
5.0 for fcn+H and 2.5 for fcjj+R are reasonable. The value obtained 
for the rate constants for the reaction of hydrogen atoms with benzene 
and toluene did not change by more than 15 to 20% when the relative 
values of fcH+H and fcH+R were changed from 1.0 and 1.0 to 10.0 and 
5.0, so the effect of these values on the result is small. Also, the 
results from experiments which were done with the smallest pulses, 
where the corrections for H +  H and H +  R  would be at a minimum, 
are in agreement with values which were obtained from the higher 
intensity pulses.
(17) B. A. Thrush, Progr. Reaction Kinetics, 3, 64 (1965).
(18) M . Anbar and P. Neta, Intern. J. Appl. Radiation Isotopes, 16, 
227 (1965).
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Table I : Summary of Rate Constants Obtained for Reactions of Hydrogen Atoms

Reaction of 
H  with Conditions

k X 10-8, 
M ~ l sec“ 1

Benzene
G as Phase

0.9 atm of Ar, 0.12 atm of H2, 0.13 atm of benzene 0.31 ± 0 .0 5
Benzene 6  atm of Ar, 0.8 atm of H2, 0.09 atm of benzene 0.36 ±  0.05
Benzene 54 atm of Ar, 7 atm of H2, 0.09 atm of benzene 0.43 ± 0 .0 5
Toluene 11 atm of Ar, 0.8 atm of H2, 0.03 atm of toluene 0.94 ± 0 . 1
Toluene 54 atm of Ar, 7 atm of H2, 0.03 atm of toluene 1 . 1  ± 0 . 1

Toluene-methyl-d3 11 atm of Ar, 0.8 atm of H2, 0.03 atm of toluene 0.94 ±  0.2

Benzene
Aqueous Solution: pH 3 

2.5 X  10- 2 M  CH 3OH, 7.9 X 10 M  benzene

A v values 
over a number 

of runs

13 ± 2 “
Benzene 2 X  10~ 2 M  CD 3OD, 6.1 X  10- 6  M  benzene 1 0  ±  1 °
Toluene 2.5 X 10 “ 2 M  CH 3OH, 2.9 X  10 “ 6 M  toluene 39 ±  6 “
Toluene 2 X  10 ~ 2 M  CD 3OD, 3.3 X  10- 5 M  toluene 18 ± 2 “

“ Corrected for reaction of hydrogen atoms with methanol (see text).

Figure 6 . First-order plot of approach to plateau 
( D a )  of corrected curve in Figure 5.

Some experimental results are not included in Table I 
because low values of the rate constants were found, 
evidently because of absorption of benzene or toluene 
by the small amount of grease on the O-rings (the re
sults in the table are from samples where the O-rings 
had no grease). Even though the rate constants were

on the average about 30% lower for these samples, 
several qualitative aspects of these results should be 
noted.

First, the rate constant was not dependent on benzene 
or toluene concentration, within about ±20%. Sec
ond, when no argon was used, but instead the hydrogen 
pressure was 50 to 100 atm, the rate constants were 
the same as those for the argon-containing samples, 
again within about 20%. Third, the use completely of 
deuterated benzene had no effect on the rate constant 
within an experimental error of about 15%. The 
latter indicates that abstraction from the benzene is 
not important. This is in agreement with the negli
gible amount of biphenyl found in the product spectrum, 
which will be described later.

In the case of toluene, use of toluene-methyl-d3 (Table 
I) had no effect on the rate constant within an experi
mental error of 10 to 15%. Hence, deuteration of the 
methyl causes, at most, a 15% decrease in the 
rate constant. If abstraction from the methyl group 
were important in the case of ordinary toluene, deu
teration of the methyl should, because of the large 
kinetic isotope effect expected, eliminate most of the 
abstraction, and therefore lower the observed rate con
stant by a percentage nearly as large as the percentage 
of the hydrogen atoms which abstract from the methyl 
group in the reaction with ordinary toluene. There
fore, the ratio of abstraction to addition in the case of 
ordinary toluene is no greater than 1:6. This is in agree
ment with the relative unimportance of bibenzyl in the 
product spectrum, which will be described later.
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The ratio of H atom abstraction to addition was ex
amined also in another manner. Both ethylene and 
toluene were used to scavenge atomic hydrogen in the 
Co60 radiolysis of ethane. It is known that in the 
radiolysis of pure ethane at very low conversion, 64% 
of the hydrogen yield results from atomic hydrogen 
abstracting hydrogen from the ethane. 19' 20 (That these 
hydrogen atoms behave “properly” has been shown by 
Yang, 21 who has used the radiolysis of propane as a 
source of hydrogen atoms to measure relative rate con
stants, which appear to be very reasonable when com
pared with other work.) Therefore, we added about 2 
mole % ethylene to ethane and measured the hydrogen 
yield. This concentration of ethylene should scavenge 
about 99.8% of the atomic hydrogen. Under the same 
conditions, the hydrogen yields from ethane samples 
containing about 2  mole % toluene were determined. 
About 99.7% of the atomic hydrogen should react with 
the toluene, but the hydrogen yield will be higher than 
in the case of the ethylene scavenger if abstraction 
occurs in the reaction of H with toluene. The results of 
these experiments are shown in Table II. The hydro
gen production actually seems to be about 6 % lower

Table II: H2 Production in the Co60 Radiolysis of 
Ethane Scavenged by Ethylene and Toluene

M ole %  
scavenger

2.0, ethylene
2.1, ethylene 
1.7, toluene 
1.9, toluene

“ All samples contained 
pressure of about 1 atm.

io» x
ratio of Hz 

produced to 
CzHe“

2.06
1.96
1.90
1.85

5 X 10~3 mole of ethane at a

when toluene is the scavenger; however, this could be 
due to experimental error. A consideration of possible 
experimental errors indicates that the hydrogen produc
tion when toluene is the scavenger could not be more 
than about 6 % greater than when ethylene is the 
scavenger, so an upper limit for the ratio, R, of abstrac
tion to addition in the reaction of H with toluene is 
given by

R  =

where FT and Fe are the relative yields of hydrogen 
with toluene and ethylene scavengers, respectively, and

A / M  is the ratio of atomic to molecular hydrogen in the 
radiolysis of pure ethane (he., 64:36). This yields an 
upper limit of about 3% for R.

In the case of the experiments performed on aqueous 
solutions, the same methods were used to extract the 
rate constants for the reactions of hydrogen atoms with 
benzene and toluene from the experimental curves. 
(See footnote 16.) The rate constants obtained are 
shown in Table I. The values obtained using deuterated 
methanol involve a smaller correction for H +  meth
anol, and are therefore more reliable, as has been pointed 
out in the Experimental Section. The average results 
may be stated as fc(H +  CeH6) = 1.1 ± 0 . 1  X 109 

and fc(H +  C6H5CH3) = 2.6 ±  0.8 X 109, in units of 
M ~ l sec-1.

Temperature Dependence o f the Reaction of Hydrogen 
Atom s with Benzene. The temperature dependence of 
the rate constant of the gas-phase reaction of hydrogen 
atoms with benzene was investigated by determining 
the rate constant at 27 and 84°. These experiments 
yielded the result that the rate constant was 2.4 ±  0.4 
times greater at the higher temperature. This leads to 
the Arhennius expression

k = IO9-9 X 10/  -3 .3  ± 0.6 \  
\4.58 X 10-37y M ~ l sec- 1

where the error limits have arbitrarily been put in the 
activation energy term. The actual barrier for the 
reaction is 2.9 ± 0.6 kcal/mole (instead of 3.3) if one 
considers the theoretical T l/2 dependence of the pre
exponential factor. This gives the alternate expression

= 108-3TI/2 X lo ( — 2  9  *  ° ' 6  )  \4.58 X 10-37y
A similar increase in rate constant in going from 25 to 

1 0 0 ° was observed in the case of toluene, but a quantita
tive study was not carried out.

Decay of Transients. Figure 7 shows an oscilloscope 
trace, taken at a slower sweep-rate at 302 irqt, of the 
transient from hydrogen atoms reacting with benzene 
in the gaseous phase. Similar curves were obtained in 
the case of toluene and in the aqueous solution experi
ments. When these decay curves for the gas-phase 
samples are plotted to test for first- and second-order 
decay, much better linearity is obtained in the case of 
the second-order test (reciprocal of optical density vs. 
time). Often, good linearity is obtained over a decrease 
in optical density by a factor of 6 , as is shown in Figure
(19) R. A. Back, J. Phys. Chem., 64, 124 (1960).
(20) K. Yang and P. L. Gant, ibid., 65, 1861 (1961).
(21) (a) K. Yang, J. Am. Chem. Soc., 84, 3795 (1962): (b) ibid.,
84, 719 (1962).

Volum e  71 , N um ber  12  Novem ber  1967



3978 Myran C. Sauer, Jr ., and Barry Ward

H---- 1200 fj. sec H

PERCENT 
ABSORPTION 0 

3 
6

Figure 7. Decay of cyclohexadienyl radical, 
gas phase; X = 302 my.

8 , which is the second-order plot corresponding to 
Figure 8 . This indicates that the transient decays by 
bimolecular radical-radical reaction.

However, the situation with respect to the decay of 
the transient is not completely understood, because the 
second-order plots show two anomalous characteristics. 
First, as the pulse intensity is increased, the second- 
order plots eventually become nonlinear, with the slope 
decreasing with time. Second, the slope (or initial 
slope where the plot shows curvature) is greater the 
smaller the pulse intensity. These effects will be con
sidered further in the Discussion section. The slopes 
of the second-order plots (determined at the wavelength 
of maximum absorption) fall mainly in the range of
1.5 to 3.5 X 108 sec- 1  in the cases of both benzene and 
toluene.

In the gas-phase experiments, we have determined 
that the energy absorbed from the electron beam de
creases by a factor of between ' / 4  to 1/i from the front 
to the back of the cell. The question of whether the 
resulting nonuniformity of transient concentration 
causes a significant error in the determination of the 
slope of the second-order plots has been dealt with else
where. 22 Under the conditions of nonhomogeneity 
stated above, the slopes should be no more than about 
5% too high, if the curves are analyzed over 2 to 3 half- 
lives. 22 This error is obviously small compared with 
other errors, and no attempt has been made to correct 
for it.

In the liquid-phase experiments, the slopes of second- 
order plots of the absorptions due to the cyclohexadienyl 
and methylcyclohexadienyl radicals show less variation, 
and for both benzene and toluene the slope is (1.7 ±  
0.3) X 105 sec-1, at the wavelength of maximum ab
sorption. The decay of the methanol radical (deter
mined in the absence of benzene or toluene) was com
plex and second-order plots were nonlinear, reflecting 
the probable formation of an absorbing product. At 
2900 A, the initial slope of the second-order plot was 
1.4 X 106 sec-1.

Product Analysis. The products formed during the 
pulsed radiolysis of the gas-phase benzene and toluene

Figure 8. Second-order plot of Figure 7.

systems were examined by giving the system a suf
ficient number of pulses so that the sum of the maximum 
transient optical densities was about unity. The con
tents of the irradiation vessel were then analyzed as 
has been described in the Experimental Section.

In the case of the products resulting from the reac
tion of hydrogen atoms with benzene, the dimer prod
ucts and the cyclohexadiene were determined. The 
results of the gas chromatographic analyses showed 
three partially separated peaks slightly before the ex
pected position of biphenyl (which was determined by 
running a separate “authentic” sample of biphenyl). 
These three peaks are apparently due to isomers of 
bicyclohexadienyl formed when two cyclohexadienyl 
radicals combine. About one-half as much 1,4-cyclo- 
hexadiene was found, indicating that two cyclohex
adienyl radicals disproportionate about one-half as 
often as they combine. (The reaction of hydrogen 
atoms with the cyclohexadienyl radical may contribute 
slightly to the formation of cyclohexadiene, but under 
the conditions of these experiments, hydrogen atoms 
react mainly with benzene.) The relative unimpor
tance of 1,3-cyclohexadiene is interesting, there being 
less than 25% as much of the 1,3 isomer as the 1,4 iso-

(22) M. C. Sauer, Jr., Argonne National Laboratory Report, ANL- 
7327, May 1967.
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mer. These results are similar to those found in an
other study on the cyclohexadienyl radical,23 and the 
predominance of 1,4-cyclohexadiene is in agreement 
with the principle of least motion24 25 applied to the cyclo
hexadienyl radical. Also, the formation of 1,4-cyclo
hexadiene predominates in the radiolysis of liquid 
benzene.26

In the case of toluene, only the analysis for the di
mers was successful. Again, several partially separated 
peaks were observed, which came mainly before the 
position of bibenzyl. Bibenzyl was less than 25% of 
the total dimer.

The results described above apply to samples in 
which molecular hydrogen was present in amounts large 
compared to benzene or toluene. In experiments where 
no hydrogen was present, i.e., argon was present at high 
pressure and benzene or toluene near the vapor pressure 
at room temperature, the biphenyl accounted for 80 to 
90% of the dimer in the case of benzene, and the bi
benzyl accounted for more than 50% of the dimer in 
the case of toluene. Even though the optical density 
due to transient formation was only 30-50% of that 
formed when hydrogen was present, the total amount of 
dimer formed was approximately the same.

Optical Absorption Coefficients. The results of the 
product analyses can be used to obtain approximate 
values for the absorption coefficients of the transient 
radicals from the relationship

D to t a l  “  e e l

where D totai is the sum of the maximum optical densities 
produced in the individual pulses, e is the absorption 
coefficient of the transient, c is the sum of the maximum 
transient concentrations produced in the individual 
pulses, and l is the optical path length. The value of c 
is estimated from the chromatographic analyses of the 
products. The result of these considerations is that 
for the transients produced from both benzene and 
toluene, t = 104-18±0-40 M ~ l cm-1. The value for e is 
more likely to be less than 104-18 because errors made in 
the analyses are likely to be due mainly to incomplete 
recovery of products and possibly to appearance of the 
absorbing radical in minor products not determined 
in the analyses or not included in the list of products 
believed to result from the radical in question.

The absorption coefficient of the cyclohexadienyl 
radical in aqueous solution was determined on the basis 
of (r(es01~) +  Cr(H) = 3.1. Dosimetry on the electron 
beam was done under exactly the same conditions as the 
observation of the cyclohexadienyl radical, using a 10~3 
M  KI solution, and observing the I2~ at 385 mp, where 
the absorption coefficient26 is 1.4 X 104 M ~ l cm-1 and 
G (I2—) = (t(OH) = 2.4. The pulse intensity was

thereby determined to be 4.7 X 1018 ev l.-1, and the 
resulting value for the absorption coefficient of the cyclo
hexadienyl radical at 311 mp is (5.4 ±  0.5) X 103 M ~ l 
cm-1. (This value includes an estimated correction 
of 18% due to hydrogen atoms which do not add to 
benzene, and cyclohexadienyl radicals which disappear 
before observation at the maximum optical density.) 
The observation of the cyclohexadienyl radical was 
carried out in solutions containing CD3OD (see section 
on aqueous solutions). The value of e for the • CH2OH 
radical is estimated to be about 25 M ~ x cm-1 at 311 mp, 
on the basis of experiments where benzene was not 
present.

In view of the facts that the determination of the ab
sorption coefficient in the liquid phase is more straight
forward and the shapes of the gas-phase and aqueous 
absorption spectra are similar, the value obtained for 
the liquid phase probably indicates that the gas-phase 
value of 1.5 X 104 M ~ x cm-1 is too high, due to dis
crepancies in the product analyses, as has been dis
cussed.
Discussion

Evidence That the Observed Transients A re D ue to Reac
tion of a Pulse o f Thermal Hydrogen Atom s with the A ro
matic Compound. In order to obtain from these experi
ments, in a straightforward manner, meaningful rate 
constants for reactions of atomic hydrogen, the produc
tion of hydrogen atoms by the electron pulse must be 
complete before their reaction with the aromatic com
pound has proceeded to a significant extent, and the 
hydrogen atoms must be essentially thermalized before 
reacting. Also, the observed transients must not be 
produced in other reactions occurring simultaneously 
with the reaction of hydrogen atoms with the aromatic 
compound. Evidence that these conditions prevail is 
given by the following considerations.

Experimentally, evidence for the above is provided by 
the fact that wide variations in experimental conditions 
of the gas-phase experiments, such as pressures of 
various components and pulse intensity, produced no 
effect on the value derived for the rate constants of the 
reaction of hydrogen atoms with benzene and toluene.

Hydrogen atoms are probably formed mainly by 
ion-molecule reactions and neutralization reactions 
such as the following.

(23) D. G. L. James and R. D. Suart, Chem. Commun., 14, 484 
(1966).
(24) J. Hine, J. Org. Chem., 31, 1236 (1966); summarized in Chem. 
Eng. News, 44, No. 16, 57 (1966).
(25) M. K. Eberhardt, J. Phys. Chem., 67, 2856 (1963).
(26) J. K. Thomas, Trans. Faraday Soc., 61, 702 (1965).
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Ar+ +  H2 — ►  ArH+ +  H 
ArH+ +  e - —> Ar +  H 

or, when argon is not present, by the processes 
H2+ +  H2 —> H3+ +  H 
H3+ +  e - —>■  H2 +  H

The ion-molecule reactions are very fast, and would 
proceed almost simultaneously with the electron pulse; 
neutralization would also be rapid4 due to the high in
tensity in the pulse-radiolysis experiments.

If production of hydrogen atoms after the pulse were 
occurring by neutralization processes, an effect of pulse 
intensity would be expected, which was not observed. 
If long-lived excited states were responsible for produc
tion of hydrogen atoms (or the observed transient) after 
the pulse, one might expect changes in the measured 
rate constant with sample composition. No such 
changes were observed; in fact, the same rate constant 
was obtained when argon was not used, but hydrogen 
was the main gas.

The possible importance of hot hydrogen atoms has 
also been considered. If hydrogen atoms are formed 
with excess kinetic energy, they may react with the 
aromatic before they become thermalized by collisions. 
However, one can show, using standard equations for 
transfer of kinetic energy, that the probability of a 
hydrogen atom reacting with the aromatic before it has 
become thermalized is small, and furthermore, any 
hydrogen atoms which do react while hot have to do so 
in a time considerably shorter than the observed half
time for transient formation. This is because of the 
fact that a large number of collisions of a hydrogen atom 
with argon occur before a collision with benzene, due to 
the large argon pressure used. Even in experiments 
where the argon pressure was only 1 atm, the formation 
rate constant was the same.

The importance of electronically excited hydrogen 
atoms can be ruled out on the basis of lifetimes given by 
Bethe and Salpeter.27

In summary, the above considerations lead to the 
conclusion that the observed transients result from the 
reaction with the aromatic of a pulse of thermal hydro
gen atoms which essentially coincides in time with the 
electron pulse.

The parallel results from the aqueous solutions are 
consistent with hydrogen atom reactions since other re
active intermediates, esoi_ and OH, were removed by 
suitable scavengers. There is a small probability that 
part of the observed spectrum is the result of the addi
tion of methanol radicals, • CH2OH, to the benzene ring. 
However, in view of the simplicity of the kinetic curves

and the likelihood that the • CH2OH radical will add 
slowly28’29 to the benzene ring in comparison with hy
drogen atom addition, it is felt that such a complication 
is unlikely.

Identification of the Transients. In the case of samples 
where hydrogen was present as a source of hydrogen 
atoms, the results of the product analyses show that in 
the case of benzene, the dimer was definitely not bi
phenyl. Therefore, abstraction of hydrogen from ben
zene is not an important process. The lack of an isotope 
effect on the formation rate constant when deuterated 
benzene was used also argues strongly against abstrac
tion as do the negative results from experiments in which 
we looked for phenyl absorption in the 5000-A region.30 31 
Since the dimer products appear to have resulted from 
combination of cyclohexadienyl radicals, and 1,4-cyclo- 
hexadiene is an important product, probably formed by 
disproportionation of two cyclohexadienyl radicals, the 
proposal that the observed transient results from addi
tion of hydrogen atoms to benzene seems eminently 
reasonable. The spectrum obtained here is similar to 
that reported for the cyclohexadienyl radical trapped in 
an organic glass at low temperature.81 A similar spec
trum was found for the radical formed when hydroxyl 
radicals add to benzene.9

In the case of toluene (with H2 present in excess of the 
toluene), abstraction of hydrogen from the methyl 
group, forming the benzyl radical, is apparently not 
important. In the section on rate constants it is con
cluded that the ratio of addition to abstraction is ap
parently at least 6:1, on the basis of a lack of a deu
terium isotope effect, and greater than 30:1 on the 
basis of the relative scavenging efficiencies to toluene 
and ethylene in the y  radiolysis of ethane. The un
importance of bibenzyl in the product spectrum also 
supports this conclusion.

Although the evidence favors the hypothesis that the 
observed transients result from addition of the hydro
gen atom to the aromatic compound, the possibility has 
been considered that the transient actually results from 
the further addition of the cyclohexadienyl radical to

(27) H. A. Bethe and E. E. Salpeter, "Quantum Mechanics of One- 
and Two-Electron Atoms,”  Academic Press Inc., New York, N. Y ., 
1957, p 266.
(28) The rate constant for addition of • CH 2OH to benzene would 
probably be approximately the same order of magnitude as that for 
methyl radical, which is very slow, judging from the value of about 
10 M ~ l sec-1 at 25° for the gas-phase addition of methyl radicals 
to the toluene ring.29
(29) M. Cher, C. S. Hollingsworth, and F. Sieilio, J . P h y s . Chern., 
70, 877 (1966).
(30) G. Porter and B. Ward, P roc . R o y . Soc. (London), A 2 8 7 , 45 7  
(1965).
(31) W. H. Hamill, J. P. Guarino, M . R. Ronayne, and J. A . Ward, 
D iscu ss ion s F araday S oc., 3 6 , 169 (1963).
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another benzene molecule. The latter hypothesis ap
parently is not, however, supported by the product 
spectrum; furthermore, the rate constant for addition 
of phenyl-type radicals to aromatic rings in liquid aro
matic hydrocarbons has been estimated32 as being about 
5 X 104 M-1 sec-1. This is about three orders of 
magnitude smaller than necessary to explain the results 
observed here.

As has been described in the sections on transient 
spectra and product analysis, transient spectra with 
peaks at 302 and 340 m̂ u33 in the case of benzene were 
observed in samples from which hydrogen was omitted, 
but with only 30-50% the intensity of absorption at 302 
m/i, compared to samples where hydrogen was present. 
However, the amount of dimer products formed was 
approximately the same in both cases. The nature of 
the dimers is quite different in the absence of hydrogen, 
and indicates that the phenyl radical and the benzyl 
radicals are the important species in the case of samples 
containing benzene and toluene, respectively. The 
similarity of the absorption spectra in the presence and 
absence of hydrogen must mean either that the phenyl 
and benzyl radicals have similar absorption spectra to 
the cyclohexadienyl and methylcyclohexadienyl radi
cals, respectively, or the cyclohexadienyl radical is 
responsible for the absorption, but mainly reacts with 
the larger amount of phenyl radical to lose a hydrogen 
atom, forming two benzene molecules. The absorption 
maximum for the benzyl radical is in the same region,34 
but a phenyl radical absorption in the 300-m/t region is 
not known.30 Since one expects that some hydrogen 
atoms will be produced from the aromatic in the absence 
of hydrogen gas, the absorption spectra in the absence 
of hydrogen seem likely to be due to the cyclohexadienyl 
type radicals, with possibly some contribution from 
phenyl and benzyl radicals.

Even though the transient absorption spectra in the 
presence and absence of hydrogen are similar, the ob
served transient curves are different, and the dimer 
products of the reaction are different. In addition, the 
formation rate constants are invariant with changes in 
the ratios of Ar or H2 to the aromatic when hydrogen is 
present in excess of the aromatic compound, indicating 
that the formation mechanism is not influenced by ab
sorption of energy by the aromatic. Hence, it seems 
reasonable that the mechanisms for observed transient 
formation are different in the two cases, and that little 
transient formation occurs by direct absorption of 
energy by the aromatic or transfer of energy from Ar or 
H2 to the aromatic when hydrogen is present.

Rate Constants. The rate constants for the reactions 
of hydrogen atoms with benzene and toluene determined 
here should be reliable, as they are measured in a rather

direct method from the transient curves (e.g., Figures 
3 and 4), and in principle, are determined from a simple 
first-order plot of the approach to a plateau. In con
trast to the case of the decay of the transient, the ab
sorption coefficient of the transient need not be known 
to obtain the rate constant. The rate constants ob
tained represent the sum of all reactions for the hydro
gen atom with the aromatic. In the case of benzene, 
the reaction is completely addition to form the cyclo
hexadienyl radical, but in the case of toluene, the rate 
constant may include a small contribution of abstrac
tion from the methyl group.

The value obtained for the room temperature rate 
constant of the gas-phase reaction of hydrogen atoms 
with benzene is about midway between the values ob
tained by Allen, eta l.,35 and Yang.21a The former value 
is 1.1 X 108 M ~ l sec-1, and while it is an absolute rate 
constant, there is some doubt as to the quantitative 
accuracy of the experimental method.36 The latter is
0.1 X 108 M ~ l sec-1 measured relative to the abstrac
tion of hydrogen from propane. Yang21a measured the 
temperature dependence of the reaction and obtained

k = io8-6r I/! x  lo f —\4.58 X 10-37y
which is in satisfactory agreement with the expression 
obtained in this work. The value obtained here in
dicates that hydrogen atoms react with benzene at room 
temperature about once every 2 X 104 collisions.

Another determination, by a discharge-flow method, 
of the rate constant for the reaction of hydrogen atoms 
with benzene37 yields the value 2.9 X 109 M ~ x sec-1, 
at 298°K, which is almost 2 orders of magnitude higher 
than that determined in this work. The reason for this 
discrepancy is not apparent, although in the work
(32) A. MacLachlan and R. L. McCarthy, ./. A m . Chem. Soc., 84 , 
2519 (1962).
(33) The identity of the short-lived species (see section on transient 
spectra) absorbing at 330-340 m/x is a matter of conjecture. It is 
formed during the pulse after which the absorption decays in an 
almost first-order fashion with a half-life of about 2 /¡sec. Such 
reactivity is unlikely to be associated with a neutral radical and is 
more characteristic of an ion or an excited state. Such possibilities 
as CeHc C6Hs+, and transitions between excited states of benzene 
are ruled out on the basis of their known spectra. It is possible 
that the transient is a charged phenyl species CeHs*, but in view of 
the sparse evidence, this assignment mu3t remain in the realm of 
speculation.
(34) G. Porter and B. Ward, J . Chim . P h y s ., 1517 (1964).
(35) P. E. M. Allen, H. W. Melville, and J. C. Robb, P roc. R oy. 
Soc. (London), A 218 , 311 (1953).
(36) R. J. Cvetanovic, Advan. Photochem ., 1, 115 (1963); (see
p 162).
(37) H. Girouard, F. M. Graber, and B. F. Meyers, NASA Accession 
No. N64-13061, Report No. NASA-CR-52376, AE-63-0078; 93 pp 
(1963).
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mentioned,37 benzene was only one of many compounds 
studied, and was not studied extensively.

Allen, et al,,35 also measured the rate constant of the 
reaction of hydrogen atoms with toluene, and obtained 
a value of 0.24 X 10s M ~ l sec-1, which is only about 
one-fourth as high as the value obtained here.

The values obtained in this work for the rate con
stants of the reactions of hydrogen atoms with benzene 
and toluene in aqueous solution are about 30 times 
greater than the corresponding values in the gas phase. 
A similar ratio has been obtained in the case of the reac
tion of hydrogen atoms with ethylene in the gas 
phase38’39 as compared with aqueous solution.40 Also, 
some reactions of methyl radicals seem to show a 
similar (but generally smaller) ratio.41 This increase in 
rate constant in going to the liquid phase is contrary to 
most of the previous evidence,6 but for a nondiffusion 
controlled bimolecular reaction, such an increase in the 
liquid-phase rate constant has been predicted.42

In order to estimate the gas-phase rate constant for 
the reaction between two cyclohexadienyl (or methyl- 
cyclohexadienyl) radicals, the absorption coefficient was 
measured by determining the amounts of products 
formed for a given optical density of transient. The 
experimental decay curves when plotted as a reciprocal 
of optical density vs. time yield a slope which is related 
to the rate constant by k =  el/2 X (slope), where e is 
the absorption coefficient and l is the optical path length 
through the sample.

Only an approximate value of k can be obtained here 
because of two experimental difficulties. First, the 
slopes of the second-order plots increase somewhat with 
smaller initial optical density. This would seemingly 
be explainable on the basis of a concurrent first-order 
disappearance of the transient, but the fact that the 
second-order plots show excellent linearity for the 
lowest initial optical densities argues against this. 
Other experimental variations, when added to this ef
fect, make the total uncertainty in the second-order 
slope large, i.e., (2.5 ±  1.0) X 105 sec-1. However, 
the second experimental difficulty introduces even more 
uncertainty in the value of e. That is, the product 
analysis was not very reproducible, and the identifica
tion of products was not complete. Hence, the value 
of e obtained is lo4-18+0-40 M ~ l cm-1. (The lower end 
of the range is probably more likely, because products 
are more likely to be incompletely recovered, and this 
leads to a high value of e.) Using these values of the 
second-order slope and e, and assuming that the cyclo
hexadienyl radicals decay only by reactions with them
selves, we obtain /c =  5 X  1010 M ~ l sec-1. This value 
of k seems rather large, because it indicates that reaction 
proceeds nearly on every collision (k = 1011 M ~ l sec-1,

from simple collision theory if the diameter of the cyclo
hexadienyl radical is 5 A). If the value of e determined 
for the gas phase is too high, and the 5.4 X 103 M-1 
sec-1 value obtained in the liquid phase is more nearly 
correct, k =  1.6 X 1010 M ~ ' sec-1. The important 
point to note is that the rate constant for reaction be
tween two cyclohexadienyl radicals is large, and at least
0.1 times the collision frequency. This indicates, there
fore, that similar to the case of alkyl radicals,43 the ac
tivated complex for the reaction is “loose.” This is in 
contrast to the case of the alkyl +  allyl reaction where 
the rate constant is about 5 X 10-3 times the collision 
frequency and the activated complex is “tight.”44 

In the case of the aqueous solution results, the rate 
constant for reaction between two cyclohexadienyl 
radicals can also be estimated, using the second-order 
slope of (1.7 ± 0.3) X 105 sec-1 and e — 5.4 X 10s M ~ l 
cm-1. A correction for the reactions of the CHiOH 
radical with the cyclohexadienyl radical must be made 
since these radicals are present at a concentration nearly 
the same as the cyclohexadienyl radical due to reaction 
of hydroxyl radicals with the methanol. As a reason
able approximation, the rate constants for reactions 
among these radicals can be assumed to be the same, 
except that the statistical factor of 2 has to be applied 
to the reaction between -CH2OH and the cyclohex
adienyl radical. The result of this assumption is an 
additional factor of one-half in the relation between the 
second-order slope and the desired rate constant. 
Thus, k -  el/ 4 X (slope). Since l = 8 cm, k = 1.8 X 
109 M-1 cm-1. The result justifies the approximation, 
since the rate constant for the combination of two 
• CH2OH radicals is probably not much different from 
the value for the • CH2CHsOH radical46 of 1.4 X 109. 
Thus, the liquid-phase rate constant appears to be ap
proximately an order of magnitude smaller than the gas 
phase value. This is in the opposite direction compared 
to the case of the addition of hydrogen atoms to ben
zene or toluene, where the rate constant is about 30 times

(38) J. M. Brown, P. B. Coates, and B. A. Thrush, Chem. C om m un ., 
22, 843 (1966).
(39) J. V. Michael and R. E. Weston, Jr., J . Chem. P h y s ., 45, 3632 
(1966).
(40) J. K. Thomas, Proceedings of the Third International Congress 
on Radiation Research, Cortina, Italy, 1966.
(41) J. K. Thomas, private communication.
(42) S. W. Benson, “ The Foundations of Chemical Kinetics,” 
McGraw-Hill Book Co., Inc., New York, N. Y ., 1960, pp 504-507.
(43) J. A. Kerr and A. F. Trotman-Dickenson, P rogr. R eaction  
K in etics , 1, 105 (1961).
(44) F. H. Doer and B. S. Rabinovitch, J . P h ys . Chem ., 69, 1952 
(1965).
(45) I. A. Taub and L. M. Dorfman, J . A m . Chem. S oc., 84, 4053
(1962).
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greater in the liquid phase. This difference is related 
to the diffusion-controlled nature of the radical-radical 
reactions in the liquid phase.

Future W ork. The techniques described here are 
being applied in the extension of this work to a series of 
substituted benzenes, in which similar reactions and 
transients are found. For example, the gas-phase reac
tion of hydrogen atoms with chlorobenzene has a rate 
constant of about 4 X 108 M ~ l sec-1 and the resulting 
transient absorbs in the same region as in the case of 
benzene or toluene. This result, indicating that chloro
benzene is more reactive toward hydrogen atoms than 
benzene or toluene, is of some interest since it conflicts 
(although the fact that toluene is more reactive than 
benzene does not conflict) with the idea that the hydro
gen atom is an electrophilic reagent.46 The work on

other substituted benzenes should enable this hypothe
sis to be fairly tested as well as providing data amenable 
to a theoretical treatment. Similarly, rate constants 
and transient spectra are being determined for the reac
tions of oxygen atoms with aromatic compounds.
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(46) M. Anbar, D. Meyerstein, and P. Neta, Nature, 209, 1348 
(1966).
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Photolysis of Ketene in the Presence of Carbon Monoxide

by B. A. DeGraff and G . B. Kistiakowsky

Department of Chemistry, Harvard University, Cambridge, Massachusetts 02188 (.Received May 22, 1967)

The reaction of photochemically generated singlet and triplet methylene with carbon 
monoxide to form ketene has been studied at several wavelengths. It is found that triplet 
methylene reacts more readily with carbon monoxide than with ketene or butene, whereas 
the reverse is true for singlet methylene. The relative rates for the reactions

1CH2 +  CH2CO —> products h

'CH, +  CO —> CH2CO k2

3CH2 +  CH2CO — >  products h

3CH2 +  CO — c h 2co k4

>CH2 +  M - 4 -  3CH2 +  M h

are presented. The ratio k,/k2 for the triplet is 3.6 at 3160 A and might be somewhat 
wavelength dependent- The ratio k2/k\ for the singlet is 0.14 ±  0.02 over the wavelength 
region 2900-3340 A. The ratio ks/k, is approximately 0.01 when M is nitrogen and/or 
carbon monoxide. When methylene reacts with trans-butene, the ratio of rates for 
the singlet is substantially the same as with ketene (0.10 ±  0.02), but the corresponding 
ratio for the triplet is somewhat lower (1.3 ±  0.3). Using the reaction with carbon mon
oxide as the diagnostic, the percentages of singlet methylene were found to be 67% at 
2900 A, 59% at 3160 A, 39% at 3340 A, and much less than 40% at 3660 A.

Introduction
Since Herzberg and Shoosmith showed that methyl

ene exists in two long-lived electronic states of different 
multiplicity,1 there has been considerable interest in 
the relative abundance of these spin states produced by 
the common sources of methylene (e.g., ketene, di
azomethane, and diazirine). The relative population 
of singlet and triplet states is important in understand
ing the extensively studied reactions of methylene with 
hydrocarbons and is relevant to the problem of spin 
inversion leading to the formation of triplet methylene 
from its precursors.2 It appears that each form is ca
pable of distinct reactions, and hence quantitative in
terpretation of reaction mechanisms is difficult without 
fairly accurate estimates of the initial amounts of 
singlet and triplet methylene formed from the precursor. 
As the singlet can “relax” to the triplet state, an addi
tional complication is introduced in inferring initial pop
ulations by estimating the relative amounts of methylene 
that ultimately react as singlet or triplet.3

Several workers have made estimates as to the singlet 
and triplet yields in the photolysis of ketene at various 
wavelengths.4 The technique used was to allow 
methylene to react with a substituted olefin and follow 
the product distribution as a function of various experi
mental parameters. Using the Doering-Skell hy
pothesis,5 mechanistic arguments can be made that 
certain products arise only from reactions of triplet

(1) (a) G. Herzberg and J. Shoosmith, Nature, 183, 1801 (1959); 
(b) G. Herzberg, Proc. Roy. Soc. (London), A262, 291 (1961).
(2) (a) For recent reviews see J. A. Bell, Progr. Phys. Org. Chem.,
2, 1 (1964) ; (b) W. B. DeMore and S. W. Benson, Advan. Photochem.,
2, 219 (1964); (c) H. M. Frey, Progr. Reaction Kinetics, 2, 131
(1964); see also (d) J. W. Simons and B. S. Rabinovitch, J. Phys. 
Chem., 68, 1322 (1964).
(3) (a) H. M. Frey, J. Am. Chem. Soc., 82 , 5947 (1960); (b) R. F. 
W. Bader and J. I. Generosa, Can. J. Chem., 43, 1631 (1965).
(4) (a) S. Ho, I. Unger, and W. A. Noyes, Jr., J. Am. Chem. Soc., 
87, 2297 (1965) ; (b) R. W. Carr, Jr., and G. B. Kistiakowsky, J. 
Phys. Chem., 70, 118 (1966).
(5) P. S. Skell and R. C. Woodworth, J. Am. Chem. Soc., 78, 4496 
(1956); 81,3383 (1959).
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Table I: Effect of Added Carbon Monoxide in Ketene-frans-Butene-2 Mixtures on the C6 Product Yields at 3160 A

■ Pressures, mm-
Ketene Butene Other

5.0 45.0
5.0 45.0 65.0 (CO)
5.0 45.0 125.0 (CO)
5.0 45.0 250.0 (CO)
5.0 45.0 338.0 (CO)
5.0 45.0 485.0 (CO)
5.0 45.0 10.0 (02)

[CO]/
[butene] T D M C “ CD M C“

1 .9 4 0 .2 0 8
1 . 4 5 1 .4 9 0 .0 7 4
2 .7 8 1 .2 3 0 .0 4 6
5 .5 5 1 .1 1 0 .0 2 0
7 .5 0 1 .0 0 0 .0 1 0

1 0 .8 0 .8 4 0 .0 0
1 .6 3 0 .0 2 0

—Normalized yields- 
t r a n s -  2- 2-M ethyl- 3-M ethyl-
pentene butene-2 butene-1

1 .5 1 0 .3 3 9 0 .1 0 6
1 .2 9 0 .2 8 8 0 .0 3 8
1 .0 9 0 .2 4 4 0 .0 2 3
1 .0 2 0 .2 2 8 0 .0 1 1
0 .9 2 0 .2 0 6
0 .7 8 0 .1 7 7
1 .4 8 0 .3 1 4

“ The letters TDMC and CDMC denote trans- and as-dimethylcyclopropane, respectively.

methylene, while other products must have their origin 
in singlet reactions. Unfortunately, the product mix
tures from such studies are rather complex. Thus, 
while there seems to be general agreement on the 
trends, there are differences on the quantitative as
pects.

Earlier, it had been shown that methylene reacts with 
carbon monoxide to re-form ketene.6 It seemed worth
while to reinvestigate the photolysis of the ketene- 
carbon monoxide system in the hope that like the iso- 
electronic species, 0  atoms, singlet methylene would be 
more reactive toward CO, and thus a direct measure of 
the rate of triplet production could be obtained.7 The 
results of this study are described below.
Experimental Section

The photolysis apparatus consisted of a cylindrical, 
I-shaped quartz cell connected in series with a mag
netically operated mixing pump and trap, and through 
a bakable metal valve to a high-vacuum line. The cell 
and related accessories were enclosed in a thermostat 
whose temperature could be controlled to ±0.5°. The 
cell pressure was measured by means of a Wallace and 
Tiernan 0-50-torr differential gauge in conjunction with 
a standard mercury manometer. The optical train 
was composed of an Osram HBO-500 high-pressure 
mercury arc whose output was isolated into various 
bands centered at 3660, 3340, 3160, and 2900 A by 
means of a Bausch and Lomb high-intensity mono
chromator. The band width was 64 A in each region. 
The emergent beam was passed through a Corning 
CS7-54 filter to remove scattered visible light, was col
limated by a series of lenses and stops, was passed 
through the cell, and was focused on the cathode of an 
RCA 935 phototube. The signal from the phototube 
was displayed on a Moseley 680 recorder. The light 
fluxes for the various spectral regions were frequently 
measured using ferrioxalate actinometry as described 
by Hatchard and Parker with suitable reflection cor

rections.8 Extinction coefficients were determined at 
each temperature and wavelength region using the 
described photometer.

The hydrocarbon products were analyzed using a 
Perkin-Elmer flame ionization detector mounted in a 
Model 154 vapor fractometer. Standard analyses were 
done with a 2-m silica gel column (30-60 mesh) operated 
at 70°. Products from the reaction of methylene with 
butene were analyzed using a 6-m column packed with 
60-80 mesh firebrick coated with 33% by weight of 
dimethyl sulfolane, operated at room temperature. 
The carrier gas was helium at a flow rate of 60 cc/min 
in each case. The response of the detector was cali
brated before each analysis by use of a known gas mix
ture which closely approximated in both size and com
position the experimental sample.

In a typical experiment the cell was brought to the 
desired temperature and pressurized with condensable 
gases; then, after condensing these at liquid nitrogen 
temperature, the cell was pressurized with the non
condensable gases, and finally the condensed material 
was allowed to vaporize. The gases were then stirred 
for 1.5-2 hr. The completeness of mixing had pre
viously been checked by following the absorption as a 
function of mixing time. After irradiation, the mixture 
was passed through a packed trap at solid nitrogen 
temperature. When an analysis for carbon monoxide 
was made, the noncondensable fraction was circulated 
over CuO at 220° and the resultant C02 was condensed 
and then measured in a calibrated gas buret. The 
hydrocarbon fraction was transferred to a sample bulb 
which contained a small amount of acetic anhydride to 
destroy the excess ketene. The sample was then
(6) T. Wilson and G. B. Kistiakowsky, J. Am. Chem. Soc., 80, 2934 
(1958).
(7) (a) O. F. Raper and W. B. DeMore, J. Chem. Phys., 40, 1053
(1964); (b) R. Klein, Trans. Faraday Soc., 62, 3135 (1966); (c)
M . Clerc and F. Barat, J. Chem. Phys., 46, 107 (1967).
(8) C. G. Hatchard and C. A. Parker, Proc. Roy. Soc. (London), 
A235, 518 (1956).
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Table II : Q uantum  Y ields of E thylene, E thane, and A cetylene from K etene-C arbon M onoxide M ixtures a t 50°
■Pressures, mm-

Ke- [CO]/ •Quantum yields-------------
tene CO Other [ketene] C2H4 CjH« CjHj Other

P art 1. 3160 A
2 5 .0 0 .9 0 0 .0 1 5 2 .0 2  (CO)
1 0 .0 1 8 5 .4  (N ,) 0 .8 7 0 .0 3 6 0 .0 4 6 1 .9 0  (CO)1 0 .0 3 2 3 .4  (N ,) 0 .8 3 0 .0 4 4 0 .0 4 4 1.80  (CO)1 0 .0 5 .0 1 0 0 .0  (N 2) 0 .5 0 .5 8 0 .0 0 8 0 .0 0 7
1 0 .0 1 0 .6 9 4 .4  (N ,) 1 .1 0 .4 9 0 .0 0 3 0 .0 0 5
1 0 .0 2 0 .0 8 6 .0  (N 2) 2 .0 0 .4 1 0 .001 0 .0 0 3
1 0 .0 5 0 .0 5 0 .0  (N j) 5 .0 0 .3 3 tr* 0 .0 0 2
1 0 .0 7 0 .0 3 0 .5  (N 2) 7 .0 0 .2 8 tr tr
1 0 .0 1 0 7 .5 1 0 .8 0 .2 2 tr tr
1 0 .0 1 0 7 .8 1 0 .8 0 .2 3 tr tr
1 0 .0 2 .6 2 1 1 .3  (NO 0 .2 6 0 .6 3 0 .0 0 6 0.012
1 0 .0 5 .0 2 0 7 .5  (N j) 0 .5 0 0 .5 1 0 .0 0 5 0.010
1 0 .0 10 .6 1 8 2 .6  (NO 1 .0 6 0 .4 6 0 .0 0 2 0 .0 0 7
1 0 .0 2 1 .0 1 8 4 .2  (NO 2 .1 0 .3 4 0.001 0 .0 0 4
1 0 .0 2 0 .8 1 8 4 .5  (NO 2 .1 0 .3 5 0 .0 0 1 0 .0 0 3
1 0 .0 5 4 .0 1 5 8 .6  (NO 5 .4 0 .2 7 0 .0 0 1 0 .0 0 2
1 0 .0 7 5 .0 1 3 4 .6  (NO 7 .5 0 .2 3 tr tr
1 0 .0 1 0 0 .0 1 0 1 .2  (NO 1 0 .0 0 .2 0 tr tr
1 0 .0 2 0 0 .0 2 0 .0 0 .1 4 tr tr
5 0 .0 2 0 0 .0 4 .0 0 .3 3 nm* nm
2 5 .0 2 0 0 .0 8 .0 0 .2 5 nm nm
2 0 .0 3 3 7 .4 1 6 .9 0 .1 6 nm nm
1 3 .2 2 0 0 .0 1 5 .2 0 .1 7 nm nm

8 .0 2 4 2 .0 3 0 .2 0 .1 0 nm nm
5 .0 2 0 0 .0 4 0 .0 0 .0 6 nm nm
5 .0 2 0 0 .0 4 0 .0 0 .0 6 nm nm

5 0 .0 1 0 .0 0 .2 0 0 .7 5 0 .0 0 3 0 .0 0 5
5 0 .0 1 9 .5 0 .3 9 0 .6 9 0 .0 0 2 nm
1 9 .0 2 6 .0 0 .5 3 0 .6 6 0 .0 0 2 0 .0 0 5
5 0 .5 4 9 .5 0 .9 8 0 .6 1 tr 0 .0 0 4
5 0 .0 10 5 .2 2 .1 0 .5 2 tr 0 .0 0 2
4 0 .0 2 0 .0 2 1 2 .4  (N j) 0 .5 0 0 .6 2 tr 0 .0 0 4
2 0 .0 1 0 .0 1 0 0 .7  (NO 0 .5 0 0 .6 1 0.001 0 .0 0 4
19 .1 9 .6 7 1 .1  (NO 0 .5 0 0 .5 9 0.002 0 .0 0 5
1 0 .0 5 .0 5 3 .0  (N j) 0 .5 0 0 .6 1 0 .0 0 4 nm

5 .0 2 .5 1 8 .5  (NO 0 .5 0 0 .6 6 0 .0 0 6 0 .0 0 9
2 1 .6 8 .4 0 .3 9 0 .7 7 0 .0 0 5 nm

P art 2. 3340 A
1 0 .0 0 .6 1 0 .0 6 7 0.067 1 .3 0  (CO)
1 0 .0 0 .6 2 0 .0 6 2 0 .0 6 1 1 .3 5  (CO)
1 0 .0 1 0 7 .8  (NO 0 .6 1 0 .0 6 2 0 .0 6 2
1 0 .0 2 .1 1 0 3 .9  (NO 0 .2 1 0 .4 1 0 .0 1 6 0 .0 2 2
1 0 .0 5 .3 1 0 0 .5  (N ,) 0 .5 3 0 .2 7 0 .0 0 3 0 .0 0 7
1 0 .0 1 0 .6 9 5 .4  (N j) 1 .0 6 0 .2 1 tr 0 .0 0 6
1 0 .0 2 1 .2 8 4 .8  (NO 2 .1 0 .1 9 tr 0 .0 0 3
1 0 .0 5 0 .0 5 0 .0  (N j) 5 .0 0 .1 4 tr 0.001
1 0 .0 8 0 .0 2 5 .2  (N j) 8 .0 0 .1 1 tr tr
1 0 .0 1 0 7 .0 1 0 .7 0 .0 9 2 tr tr
1 0 .0 1 1 2 .2 1 1 .2 0 .0 9 1 tr tr

5 .0 1 0 4 .5 2 0 .9 0 .0 5 6 tr tr

analyzed by vpc. All portions of the apparatus in con
tact with the products were equipped with grease-free 
stopcocks.

To test the procedure for handling and isolating the 
products, several known mixtures which approximated 
a typical reaction mixture were processed using the
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Table II (Continued)
-Pressures, mm—

Ke- [C O ]/ --------------------------Quantum yields-------------------------------------------- -
tene CO Other [ketene] CsH. CsHe C 2H 2 Other

Part 3. 2 9 0 0  A
1 0 .0 1 0 6 .2  (N s) 0 .9 3 O.Olg 0 .0 2 0  2 .0  (C O )
1 0 .0 4 .2 1 0 3 .3  ( N ,) 0 .4 2 0 .6 6 0 .0 1 0 0 . 0 2 0

1 0 .0 1 8 .5 8 8 .5  (N s) 1 .8 5 0 .4 9 0 .0 0 4 nm
1 0 .0 2 5 .0 8 1 .5  (N s) 2 .5 0 .4 5 tr O.Olo
1 0 .0 3 8 .7 6 8 .8  (N s) 3 .8 7 0 .4 0 tr 0 .0 0 8
1 0 .0 7 7 .6 2 9 .4  (N s) 7 .8 0 .2 9 tr tr
1 0 .0 1 0 6 .5 1 0 .6 0 .2 6 tr tr
1 0 .0 2 0 6 .8 2 0 .6 0 .1 6 tr tr

Part 4. 3 6 6 0  A
5 0 .0 0 .0 2 1 5 X  1 0 -< 5  X  I O - 4
5 0 .0 5 1 . 0  (N s) 0 .0 2 1 4 X  I O " 4 4  X  I O " 4
5 0 .0 5 2 .4 1 .0 5 0 .0 0 3 3 X  IO “ 6 nm
5 0 .0 2 5 .2 0 .5 0 0 .0 0 5 5  X  IO “ 5 nm

“ tr indicates trace am ounts. 1 nm  indicates that peak of product was n ot measurable.

Table III : Special Experim ents

Cell
-------------Pressures, mm----- x, temp, -Quantum yields--------

Ketene Other Other A °C CsH* CsF. CsH, Other

1 0 . 0 1 8 6 .7  (C O ) 1 .0  (O s) 3 16 0 5 0 0 .1 3 tr tr
1 0 . 0 1 8 0 .0  (C O ) 5 .0  (O s) 3 16 0 50 0 .1 3 tr tr
2 5 .0 1 0 6 .2  (N s) 0 .5  (O s) 3 16 0 50 0 .6 4 tr 0 .0 0 5 2 .9 5  (C O )
2 5 .0 1 0 6 .5  (N s ) 0 .7  (O s) 3 16 0 50 0 .6 5 tr 0 .0 0 4 3 .0 0  (C O )
5 0 .0 1 0 4 .4  (C O ) 3 1 6 0 2 2 0 .5 3 nm nm
5 0 .0 1 0 6 .0  (C O ) 3 16 0 8 5 0 .5 0 nm nm
1 0 .0 2 .0  (O s) 8 1 .5  (N s) 3 34 0 50 0 .2 1 tr 0 .0 0 3 2 . 4 i  (C O )
1 0 .0 5 .0  (O s) 1 0 2 .0  (N s ) 3 34 0 5 0 0 .1 7 tr 0 .0 0 4
1 0 .0 2 . 0  (O s) 1 0 1 .3  (N s) 2 90 0 5 0 0 .6 7 tr tr 3 .0 2  (C O )
1 0 .0 5 . 0  (O s) 1 0 3 .2  (N s ) 2 9 0 0 50 0 .6 6 tr tr 2 .9 7  (C O )

routine procedures. In each case the values deter
mined by this method agreed to within 2% of the known 
values.

Ketene was prepared by the pyrolysis of acetic 
anhydride, using the method described by Jenkins.9 
After purification, a ketene sample treated with acetic 
anhydride showed a light hydrocarbon (Ci-Cj) im
purity level of less than 100 ppm. Nitrogen and 
carbon monoxide with less than 1 ppm of oxygen were 
supplied in 1-1. Pyrex flasks by J. T. Baker. The hy
drocarbon gases were Phillips research grade. About 
0.2% propane was added to the tran.s-butene-2 to act 
as an "internal standard.”

As the usual conversion was about 1%, impurity 
levels were critical. To check the possibility of trace 
oxygen impurity, the quantum yields in a ketene- 
nitrogen-carbon monoxide mixture were determined at 
0.5, 1.0, and 2.0% conversion with no apparent trend

in the values. Several samples of less pure CO were 
used in preliminary experiments with no change in the 
results.
Results

Table I shows the effect of added carbon monoxide 
on the C5 products for the methylene-trans-butene 
reaction at 3160 A and 50°. The yields are normalized 
in the sense that they are relative to the internal stan
dard and corrections have been made for the differences 
in the percentage decomposition. Since carbon mon
oxide production could not be used to measure the 
rate of decomposition, the latter was determined by 
multiplying the absorbed intensity by 0.5<t>co for a ke- 
tene-nitrogen mixture of equivalent composition (de., 
one in which the ketene pressure was assumed to be the

(9) A. D . Jenkins, J. Chem. See., 2563 (1962).
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sum of the ketene and butene pressures while the nitro
gen pressure was the same as that of carbon monoxide). 
With added oxygen the primary decomposition rate was 
assumed to be the same as that in the absence of oxygen.

The values shown in this table are subject to some 
error owing to the fact that the large excess of butene, 
unavoidably injected along with the sample into the vpc 
column, made estimation of the base line very difficult. 
To reduce the error, several chromatograms were 
usually made for a given sample. The peaks were cut 
out and weighed, with the average value being used 
for subsequent calculations. cfs-Pentene-2 is not shown 
in the table since the column used for this study could 
not isolate it.

Table II, parts 1-4, is a collection of the quantum 
yields of the observed products in other experiments. 
No products higher than C2 were observed in mixtures 
containing carbon monoxide. In ketene-nitrogen mix
tures small amounts of propane, cyclopropane, and 
propylene were found at higher conversions.

The experimental variables included total pressure, 
mole fraction of ketene, carbon monoxide, and nitro
gen, temperature, and wavelength. Illumination times 
varied from 15 min for high ketene pressures at 3160 
A to 5 hr at 3660 A. Several blank experiments were 
performed which showed that thermal decomposition 
was negligible at the temperatures of these experiments 
(*.«., 20-80°).

Product quantum yields which are less than 10~2 of 
the ethylene quantum yield are not quantitatively 
reliable and are shown as trace amounts. The esti
mated error in the ethylene and carbon monoxide 
values is ±5%. For the other C2 products the error is 
likely to be as high as ±  10%. These error limits should 
not be confused with reproducibility, as individual values 
were reproducible to better than ±5%. The major 
sources of systematic error were in determining the light 
flux and vpc response.

Table III is a compilation of results from experi
ments with added oxygen at various wavelengths. In 
addition to the products shown, carbon dioxide was 
found when oxygen was added, but no attempt was 
made to measure it. Also included are the results of a 
temperature-dependence study done at 3160 A.
Discussion

Since the decomposition quantum yield for ketene 
has been shown to be pressure dependent for X >2700 
A, it was necessary to determine the pressure effect on 
the primary decomposition yield for our conditions so 
that collisional relaxation effects could be distinguished 
from recombination quenching.10 As nitrogen would 
be expected to be similar to carbon monoxide in its

ability to deactivate excited ketene, experiments were 
performed in which the decomposition quantum yield 
of ketene was measured as a function of increasing ni
trogen pressure at various wavelengths. It was found 
(see Table II) that addition of 100 torr of N2 caused 
essentially no change in the quantum yield at 2900, 
3160, and 3340 A, while 50 torr produced no change at 
3660 A. Further, ~200 torr of N2 lowered the yield 
at 3160 A only 4-5% as compared to a 17-18% de
crease for a comparable pressure of pure ketene.10 
These results are consistent with the findings of others 
that nitrogen is quite inefficient in deactivating excited 
ketene.6 Thus, no corrections for the “pressure effect” 
of added CO and N2 were necessary except for the series 
of experiments done at 3160 A with a total CO and N2 
pressure of 200 torr or greater. For these experiments 
the correction was determined by measuring 0(C2H4) 
with a pressure of nitrogen equal to the combined pres
sures of nitrogen and carbon monoxide used. The 
ratio of the ethylene yield with added nitrogen to the 
value found in the absence of any added gas was used 
as the pressure correction.

Preliminary experiments showed that the two forms 
of methylene did indeed react with CO at different rates 
and that a definite trend with wavelength was present 
which was contrary to that expected if the singlet were 
the more reactive species.4b

To obtain additional information as to the spin 
multiplicity of the more reactive methylene, the effect 
of carbon monoxide on the methylene-irans-butene 
reaction was studied. Previous work indicated that 
cfs-dimethylcyclopropane and 3-methylbutene-l could 
be used as triplet diagnostics, while ¿rans-pentene-2 
could be used for the singlet.4b Figure 1 shows the 
yields of these products relative to the CO-free value 
as a function of the [carbon monoxide]/[butene] ratio. 
The rapid removal of the triplet products compared to 
those of the singlet indicates that relative to butene, 
triplet methylene is more reactive toward GO than is 
singlet. We conclude that this is also the case in the 
ketene-carbon monoxide system.

Additional evidence for this assignment is obtained 
from the observation that even at small [CO]/[ketene] 
ratios the quantum yields of ethane and acetylene are 
dramatically reduced. Both ethane and acetylene are 
reported to arise as a result of triplet methylene abstrac
tion from ketene.11 That these C2’s are quenched by 
CO more rapidly than ethylene, which can come from 
both singlet and triplet methylene, gives credence to

(10) B. T . Connelly and G. B. Porter, Can. J. Chem., 36, 1640 
(1958).
(11) K. H. Sauer, Ph.D. Thesis, Harvard University, 1957.

The  Journal  o f  P hysica l  Chem istry



Photolysis of Ketene in the Presence of Carbon Monoxide 3989

Figure 1. Rate of selected C5 hydrocarbon formation at 
3160 A in a ketene-iraras-butene-2 mixture with added 
carbon monoxide relative to the CO-free rate: • ,  trans-penzene-2; □ , CDMC +  2-methylbutene-l.

Figure 2. Quantum yield of ethylene with added
oxygen relative to the 0 2-free value: O, this work; A, G. B.
Porter (1957); □ , A. N. Strachan and W. A. Noyes, Jr. (1954).

the greater reactivity of triplet methylene toward 
carbon monoxide. This same effect is found in the 
ketene-butene system. That is, with no added car
bon monoxide the C2 fraction is about 60% ethylene 
and 40% ethane, whereas at a [CO]/[butene] ratio 
of 10.8 the C2 fraction is 100% ethylene.

Oxygen has been used as a means of selectively re
moving triplet species. However, the ethylene quench
ing action of 0 2 in the photolysis of ketene is not well 
understood. As shown in Figure 2, the relative quench
ing curve of 0 2 as a function of exciting wavelength has 
two distinct regions. They differ not only in the mag
nitude of the quenching effect but also in that, at the 
wavelengths (i.e., 3660 and 3340 A) where 0 2 is par
ticularly effective, the ethylene quantum yield is de
pendent on 0 2 pressure, whereas in the region of less 
complete quenching the 0 2 pressure may be varied 
within wide limits with little effect on the yield of ethyl
ene.

Because of the oxygen pressure effect, it has been sug
gested that 0 2 reacts with excited ketene at 3660 A 12 
and this seems to be the case at 3340 A as well. 
Whether only triplet excited molecules are scavenged 
at these wavelengths is not clear.

Recent isotopic studies on the mechanism of oxygen 
quenching in methylene-olefin systems shows that oxy
gen reacts with the secondary radicals rather than with 
the methylene.13 Consequently, the quantitative as
pects of oxygen quenching as a triplet diagnostic are 
open to question; however, it does provide a qualita
tive, indirect means of ascertaining triplet participa
tion.

Comparison of Table III and Table II, Part 1, shows 
that, within experimental error, oxygen has no effect

on the ethylene quantum yield at high [CO],/[ketene] 
ratios and 3130-A radiation. This is in contrast to 
the 25-30% reduction in the ethylene yield by oxygen 
in the absence of CO (see Figure 2) and is further evi
dence that the triplet methylene has been preferentially 
removed by the CO before it reacts with the ketene.

The remainder of the discussion will be more ex
plicit if the following mechanism is considered

CH2CO +  hv V------^CH a +  CO

X X3CH2 +  CO .a
jc h 2 +  c h 2c o  — > C2H4 +  CO fcl

1CH2 +  CO — ► c h 2c o

3CH2 +  CH2CO — ► C2H4 +  CO h

3CH2 +  CO — ► c h 2c o fc4

!CH2 +  M — ► 3CH2 +  M h

where <pa and 4>t denote the quantum yields of singlet 
and triplet methylene, respectively. This simplified 
mechanism, which omits the details of the primary 
processes in ketene, tacitly assumes that the pressure 
is high enough to stabilize all re-formed ketene. The 
validity of this assumption will be shown later. All 
hydrocarbon products other than ethylene are ignored. 
Additionally, the assumption is made that CO and N2 
are equally effective in promoting reaction 5.

Using the conventional steady-state treatment, the 
above yields

(12) G. B. Porter, J. Am. Chem. Soc., 79, 1878 (1957).
(13) C. McKnight and F. S. Rowland, ibid., 88, 3179 (1966).
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0(C2H4) 08^1 +
fc2[CO] M  M ] \ -*

fci [ketene] fci [ketene]/ +

0 t +  1 +  (l/fe [M j) (fci [ketene ] +  fa [CO])
j  m c o ]

fc3 [ketene]

This expression is cumbersome, but under some condi
tions simplifying approximations can be made. For 
experiments at [CO]/[ketene] ratios such that essen
tially all of the triplet methylene reacts with carbon 
monoxide and further that [CO] — [M], the above 
expression simplifies to

1/0(C*HO (1/<t> s) (h  +  h)[CO] 
fci [ketene] +  1

Thus a plot of 1/0(C2H4) v s . [CO]/[ketene] should be 
linear if the triplet has been removed. Figure 3 shows 
such a plot for data taken at 3160 A and 50°. The 
least-squares intercept is 1.8g ±  0.1 which corresponds 
to 4>s =  0.53 ±  0.03. The slope was found to be 
0.266 ±  0.01, whence (fc2 +  fc5)/fci =  0.14i ±  0.007. 
A similar plot for data taken at 3340 A gives a slope 
of 0.62 ±  0.03 and an intercept of 4.1 ±  0.2. Data at 
2900 A when plotted in the foregoing manner give 
an intercept of 1.7 ±  0.1 and the slope as 0.22 ±  0.01.

If fci >  fc2 and, as one may assume from previous 
work, fc5 <3C fci, then at low [CO ] / [ketene ] ratios with 
no added inert gas, the approximation holds

(¡>' =  —  ~  i _|_ ki
<£(C2H4) — 4>s fc3 [ketene]

A series of experiments were done at 3160 A in which 
the ketene pressure was held constant and the [CO]/ 
[ketene] ratio varied from 0 to 0.98. Since <f>s is given

Figure 3. Reciprocal ethylene quantum vi ;ld for 
ketene-carbon monoxide mixtures at 3160 A.

by the intercept in Figure 3, <pt could be obtained by 
difference (i.e., 0.90 — 0.53 = 0.37 =  as only ethyl
ene was considered). Figure 4 shows <f>' plotted as a 
function of the [CO]/[ketene] ratio. From the ob
served slope we find fc4/fc3 = 3.6 ±  0.3.

If the [CO]/[ketene] ratios are chosen such that 
the triplet contribution to ethylene formation is small 
and further that [CO] +  [N2] =  [M] ~  constant, then

1/<KC2H4)
fc2[CO] 

fci [ketene] + M M ]
fci [ketene]

which, when [M]/[ketene] is constant can be written 
as

1/<HC2H4) =  (1/0.) fc2[c o ]  \
fci [ketene]/ +  C;

C = M M ]
fci [ketene]

Figure 5 shows data taken at 2900, 3160, and 3340 
A under the conditions described above. Two dif
ferent total pressures were used at 3160 A to test the 
pressure sensitivity of the ratio fc2/fci- The slope 
values found were combined with the previously de
termined values of <j>a and (fc2 +  fc5)/fci to compute the 
rate constant ratios and singlet quantum yields shown 
in Table IV.

The trend of <j>a shown in Table IV is similar to that 
found for other carbonyl compounds. The values 
listed are strictly correct only for our experimental 
conditions. At longer wavelengths the excited ketene 
is sufficiently long-lived that environmental factors 
(e.g., pressure and temperature) could alter the relative 
amounts of singlet and triplet formed.
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Table IV: Kinetic Parameters for the Ketene-Carbon Monoxide System

X, A [M ]/[ketene] <t» %
singlet kz/ki ki/kz kb/ki

2900 10.5 0.60 ±  0.03 67 ±  4 0 .1 2  ±  0 .0 1 3.4 ±  0.3 < 0 .0 1
3160 10.5 0.53 ±  0.03 59 ± 3 0.14 ±  0.01 3.6 ±  0.3 0 .0 1
3160 20.5 0.5L ±  0.03 59 ±  3 0.14 ±  0.01 3.6 ±  0.3 0 .0 1
3340 10.5 0.24 ±  0.01 39 ±  2 0.15 ± 0 .0 1 6.4 ±  0.6 > 0 .0 1

Figure 5. Reciprocal ethylene quantum yield for 
ketene-carbon monoxide-nitrogen mixtures at constant 
total pressure: • ,  3340 A and 115 torr total pressure;
A , 3160 A and 215 torr total pressure; ♦ , 3160 A and 115 torr 
total pressure; □ , 2900 A and 115 torr total pressure.

The fc6/fci ratios shown have only semiquantitative 
significance because of the uncertainties in the inter
cepts of Figure 5 and because the alternate method of 
computing their value involves taking the small dif
ference between the experimental values of fa/ki and 
(fc2 +  h)/h- The value of h/k, will depend on the 
nature of M, the quenching gas, which in this study 
was nitrogen and/or carbon monoxide.

To test the derived rate parameters, the carbon 
monoxide quenching of the ethylene quantum yield was 
computed for each wavelength using the complete 
kinetic equation. While the expression is not very 
sensitive to small changes in the various parameters, 
changes of 10% or more in the ratios result in a notice
able deterioration of the fit between experimental and 
calculated points.

Figure 6 shows both the computed curves and the 
experimental points for 3340 and 3160 A. The agree
ment is sufficiently good to give some confidence in 
the parameters used. The data at 3660 A are too few 
to allow a detailed discussion, but it appears that the 
percentage of singlet formed is substantially less than 
at 3340 A and that k4/ h  might be somewhat greater.

The value of ks/ki when M is nitrogen or carbon 
monoxide, while accurate to only order of magnitude, 
is about the same as a similar ratio which can be com-

Figure 6. Comparison of computed effect of carbon 
monoxide on the ethylene quantum yield using quantities from 
Table IV with experimental points: • ,  3160 A and 115 torr 
total pressure; A, 3340 A and 115 torr total pressure.

puted from the data of Frey,3a who used argon as a 
quenching gas. Defining a simplified mechanism as

^ H , +  M 3CH2 +  M h

1CH2 +  m-butene — > CDMC h
3CH2 +  m-butene — > TDM C +  CDMC ki

and assuming that triplet methylene gives cis- and trans- 
cyclopropane with equal probability and that diazo
methane photolysis in Frey’s experiments initially 
yields only singlet methylene, one can, from his data, 
derive a value of 0.8 X 10-2 for kg/kg.

The ratio fc2//ci shows no significant change with ex
citing wavelength whereas k4/kg appears to change 
significantly. This may be interpreted as a change in 
k3 with photon energy; that is, the triplet reactivity is 
related to the energy that the methylene carries from 
the photodecomposition of ketene. However, the 
error limits on the data are such that no strong case can 
be made for a wavelength dependence of the k jk 3 
ratio. The insensitivity of the ratio fc2/fci to photon 
energy and to temperature suggests that these singlet 
reactions have virtually no energy barrier and that 
statistical factors determine the ratio.

From the data in Table I on the effect of CO on the 
methylene-frans-butene reaction, one obtains k2/ks and 
k4/kg as 0.10 ±  0.02 and 1.3 ±  0.3, respectively, where

1CH2 +  trans-butene — > TDM C kg
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3CH2 +  frans-butene —>
TDMC +  CDMC +  3-methylbutene-l ks

The amount of TDMC due to singlet methylene was 
estimated by subtracting 1.6 times the yield of CDMC 
in the absence of carbon monoxide from the observed 
yield of TDMC.4»

Using these ratios and those in Table IV, one obtains 
ks/ h  = 1.5 ±  0.4 and k9/k3 = 2.8 ±  0.7. The ratio 
for the singlet is not significantly different from unity. 
However, these figures indicate that triplet methylene 
does show a small degree of discrimination as to the 
nature of the double bond. The magnitude of the ef
fect is similar to that found by Cvetanovic for a series 
of olefins.14 15 This fact may limit the effectiveness of 
carbon monoxide as a triplet getter in some systems. 
However, the reaction described in this paper has a dis
tinct advantage over other techniques in that methylene 
itself is removed rather than some later intermediate.

As in other work on methylene, the results appear 
as ratios of rate constants. Using 3160-A radiation, 
the triplet methylene formed appears to be about 24 
rimes more reactive toward CO than is the singlet, 
relative to their reactivities toward ketene. The ques
tion of whether the absolute reactivity of 3CH2 toward 
CO is greater than that of singlet is of considerable 
interest but also one which cannot be answered def
initively from our data. The crucial assumption is 
that k\ —  fc3, that is, that the rate of reaction with the 
C=C bond is about the same for both singlet and trip
let. This has never been demonstrated, but a survey 
of the relevant literature, especially the experiments 
with flash sources, reveals no evidence to the contrary. 
Thus, provisionally we will assume that h  ~  k3 and 
hence that the reactivity of the triplet methylene toward 
CO is higher than that of the singlet.

A rational explanation of this difference in reactivity 
is provided by a simplified potential energy diagram of 
ketene, Figure 7, showing it as a function of the C=C  
bond distance alone.16 The ‘A2 state reached on ab
sorption in the near-ultraviolet region is assumed to be 
sufficiently coupled to the 3A2 state that intersystem 
crossing occurs over the entire range of energies of the 
transition.16 The lowest points on both the XA2 and 
3A2 curves have been placed below the dissociation 
energy of ketene into CH2(32) +  C0(X12) to allow 
for the observed weak absorption extending into the 
visible17 region and the very low dissociation quantum 
yield at 3700 A.18'19

According to Figure 7, CH2(32) +  COfX^) form 
a bound state and hence could form “hot” triplet 
molecules on virtually every collision. Experiments 
were made with a [CO]/ [ketene] ratio of 0.5 ranging in

Figure 7. Potential energy diagram for ketene 
as a function of the C=C bond distance.

total pressure from 200 to 26 torr to determine whether 
the kt/k3 ratio is pressure dependent (see Table II, 
part I). Down to 50 torr the ratio remained constant 
but was slightly lower at 26 torr. This indicates that 
the stabilization of the hot 3A2 molecules is incomplete 
at this pressure and with the assumption that stabiliza
tion occurs on every collision indicates a lifetime of 
about 10”9 sec or greater. The foregoing implies that 
over the pressure range 50-200 torr the yield of triplet 
methylene was constant. This explanation seems more 
plausible than invoking exactly balanced changes in 
k4/k3 and <t>t.

The comparatively low reactivity of the CH2(1Ai)- 
C0(X12) pair is due to the proposition that they do not 
correlate with the lowest singlet bound state and in the 
adiabatic approximation form a nonbonding state. 
Thus recombination must occur via curve crossing and 
could have a rather low collisional efficiency. Data 
from Tables I-IV show no effect of temperature or 
wavelength on the fci/fc2 ratio so that the CH2(1Ai) -f- 
C0(X12) curve must be rather flat in the crossing 
region. Changing the pressure from 100 to 200 torr

(14) R. J. Cvetanovic and R. S. Irwin, J. Chem. Phys., 46, 1694 
(1967).
(15) We are indebted to Dr. G. Herzberg for suggesting to us that 
in the “ adiabatic approximation”  the dissociation products of the 
normal 'Ai state of ketene are CO(3n) and CEhpZ).
(16) Whether the transition is a true kinetic process or an overlap 
of the two absorption systems will not be discussed here.
(17) R. N. Dixon and G. H. Kirby, Trans. Faraday Soc., 62, 1406 
(1966).
(18) G. B. Porter, J. Am. Chem. Soc., 79, 827 (1957).
(19) Because temperature has a strong effect on the quantum yield 
of dissociation, decomposition may occur as a result of a transition 
from a vibrationally excited ground state, i.e., “ hot band absorp
tion.”
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(see Table IV) leaves the ratio ki/k2 unchanged so that 
the stabilization of the hot h\2 state is not the rate- 
determining step. What happens to the system in this 
state is not clear, but crossing into the 3A2 state seems 
probable. In this state the molecule could either relax 
to the ground state or dissociate to triplet methylene 
and carbon monoxide. The net result of this latter 
process would be indistinguishable from reaction 5.

Some of the results and conclusions of this paper have 
already been published.20
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Reactions of Carbonylic Compounds with Hydrated Electrons1

by Edwin J. Hart, E. M. Fielden,2 and M. Anbar3
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The reactivity of the hydrated electron with carbonyl compounds of the type RiCOR2 
has been measured. Their rate constants, k\, vary from 3.0 X 105 M ~ l sec-1 for urea 
to 8.0 X 109 M ~ l sec-1 for cyclohexanone. For aldehydes, ketones, and carboxylic acids 
a linear correlation is obtained between log k and Taft’s <r* function. The slope, p, equals 
—0.74. Amides and esters deviate from this relation because of mesomeric forms, in 
which the electrophilic center is localized on either the nitrogen or the alkoxy oxygen. 
For a group of these compounds, a p of +1.16 is found. Hydrated electron rate constants, 
as demonstrated by these and previous studies, provide a new parameter for exploring the 
electronic configuration of organic compounds.

Introduction
The hydrated electron, eaq- , has been suggested as a 

new nucleophilic reactant for studying the structure of 
organic molecules and ions in aqueous solutions.4-6 
In many reactions eaq-  transfers directly to an electro
philic center. Halogen atoms, for example, act as such 
centers on aliphatic coupounds.5 Another functional 
group displaying appreciable reactivity toward eaq-  
is the carbonyl group.6 Since no systematic studies on 
these compounds have been carried out we supplement 
previous reports4-6’7-9 by providing rate constants for 
a series of organic compounds, characterized by the 
general formula RjCOR2. Ri and R2 are H, alkyl, 
alkoxy, NH2, or OH (O- ) groups.

Experimental Section
The rate constants were measured by an electron- 

pulse technique similar to that described in earlier 
work.10-11 The set-up appears in Figure 1. It differs
(1) Based on work performed under the auspices of the U. S. Atomic 
Energy Commission.
(2) Physics Department, Institute of Cancer Research, Belmont, 
Sutton, Surrey, England.
(3) Weizmann Institute of Science, Rehovoth, Israel.
(4) M. Anbar and E. J. Hart, J. Am. Chem. Soc., 86, 5613 (1964).
(5) M. Anbar and E. J. Hart, J. Phys. Chem., 69, 271 (1965).
(6) M. Anbar, Advances in Chemistry Series, No. 50, American 
Chemical Society, Washington, D. C., 1965, p 55.
(7) E. J. Hart, J. K. Thomas, and S. Gordon, Radiation Res. Suppl., 
4, 74 (1964).
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Figure 1. Electron pulse radiolysis set-up using a gas laser 
light source: A, helium neon laser with continuous output 
at 6328 A; B, 4 X 2 cm diameter silica irradiation 
cell with silvered Suprasil end windows; C, plane 
mirror; D, Amperex Type XP1002 photomultiplier;
E, 2-in. thick lead pot with 0.25-in. diameter hole 
in lid; F, top view of optical path in cell.

from previous arrangements in the use of a gas laser (A) 
as a light source. Benefits gained by its use are (1) a 
major simplification in the optical system, and (2) com
plete suppression of “Cerenkov noise” during the pulse. 
These advantages are offset, to some extent, by the 
inherent instability of the laser and its 60-cycle fluctua
tions in intensity. For microsecond sweep rates 
for which most of our work was done, these instabilities 
posed no problems. The laser was a Perkin-Elmer 
Model 5200 D.C. excited helium neon laser, giving a 
continuous output at 6328. A. The laser emits a parallel 
beam of light approximately 0.5 mwatt power. The 
irradiation cell (B) consisted of a quartz tube 4 cm long 
and 2 cm in diameter with optically polished high- 
purity quartz end windows. The windows of the cell 
were completely silvered with the exception of two small 
diametrically opposed areas (little larger than the laser 
beam diameter of 3 mm) on the front face of the cell. 
These unsilvered portions served as entrance and exit 
windows for the laser beam. By adjusting the angle at 
which the laser beam entered the cell, the beam was re
flected back and forth (F) between the mirrored ends 
of the cell before emerging. Between 2 and 10 passes 
of the beam along the length of the cell were readily ob
tained in this manner. The beam emerging from the 
cell was reflected by a plane mirror (C) onto a photo
multiplier (D) (Amperex Type XP1002) encased in a
2-in. thick lead shield (E). The monochromatic and 
parallel nature of the light eliminated the monochroma- 
ter and quartz lens assembly normally required.8 9 10 The 
system of electronic amplifiers and oscilloscope used to

record the transient absorption due to the radiation- 
induced hydrated electron was identical with that de
scribed previously.10
Preparation of Solutions

The compounds were irradiated in unbuffered solu
tions, and in solutions buffered at pH 7.2 with NaHy- 
PCh-Na^HPCh and at pH 11 with NaOH. In the solu
tions where 1.0 mM  ethanol was used to destroy hy
droxyl radicals, the ethanol was purified by distillation 
through a fractionation column. The solutions were 
injected8 into the deaerated matrix11 to produce a 
solution of the desired solute concentration. In this 
procedure, 5 ml of the stock solution (0.01-0.05 M ) or 
the pure organic liquid was first deaerated by shaking 
with an equal volume of helium in a 10-ml syringe. 
After 2 to 3 min shaking, the gas was expelled and 5 cc of 
helium again added and the shaking repeated. By 
chromatographic analysis we found that each shaking 
reduced the oxygen concentration of the solution by a 
factor of 20. Consequently, the concentration of oxy
gen in our stock solution was reduced to about 0.5 nM  
after two equilibrations. Normally of the order of
0.25 ml of this solution was then injected into 50 ml of 
the preirradiated hydrogen saturated matrix. Previous 
studies11 showed that the concentration of oxygen in 
these solutions was less than 10~7 M .

Analysis of Decay Curves
The rate constants were calculated directly from a 

first-order plot of the logarithm of optical density 
vs. time. The oscillograms were analyzed by 
c h l o e , an automatic film scanning machine developed 
by the Applied Mathematics Division of Argonne.12 
c h l o e , with a maximum resolution of 1024 “bits” in 
both the X and Y coordinates scans an oscillogram 
photograph and stores the data in digital form. These 
data were then fed into a CDC 3600 computer which 
printed out the optical density (or any similar function 
such a log OD) vs. time. A graph of log OD vs. time 
with the “least mean squares” slope was also produced 
automatically. This method not only saved time but 
it also eliminated personal errors in the measurements 
of oscillograms and in calculating the errors involved in 
such reading. Figure 2 shows a typical decay curve
(8) E. J. Hart, S. Gordon, and J. K. Thomas, J. Phys. Chem., 68, 
71 (1964).
(9) A. Szutka, J. K. Thomas, S. Gordon, and E. J. Hart, ibid., 69, 
289 (1965).
(10) J. K. Thomas, S. Gordon, and E. J. Hart, ibid., 68, 1524 (1964).
(11) E. J. Hart and E. M . Fielden, ref 6, p 253.
(12) D. Hodges, Applied Mathematics Division Technical Memoran
dum No. 61, 1963.
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Table I : Hydrated Electron Rate Constants for Some Organic Compounds
Concn,

Compound Source Matrix pH m M Slope® k, M ~ l sec-1
CH3COCN c h 2o 7.15 38.3 0.4839 2.9 X 107i

h 2o 7.15 9.56 0.1461 3.5 X 107}
h 2o 7.15 9.56 0.1288 2.7 X 107!

CHsCHNOH d Aik 10.82 6.54 0.2050 7.2 X 107)
Aik 10.82 6.54 0.1981 7.0 X 107)
Aik 10.82 6.54 0.2086 7.3 X 107l

(CH3)2CNOH e h 2o 7.75 0.25 0.0337 3.1 X 108\
h 2o 7.75 0.25 0.0310 2.9 X 108/

f c h 2c o c h 3 f h 2o 6.7 0.500 0.2255 1.04 X 1091
h 2o 6.7 0.150 0.0685 1.04 X 109J
Aik 10.86 0.500 0.1755 8.1 X 10«\
Aik 10.86 0.250 0.1025 9.4 X 108/

c o o - ( c h 2)2c o o - 9 Aik 10.0 10.0 0.133 3.1 X 107
COO-(CH2)2COOH 9 h 2o 6.0 2.0 0.100 1.2 X 10s
c f 3c o c h 3 d h 2o 5.19 1.00 0.0289 6.6 X 107
n h 2c o c o o - h Aik 11.2 0.40 0.6510 3.7 X 109i

Aik 11.04 0.133 0.2442 4.2 X 109J
c f 3c o o c h 3 d Aik 10.62 0.406 0.3277 1.9 X 10«
o h c h 2c o o c h 3 f Aik 10.65 0.519 0.1092 4.8 X 108
c h 3c h 2c o o c h 3 d H20 6.81 4.16 0.1843 9 0 X 107
(CH3)3CCOOCH3 c h 2o 5.91 15.33 0.1511 2.3 X 107
c h 3c o o c 2h 5 b h 2o 6.53 20.45 0.5217 5.9 X 107
CH3COCN d Aik 10.94 5.60 0.3659 1.5 X 108
NH2CH2COOCH3 c Aik 10.66 1.00 0.1268 2.92 X 108\

Aik 10.66 1.00 0.1259 2.90 X 108/
c n c h 2c o o c 2h 5 c Aik 10.92 0.906 0.1259 3.2 X 108

3.0 X 107

7.2 X 10̂

3.0  X 108
1.0 X 10s
8.8 X 108

4.0 X 109

2.91 X 108

° Log OD/ixsec (corrections have been made for the standard matrix and for effect of pH on the matrix). b BDH Analar. c Fluka 
puriss. d Fluka purum. e BDH Lab. 1 K & K Laboratories, Inc. ° Baker CP; recrystallized three times. * G. F. Smith Chem. 
Co.

Figure 2. Reaction of 0.001 M methyl glycinate with 
eaq_ at pH 10.66: + ,  points on decay curve calculated
by CHnoE and presented on a calcomp plot; -------- ,
least-square curve. Slope = 0.1346 log OD/jusec.

and its graphical printout of the optical density data. 
The rate constant was calculated from the difference 
between the slopes of the solute and matrix under iden
tical irradiation conditions. The complete equation is
k =  2.3 X  106 X

[log (OD/iisec) solute — log (OD/nsec) matrix]
C

where OD = optical density, /xsec = unit of time of 
decay curve, C = concentration in moles/1., k = rate 
constant in M ~ l sec-1. Data obtained from the com
pounds studied appear in Table I. The estimated error 
is ± 10%.
Results and Discussion

The carbonyl group is highly reactive with eaq-  but 
its reactivity is influenced to a major extent by the 
nature of adjoining groups. For example, the rate 
constants decrease by a factor of 20,000 when the methyl 
groups of acetone are replaced by the amine groups of 
urea. In an attempt to explain this behavior we studied
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Table II: The Rates of Reaction of Carbonylic Compounds (RiCOR2) with Hydrated Electrons

Compound Ri Ri
Acetaldehyde c h 3 H
Acetone c h 3 CH3
Fluoroacetone c h 3 f c h 2
Trifluoroacetone c h 3 f 3c
Acetic acid c h 3 o h
Pyruvate ion c h 3 c o o -
Acetamide CHa n h 2
Pyruvonitrile c h 3 CN
N-Aeetylglycinate ion c h 3 h n c h 2c o o -
Cyclohexanone c h 2- -C H 2(CH2)a
Formic acid H o h
Formamide H n h 2
Pivalic acid OH (CCH3)3C
Succinic acid OH - c h 2c o o -
Oxamate ion NH, c o o -
Urea n h 2 n h 2
Ethyl acetate c h 3c h 2o CHa
Methyl propionate c h 3o c h 3c h 2
Methyl glycolate c h 3o h o c h 2
Methyl glycinate c h 3o h 2n c h 2
Methyl fluoroacetate c h 3o f c h 2
Ethyl cyanoacetate c h 3c h 2o n c c h 2
Methyl trifluoroacetate c h 3o FaC
Methyl pivalate c h 3o (CHa)aC
Formoxime CH3« H“
Acetoxime c h 3« CHa«
Glycine OH h 2n c h 2
Alanine OH H3C(NH2)CH

« Oxime.

k,
M~l sec-1 Log k v*Rl <T*Rî

v*Rl +  
v*Ri

3 .5  X  108 9.54 0 0.49 0 .49
6 .3  X  10» 9 .80 0 0 0
9 .5  X  10» 8 .98 0 1.10 1.10
6.6 X  107 7.82 0 2.58 2 .58
1 .8  X  108 8 .26 0 1.55 1.55
6.8 X  108 9.83 0 0 0
1 .7  X  107 7.23 0 1.2 1.2
3 .0  X  107 7.48 0 3 .6 3 .6
2 .0  X  107 7.30 0 1.1 1.1
8 .0  X  108 9 .90 - 0 . 1 - 0 . 1 - 0 . 2
1 .4  X  10s 8 .15 0 .49 1.55 2 .04
4 .2  X  107 7 .62 0.49 1.2 1.69
9 .7  X  107 7 .99 1.55 - 0 . 3 0 1.25
1 .2  X  10s 8 .08 1.55 0 1.55
4 .0  X  108 9 .60 1.2 0.0 1.2
3 .0  X  106 5.48 1.2 1.2 2 .4
5 .7  X  107 7.76 1.35 0 1.35
9 .0  X  107 7.96 1.45 - 0 . 1 0 1.35
4 .8  X  108 8.68 1.45 0.55 2.00
2 .9  X  108 8 .46 1.45 0 .43 1.88
9 .8  X  108 8 .99 1.45 1.10 2 .55
3 .2  X  108 8.51 1.35 1.30 2 .65
1 .9  X  108 9 .28 1.45 2 .58 3 .03
2 .3  X  107 7 .36 1.45 - 0 . 3 0 1.15
7 .2  X  107 7.86 0 0.49 0.49
3 .0  X  10s 8 .48 0 0 0
8 .0  X  10« 6.91 1.55 0.43 1.98
5 .9  X  106 6 .77 1.55 0 .33 1.88

the effect of the substituents on the CO group. Table 
I lists our data for the new compounds and Table II 
summarizes the available rate constants and Taft a* 
values for these and other carbonyl compounds.13 The 
compounds considered include aldehydes, ketones, car
boxylic acids, amides, esters, and oximes.

Taft’s a* values14 again provide us with a suitable 
parameter for correlating our rate constants of car
bonyl compounds. We had previously found them 
suitable for explaining the behavior of haloaliphatic 
and aromatic compounds. As the <r* values are ex
pected to be additive,14’15 we list the sum of the polar 
substituent constants a* of Ri and R2 in Table II and 
plot them vs. log fc(eaq" +  RiCOR2) in Figures 3 and 4. 
We had to estimate <r* values for the COO-  and NH2 
groups. For COO- , <r* was assumed equal to that of 
CH3 (<t * c o o -  = 0.0). This is justified since the values 
of o-p, <7m, Op+, and o-m+ for COO-  are all very close to 
zero.14 In the case of NH2, <j * = 1.2 was estimated on 
the basis of the polarity of the C-N bond manifested by 
its dipole moment.13 Thus <t * n h 2 is comparable with

that of o-*fch2 and is intermediate between o-*H and
The linear dependence of log k on <?* illustrated in 

Figure 3 describes the behavior of aldehydes, ketones, 
and carboxylic acids. This curve has a slope p, equal 
to —0.74. The rate constants of substituted carbonyl 
compounds decrease linearily under the influence of 
electron-withdrawing substituents by a factor of two 
hundred from acetone to pyruvonitrile. In order to 
explain this result we assume that eaq~ adds to an 
orbital of the carbonyl oxygen atom. This assumption 
is plausible since an ion radical, CH3C(0- )CH3, has 
been identified in the case of acetone.16’17 Electron-

(13) M. Anbar and P. Neta, Intern. J. Appl. Radiation Isotopes, 18, 
493 (1967).
(14) R. W. Taft in “ Steric Effects in Organic Chemistry,”  M. S. 
Newman, Ed., John Wiley and Sons, Inc., New York, N. Y ., 1956, 
p 556.
(15) J. E. Leffler and E. Grunwald, “ Rates and Equilibria of Organic
Reactions,”  John Wiley and Sons, Inc., New York, N. Y ., 1963,
p 219.
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Figure 3. Relationship between hydrated electron rate 
constants of carbonyl compounds and Taft’s a* function.

Figure 4. Relationship between hydrated electron rate 
constants of esters and amides and Taft’s a* function.

withdrawing groups induce a shortening of the C = 0  
bond, a result inferred from the increase in the stretch
ing frequency, i>c„0.18 This bond shortening, which is 
directly related with tr*,19 implies a higher electron 
density in the r  orbitals, resulting in a decreased ten
dency to accommodate an additional electron.4

Oximes behave like carbonyls and they have a com

parable p value. Their reactivity is lower than that of 
ketones because of the inductive effect of the OH group 
on the nitrogen atom. This effect lowers the dipole 
moment from 1.3 for propylamine to 0.9 Debye units 
for acetoxime. By contrast the dipole moments in
crease from 1.6 D. for 2-propanol to 2.9 for acetone.20

Amides and esters exhibit a completely different log 
k vs. (T* free-energy relationship from that of substituted 
ketones and acids. Note especially that the slopes of 
the lines of Figures 3 and 4 change from plus to minus. 
The retarding effect of the NH2 or OR groups on the 
reactivity of the carbonyl group with eaq~ is more ex
tensive than expected from their inductive effects. 
We attribute this behavior to the mesomeric effect of 
these substituents, an effect that can also be inferred 
from the change in rc=0.18 The mesomeric forms

R R
\  \

C—0 -  and C—0 -
/  /H2+N R0+

depress the double-bond character of the C = 0  group, 
make the carbonyl bond nonreactive toward eaq_ and 
create new electrophilic centers of lower reactivity.

The mesomeric form of esters
R i

\
C — o -

/
r 2o +

while nonreactive at the carbonyl bond still has a finite 
electron affinity at the alkoxy oxygen. This electron 
affinity will obviously increase with the electron-with- 
drawing capability of Ri. The higher reactivity of 
esters toward eaq~ correlates with an increase in <r* of 
Ri. In Figure 4 note that there is a hundredfold in
crease in reactivity between (CH3)3CCOOCH3 (a* —
1.15) and CF3COOCH3 (<r* = 3.03). Because of the 
mesomeric character of these molecules the reactive 
center moves from the carbonyl to the alkoxy group.

(16) S. Gordon, E. J. Hart, and J. K. Thomas, J. Phys. Chem., 68, 
1262 (1964).
(17) L. Kevan, P. N. Moorthy, and J. J. Weiss, J. Am. Chem. Soc., 
86, 771 (1964).
(18) R. N. Jones and C. Sandorfy in “ Chemical Applications of 
Spectroscopy, Techniques in Organic Chemistry,”  Vol. IX , Inter
science Publishers, New York, N. Y ., 1956, p 443.
(19) L. N. Ferguson, “ The Modern Structure Theory of Organic 
Chemistry,”  Prentice-Hall, Englewood Cliffs, N. J., 1963, Chapter 
V .
(20) A. L. McClellan, “ Tables of Experimental Dipole Moments,” 
Freeman and Co., San Francisco, Calif., 1963.
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The reactivities of formamide and acetamide also 
seem to be due to the

R
\

C—o -
//

h 2n +

mesomeric form and they fit satisfactorily on the same 
log k-a* curve as the esters.

The unusually low reactivity of urea and the un
usually high reactivity of the oxamate ion deserve 
special consideration. Urea may be represented by 
the formula

<7 +
H2N

\
c —o -

/
h 2n

without any well-defined electrophilic center. Conse
quently low reactivity is expected. Furthermore, in 
the 0.10 M  urea used, this compound may be partly in 
a dimeric, less-reactive form.

Stabilization of the mesomeric form of the oxamate 
ion by hydrogen bonding may account for the high re
activity of this compound. The oxamate ion may
exist in the forms

0 0 - o 0 - o 0
\ / \ / \ /

c - -C TIT cu ■C ^  0-- C
/ \ ll \ / \

N 0 - N+ 0 - N+ 0
H H / \

/// / \ /
H H H H

Hydrogen bonding stabilizes the carbonyl group on the 
carboxylate ion thereby providing the oxamate ion 
with two highly reactive electrophilic centers. This 
assumption explains the high rate constant of 4 X  109 
M - 1 sec-1 for this compound. A much lower value

would have been predicted from the a* of its functional 
groups.

The carboxylic acids studied, HCOOH, CH3COOH, 
-OOC(CH2)2COOH, and (CH3)3CCOOH, fit fairly well 
on either Figure 3 or 4. Consequently, it is hard to 
decide whether the inductive or mesomeric effects pre
dominate in these acids. Formic acid fits better on 
Figure 3, whereas (CH3)3CCOOH and ~OOC(CH2)2- 
COOH fit better on Figure 4. Possibly both inductive 
and mesomeric effects contribute to the reactivity of 
carboxylic acids. The reactivity of eaq ~ with carboxylic 
acids has also been interpreted in terms of a Bronsted 
relationship (i.e., taking the hydroxylic hydrogen as the 
reactive center) with reasonable success.21 However, 
one would predict succinic acid (pffa2 = 5.6) to be con
siderably less reactive than acetic acid (pK a = 4.75) 
and the latter less reactive than formic acid (pK a =  
3.75). On the contrary, the rate constants differ by 
only a factor of 2. We conclude, therefore, that the 
reactivity of carboxylic acids with eaq~ may be ac
counted for by their carbonylic functional group and 
that the “ general acid” correlation21 is probably not 
applicable in this case.

The rate constants of glycine and alanine are 8 X 106 
and 6 X 106 M~x sec-1, respectively.22 This low reac
tivity of amino acids is expected because these acids are 
predominantly in the form of the nonreactive zwitterion. 
Much higher rate constants would be predicted from the 
inductive effects of the amino and hydroxyl groups on 
the carbonyl bond. Peptides, on the other hand, like 
glycylglycine are more reactive than the amino acids.

In conclusion, the reactivity of hydrated electrons 
with carbonyl compounds behaves like other systems 
previously studied.6 Reactivity depends on the elec
tron density at a specific reaction center. Any parame
ter which decreases the electron density at this center 
enhances the rate of attack by eaq~. Thus, hydrated 
electrons are again shown to be an adequate probe for 
estimating the electron distribution on a given sub
strate molecule.

(21) J. R aba n i, ref 6 , p  242.

(22) J. V . D avies, M . E bert, and A . J. Sw allow , in  “ Pulse R a d io l
y sis ,”  J. H . B axendale, et al., E d ., A ca d em ic  Press In c ., N ew  Y o r k , 
N . Y .,  1965, p 165.
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The Thermal Decomposition of Oxygen Difluoride in a Flow System1

by L. Dauerman,2 G. E. Salser, and Y. A. Tajima
D epartm ent o f  Chemical E ngineering , N ew  Y ork U niversity , N ew  York, N ew  Y ork  (.Received M a y  23, 1967 )

Oxygen difluoride in helium gas carrier has been decomposed at temperatures from 773 
to 973°K and at residence times from 1 to 10 msec using a tubular flow reactor coupled to 
a mass spectrometer. The rate expression found for the bimolecular rate coefficient was 
log k =  9.78 — 7065/7" l./mole sec over the temperature range from 723 to 923°K. No 
evidence for the oxyfluoride (OF) radical was found. This thermal decomposition does 
not appear to be a simple unimolecular decomposition.

Introduction
The kinetics of the thermal decomposition of oxygen 

difluoride, OF2, have been studied by Koblitz and Schu
macher.3 This study has been treated as a representa
tive unimolecular decomposition reaction by Trotman- 
Dickenson.4 5 He equated the activation energy for this 
reaction with the bond dissocation energy and concluded 
that the strength of the first oxygen-fluorine bond is 
41 kcal. On the other hand, Dibeler, Reese, and 
Franklin6 concluded from appearance potential mea
surements on OF2 that the first oxygen-fluorine bond 
is approximately 60 kcal.

The heat of atomization of OF2 is approximately 90 
kcal from a summation of the heat of formation of 
OF2 and the bond dissociation energies of oxygen and 
fluorine, respectively. It follows from the kinetic 
study that the first oxygen-fluorine bond is 10 kcal 
weaker than the second one; in contrast, the con
clusion from the appearance potential measurement 
study is that the first oxygen-fluorine bond is 30 kcal 
stronger than the second one. Arkell, Reinhard, and 
Larson6 concluded from a study in which they produced 
the oxyfluoride radical (OF) at 4°K  by photolysis of 
OF2 in a N2 or Ar matrix that the second oxygen- 
fluorine bond is stronger than the first. These authors 
suggested that a value of 56 kcal/mole for the second 
oxygen-fluorine bond is reasonable.

In the present work an attempt has been made to 
clarify the conflicting conclusions through a kinetic 
study whose aim was to detect the oxyfluoride radical 
(OF) in the gas phase. Whereas Koblitz and Schu
macher3 followed the thermal decomposition of OF2 
manometrically over the temperature range from

250 to 270°, in this study, OF2 in a carrier gas was 
decomposed in a flow reactor over the temperature 
range from 500 to 700° and the system was sampled 
directly into a mass spectrometer. It was thought 
that the detection of OF would disprove the conclusion 
of Dibeler and co-workers. The deduction from their 
reported bond energy for the first oxygen-fluorine 
bond is that at the temperature at which the first 
oxygen-fluorine is broken, the resulting OF species will 
be thermally unstable.

Experimental Section
The kinetics of the decomposition of OF2 were 

studied using a flow reactor combined with a mass 
spectrometer.7 A nickel reactor was used, 3 in. long 
X 0.25 in. i.d. Thermocouples in the wall of the re
actor were used to measure the reactor temperature. 
The reactor fitted over a cone-shaped nickel probe 
with a 0.002-in. leak which was attached to the mass 
spectrometer. The distance between the leak and 
the electron beam was 1.5 in. The probe, reactor,

(1) P relim inary  results were presented b y  L . D au erm an  at the 150th 
N ation a l M eetin g  o f the  A m erican  C hem ica l S ocie ty , A tla n tic  C ity , 
N . J., Sept., 1965.
(2) T o  w h om  inquiries should  be sent.
(3) W . K o b litz  and H . J. Schum acher, Z . P h ysik . Chem. (L e ip zig ), B25, 283 (1934).
(4) A . F . T ro tm a n -D ick en son , “ G as K in etics ,”  A ca d em ic  Press 
In c ., N ew  Y o rk , N . Y . ,  1955, p  80.
(5) V . H . D ibeler, R . M . R eese, and J. L . F ranklin , J . Chem . P h ys ., 
27 , 1296 (1955).
(6 ) A . A rkell, R . R . R ein h ard , and L . P . L arson , J . A m . Chem . S o c ., 
87 , 1016 (1965).
(7) F . P . L ossing  in  “ M ass S p ectrom etry ,”  C . A . M cD o w e ll, E d ., 
M cG ra w -H ill B o o k  C o ., In c ., N ew  Y o rk , N . Y .,  1963, p p  4 4 2 -5 0 5 .
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and ion source relationships are shown schematically 
in Figure 1. The reactor and probe were passivated 
in a stream of fluorine at 350° until the intensity due 
to fluorine as observed in the mass spectrum remained 
constant.

External thermocouples were used because of the 
difficulties involved in using internal thermocouples 
with OF2. The reactor was profiled internally by 
using mixtures of C 02, instead of OF2, diluted with 
helium over the temperature range, and the stay times 
reported in this study. The equivalent kinetic temper
atures were calculated using the method of Fabuss, 
Smith, and Satterfield.8

The equivalent kinetic temperature is the tempera
ture at which the reacting system, if held isothermally 
for a time equal to the actual contact time in the 
reactor, would show the same per cent conversion 
as that actually found. It was assumed in making 
these calculations that the system was a first-order 
reaction with an activation energy of 30 kcal/mole. 
This situation approximates the OF2 pyrolysis. Rather 
than reporting the individual temperature corrections, 
the accuracy of which are questionable because of the 
assumptions made in the calculations, the reported 
temperatures are considered to be good to within 
±10°, based upon the maximum spread between the 
equivalent kinetic temperature and the measured 
external temperature.

The residence times were calculated assuming plug 
flow from the flow rates, the reactor dimensions, and 
the pertinent pressure and temperature conditions. 
Flow rates were measured with a calibrated rotometer. 
Flow rates were controlled by one of a series of valves 
across which a constant pressure differential was

maintained by a Moore diaphragm regulator. The 
mass spectrometer, built at this facility, is of the 
60° sector-type and was designed for kinetic studies. 
It has a relatively “ open” ion source which sits on a 
large pump.

The maximum pressure in the flow reactor that could 
be accommodated by the mass spectrometer was 100 
mm, a high pressure with respect to mass spectrom
eters in general, but a significant limitation in regard 
to kinetic studies.

The diluent gas, helium, contained 1 mole %  argon. 
Argon was used as a reference for oxygen difluoride. 
The flow of gas through it is affected to some extent 
by the temperature, pressure, and flow rate. These 
effects are minimized by referencing to argon. The 
mixtures of OF2, helium, and argon were prepared 
outside the flow system. The OF2 obtained from 
Allied Chemical Co., was 99% pure, the major im
purity being oxygen. It was not further purified. 
Helium, obtained from Matheson Gas Co., Inc., 
was 99.95% pure. Argon obtained from the same 
company was 99.99% pure.

It was not possible to change the surface-to-volume 
ratio by a significant factor and maintain comparable 
conditions. On the other hand, Koblitz and Schu
macher found that this system was not susceptible to 
heterogeneous effects except when glass was used.

Results and Discussion
Turning to Table I, it can be seen that the thermal 

decomposition of OF2 was studied at five 50° tempera
ture intervals over the range from 773 to 973°K.

Table I : The Pseudo-First-Order and 
Bimolecular Rate Coefficients

Mole % P  total, T,
OFs mm °K

1 60 773
0.1 100 773
1 60 823
0.1 100 823
1 100 823
1 60 873
0.1 100 873
1 100 873
1 60 923
0.1 100 923
1 100 923
1 60 973
0.1 100 973
1 100 973

&p8eudo-firBt> ^ b im o lec u la r»
sec 1 1. m ole'1 sec-1

1 .4 6 120
2 .6 0 126
5 .4 4 465
9 .2 0 472

11.2 574
1 4 .3 1309
22.6 1228
2 7 .5 1495
4 6 .8 4500
7 5 .9 4387
5 9 .7 3451
9 1 .7 9291

155 9394
152 9212

(8 ) B . M . Fabuss, J . O . Sm ith, and C . N . Satterfield , Chem. E ng., 70 , 
N o . 8 , 153 (1963).
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Figure 2. Arrhenius plot of k in 
units of liters per mole second.

At each of these temperatures the mole %  OF2 was 
varied from 0 . 1  to 1 and the pressure from 60 to 1 0 0  

mm. To repeat what is stated in the Experimental 
Section, it was not possible to obtain higher pressures 
because of the high vacuum requirement of the mass 
spectrometer. At each temperature, the residence 
time was varied from 1 to 10 msec. First-order plots 
were obtained and the calculated rate coefficients 
are listed under fcp se u d o - f i r s t .  From these rate coeffi
cients, the second-order rate coefficients were calculated 
by dividing by the helium concentration. The values 
obtained are listed under fcb  m o lecu lar- 

The log fcb molecular values are plotted in Figure 2 as a 
function of l/T , an Arrhenius plot, and an activation 
energy of 32.5 kcal is found. From this value the 
preexponential factor, log (A/T'/!) l./mole sec, was 
calculated for each rate coefficient and the average 
value is 9.78. Thus the bimolecular rate coefficient 
is

log k =  9.78 -  7065/T

for 773-973°K. The comparable rate expression from 
the work of Koblitz and Schumacher is

log fc = 13.3 -  8478/T
for 523-543°K. It is difficult to assess the source of 
this discrepancy. We had the advantages of continuous 
analysis and in coverting a wider temperature range; 
on the other hand, Koblitz and Schumacher were able to 
work at higher pressures. However, what is significant 
from the point of departure of this work is that if one 
equates the activation energy with the first bond dis
sociation energy, then the radical, OF, should be 
thermally more stable than OF2.

We did not detect the radical OF. Parenthetically, 
many studies have been carried out in an attempt to 
observe OF in the gas phase. Since the results have 
been negative they have not, in general, appeared in 
the general literature but rather have either been 
privately communicated or reported in government 
contract reports. 9 -12 Returning to the results of this 
study, the only species that we observed with cer
tainty are oxygen, fluorine, and oxygen difluoride. 
In trying to detect OF we used the appearance poten
tial technique and, also, we tried to detect any change 
in the ratio of the intensities at masses 35 and 54 from 
the normal ratio for OF2. Concerning the latter point, 
an increase in the ratio of the intensities at masses 35 
and 54 would indicate the formation of OF.

The inability to observe OF by a variety of tech
niques means either that OF is so chemically reactive 
that in the experimental systems used to date it has 
reacted with probes, wall, etc., or that the decomposi
tion of OF2 is like that of N20 5, OF being the analog 
of N03. In either case, shock tube studies would 
appear to be of value.
Conclusions

Based upon the results in this study it does not 
appear that the thermal decomposition kinetics for 
OF2 represent a simple unimolecular decomposition 
reaction. Furthermore, in the absence of definitive 
data with respect to the bond energies of the first and 
second oxygen-fluorine bonds, it is considered pre
mature to formulate a plausible mechanism.
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Solubility and Thermodynamics of Solution of Argon 

in Water-Methanol System

by A. Ben-Naim1
Department of Physical Chemistry, Hebrew University, Jerusalem, Israel {Received May 26, 1967)

The solubility of argon in mixtures of water and methanol was measured at several tem
peratures in the range of 5-25°. The thermodynamic functions of solution Â s°, ASs°, 
and A//s° were calculated. An interpretation in terms of structural changes in the system 
water-methanol is suggested.

Introduction
Recently, 2 the thermodynamic behavior of argon 

in water-ethanol and water-p-dioxane mixtures was 
studied. This report extends the previous work to in
clude the water-methanol system as a solvent. The 
main issue of this investigation has been the attempt to 
account for the anomalously large negative entropy and 
enthalpy of solution of gases in water. The study of the 
changes of these quantities when changing continuously 
the solvent from pure water to pure organic solvent pro
vides some clues to the origin of the anomalous behavior 
in pure water. In addition, it provides some information 
on the structural changes in the system water-organic 
solvent which has some interesting features and de
serves investigation in its own right. A review of the 
properties of the system water-alcohol was recently 
published by Franks and Ives.3 At present, no 
complete theory of aqueous solutions of nonelectrolytes 
is available. Therefore, a quantitative analysis of 
the results of this investigation is impossible. How
ever, some characteristic features of the results could 
be partially interpreted by using a simple “mixture 
model” for liquid water. Undoubtedly, data of this

sort will be needed in the future in order to test pro
posed theories of aqueous solutions.
Experimental Section and Results

The solubility of argon in water-methanol mixtures 
was measured over the entire range of concentrations. 
The solubility measurements (consisting of direct 
reading of the volume of gas absorbed in a given 
volume of liquid) were carried out according to a method 
described elsewhere. 4 5 Mixtures of different compo
sitions were prepared by weighing. No correction 
was made for the slight change of composition while 
outgassing.2a The solubility of argon was measured 
at five temperatures: 5, 10, 15, 20, and 25°. The 
mean values obtained are given in Figures 1 and 2 in 
terms of the Ostwald absorption coefficient,6 defined
(1) Address all correspondence to the author at Bell Telephone 
Laboratories, Murray Hill, N. J. 07971.
(2) (a) A. Ben-Naim and S. Baer, Trans. Faraday Soc., 60, 1736 
(1964); (b) A. Ben-Naim and G. Moran, ibid., 61, 821 (1965).
(3) F. Franks and D. J. G. Ives, Quart. Rev. (London), 20, 1 (1966).
(4) A. Ben-Naim and S. Baer, Trans. Faraday Soc., 59, 2735 (1963).
(5) J. H. Hildebrand and R. L. Scott, “ The Solubility of Nonelec
trolytes,”  3rd ed, Reinhold Publishing Corp., New York, N. Y.,
1950.

The  Journal  o f  P hysica l  Chem istry



Solubility and Thermodynamics of Argon in Water-M ethanol 4003

Figure 1. Ostwald coefficients (7) as a function of temperature 
for different mixtures of water-methanol (0 < X  <  0.3).

Figure 2. Ostwald coefficients (7) as a function of temperature 
for different mixtures of water-methanol (0.3 <  X  < 1).

by y = volume of gas at T/volume of liquid at T  
(at total pressure of 1 atm). Figure 3 shows 7  as a 
function of the mole fraction X  of methanol for dif
ferent temperatures. Regarding the accuracy of the 
measurements, it is worthwhile to note that the abso
lute precision decreases for the mixtures of high con
centration of methanol. However, the relative error 
remains nearly constant over the entire range (between 
0.2 and 0.25%).

From the temperature dependence of the solu
bility, the values of ApB°, AS„°, and AH a° of solution 
of argon were calculated. The pertinent relations are6

Afia° - —R T  In 7

AS, = B ô(rtaJy) _ R T à h L £ _ R

ÒT ÒT

A H .°  = AMs° +  f a s , 0

Values of the densities p were taken from the Inter
national Critical Tables. Values of Ap,°, AS,0, and 
AHb° are recorded in Figures 4, 5, and 6 . These 
functions refer to the process argon (g) —►  argon

(soln) at equal molar concentration of argon in the 
two phases. (For more details, see ref 6 .)
General Features of the Thermodynamic 
Functions of Solution of Argon in Some 
Water and Organic Solvent

We shall summarize some of the salient features of 
the curves obtained for the various systems. It 
is obviously impossible to give a full interpretation of 
all the details; however, a partial interpretation of the 
major trends can be given based on some previous 
study of the anomalous behavior of aqueous solutions 
of noble gases.6'7

A . Solubility Curves. Both water-ethanol and 
water-methanol systems show a maximum and then 
a minimum at low temperatures. As temperature 
increases the maxima and minima approach each 
other forming a curve with an inflection point. At 
higher temperatures a monotonic increase of solubility 
is exhibited. The corresponding curves in water and
(6) A. Ben-Naim, J .  Phys. Chem., 6 9 ,  3240, 3245 (1965).
(7) A. Ben-Naim, ibid., 6 9 ,  1922 (1965).

V olum e  71 ,  N um ber  12  N ovem ber  1967



4004 A. Ben-Naim

Figure 3. Ostwald coefficients as a function of mole 
fraction of methanol. At X  > 0.5 the curves of y 
as a function of X  are almost linear in X, though 
not demonstrated by this figure.

p-dioxane system show no maxima but only minima. 
In anticipating the subsequent interpretation, we 
believe that the main feature of these curves arises 
from both the effects of argon and of the organic 
liquid on the structure of water. We also note that 
these peculiarities of the solubility curves occur ap
proximately between y  « 3 X 10-2 to 5 X 10~2; 
this is only a small portion of the whole solubility range 
which extends from y  «  3 X 10-2 to 2.8 X 10-1.

B. Entropy and Enthalpy of Solution. The AH s° 
and A$s° curves (Figures 5 and 6) have a common 
trend for all the systems which have been studied. 
The fine structure, observed earlier in these curves,2a 
might not have any significance since the relative 
error of the calculated values is much larger compared 
to those in the solubility curves. The main feature 
is a steep increase of AH a° and ASa° in the range of 
0 <  X <  0.25 followed by a flat, sometimes constant, 
change in the high concentration range.

Figure 4. A/¿s° of solution of argon as a function of 
mole fraction of methanol at different temperatures.

D iscussion  and Interpretation
In the following discussion we shall use the two- 

structure model for liquid water. This model, al
though very simple, provides a satisfactory qualitative 
explanation for the properties of both pure water8 
and aqueous solutions of nonelectrolytes.6'7 Let n, 
and tip be the number of moles of the icelike form and 
the monomeric form, respectively, na and n0 the 
number of moles of the gas (s) and the organic so
lute (o). Following a previous notation,9'10 the 
partial molar quantity, E s, of the gas (s) is given by

(8) G. Wada, Bull. Chem. Soc. Japan, 34, 955 (1961).
(9) Note that whenever the two-structure model is employed for a 
qualitative discussion, we prefer to use the equilibria i <=± p (as in 
ref 8) rather than the more exact set of reactions c„ np (as in ref 
6 and 7). The use of the latter is inevitable when one wants to 
include effects which depend on the surface of the cluster. These 
two points of view were also discussed by Frank.10
(10) H. S. Frank, Federation Proc., 24 (III), 51 (1965).
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Figure 5. A5,° of solution of argon as a function of 
mole fraction of methanol at different temperatures.

Figure 6. AB,° of solution of argon as a function of 
mole fraction of methanol at different temperatures.

where nw is the total number of moles of water, i.e., 
nw = rii +  rip. (The temperature and pressure are 
also assumed to be constant, but are omitted from the 
notation.) We also denote by

E b* =  

and get
, Ai?/ = (Ei -  E p

E a =  E *  +  AEgT (2)
We shall first proceed to interpret the AH a° and 
ASa° curves (Figures 5 and 6). If water were a 
normal liquid, we should expect that when mixing 
it with a second normal liquid, the properties of the 
system will change smoothly as a function of the mole 
fraction of one of the components. In particular, 
let us fix our attention on the partial molar enthalpy, 
H b, of an inert gas s in this system. Ih  depends 
mainly on the interaction of s with its immediate sur
roundings. As we change continuously the compo
sition of the solvent mixtures, we should expect a 
smooth change in H a too. The experimental obser
vation is different. The steep increase of AH S° in 
the range of X  < 0.2 and then an abrupt change to a 
slowly varying function of X  strongly suggests that 
there exists at least one more property of the water- 
organic liquid system that changes steeply in the low- 
concentration range, while remaining nearly constant 
for the rest of the concentration range. This property 
should be responsible, at least for the major part, for 
the anomalously low negative values of AH s° and 
ASa° of solution of noble gases in water. This argument 
led us recently7 to suggest that this peculiar feature 
is the existence of large compact clusters of water 
molecules linked by hydrogen bonds. Some theo
retical consideration of a very simplified model for 
liquid water shows that if one assumes the existence of 
large compact clusters of water molecules, a stabili
zation effect7 of noble gases on the structure of water 
is expected under some circumstances. Moreover, 
the examination of that model shows that this effect 
is proportional to the average cluster size. We ex
pect that a similar dependence on the cluster’s size 
will be valid in real water too. If we accept this 
explanation, we can immediately extend it to water- 
organic liquid mixtures, to obtain a plausible ex
planation to the AH a° and AS3° curves. We write 
AH B° of solution in the form6

A H s° =  A H *  +  A HgT

(AHg* is the standard enthalpy of solution in a hypo
thetical system in which the equilibrium i p is 
“frozen in.”) Now, H c* depends mainly on the total 
interaction energy between s and its surroundings. 
In a dilute solution with respect to s, we expect that 
the interaction of s with a water molecule is almost 
the same whether the water molecule is a monomeric
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one or part of a large cluster. Thus we expect that 
addition of alcohol to the system will change H *  
gradually from its value in pure water to that in pure 
alcohol. The same argument holds for AH a*. The 
quantity, AH aT, on the other hand, is strongly dependent 
on the average cluster size. Addition of organic 
liquid to water will cause a steep decrease of the av
erage cluster size;11 as a result of that the stabilization 
effect will decrease steeply in the range 0 <  X  < 0.2. 
At about X  ~  0.2 we expect that large clusters of 
water molecules do not exist any more (although small 
ones probably exist) and as far as these quantities are 
concerned, the gas molecule “sees” a normal liquid for 
the remaining range of concentration. We have 
been discussing mainly the partial molar enthalpy of 
solution since Ih  and H °  are almost identical. For 
the entropy, however, one has to include the ideal 
mixing term in the discussion. Nevertheless, as far 
as the relaxation part of S* and H„ are concerned, the 
relation6’7 TASJ = AH aT assures that the same compo
sition dependence will be expected from both ASaT 
and AH ,T.

Next we shall look at the solubility curves (as a 
function of X). The arguments presented in the 
beginning of this section apply equally well to this 
case; namely, that there exists at least one more 
feature in the system water-organic liquid which is 
responsible for the occurrence of the maxima and the 
minima. Now instead of dealing directly with the 
changes of the solubility, we found it more feasible 
to handle the changes of the chemical potential ¿¿s 
at the saturation point with respect to a gas phase 
containing s. Changes of ns at this state will reflect 
the change in solubility. Let us look at the following 
process, which although not exactly the one actually 
carried out in the measurements, is simple enough to 
describe thermodynamically. It is also useful since 
it clearly demonstrates how the mutual effects of s and 
o on the structure of water give rise to some peculiar 
features of the solubility curves. We start with a 
system described by (m, np, nB, n0) in equilibrium with 
a gas phase and add dn0 moles of organic liquid keeping 
ns and n„ constant. The variation of ixa in the 
liquid phase will be

Rearranging and using the relation dn, +  dwp = 0, 
we get

(fa) -(£) + (£) (£) <«\07lo/ n 8ln w \ v 7 2 - o / n i , n p ,n 8 \O T 2-s /  n i . n p X ^ ^ 'o /  n 8,n w

where Ap = m  — pp. The first term on the right- 
hand side of eq 4 is the change of ns due to the addition 
of dn0 in a “frozen” system, the second term exhibits 
the mutual effect of o and s on the structure of water. 
We can write eq 4 in a more symmetrical way by using 
the identity7

where txa0 — àpa/ànp. Substituting from eq 5 into 
eq 4 we get

since (nu — 2/iip +  nPP) >  0, we see that the product 
of (dtti/dns)no.nw and (dwi/d»<>)n,.n„ determines the sign of the second term on the right-hand side of eq 6. 
(d/is/£>rio)„,.nw and (c>M8/dn0)r!i,„p,„, should be negative 
as required by the stability condition; however, 
their difference changes sign according to the different 
effects of o and s on the structure of water. We now 
suggest that the difference between these two slopes 
imposes a division of the composition range into 
three parts. For X  <  0.03 both the gas s and the 
alcohol o stabilize the structure of water; i.e., the 
product (dtti/d7i8)nonw(drci/dtto)ns.nw is positive and 
thus the second term on the right-hand side of eq 6 
gives a negative superimposed slope to (dps/dn0)n.npna. 
In the range 0.03 < X  <  0.2 the gas molecules 
still stabilize the structure of water (i.e., dn;/dns > 0) 
while the alcohol destabilizes it (i.e., dni/dn0 <0), 
thus giving a positive superimposed slope to (d/x3/  
drio)ni,np,n,. At X  > 0.2 both solutes destabilize the 
structure of water, since the clusters are now smaller 
than the critical size required for the existence of a 
stabilizing effect. This will again give a negative 
contribution to the right-hand side of eq 6. These 
arguments apply to the systems water-methanol 
and water-ethanol. In the system water-p-dioxane 
(and also for water-ethylene glycol12) the organic
(11) Apart from a possible stabilization by alcohol which might
occur for very low concentration. This might produce a fine struc
ture to the AHb° and A*Sa° curves; however, their interpretation 
would be very uncertain because of the large relative inaccuracy in 
their measurements.
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solvent is supposed to destabilize the structure of 
water from the very beginning; thus the first region 
does not exist in this case. These systems will there
fore show only a minimum and not a maximum in the 
solubility curve. As a conclusion to the above dis
cussion, it will be fair to say that the two-structure 
model for water, in spite of its great simplicity, is 
capable of providing some qualitative explanation to 
the major trends observed in this work. Obviously, 
the interpretation suggested above does not give any

sound support for the model used. This is a matter 
which is still under controversy. The most we can 
say at present is that the assumption of a mixture 
model for liquid water is not inconsistent with the 
observations.
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Configurational Properties of Poly (ethylene oxide) and 

Poly(tetramethylene oxide)12 1 2

by K. Bak,2a G. Elefante, and J. E. Mark2b
The Department of Chemistry, The Polytechnic Institute of Brooklyn, Brooklyn, New York 11201 
(.Received May 29, 1967)

Mean-square dipole moments of poly (ethylene oxide) and poly (tetr am ethylene oxide) 
chains from 20 to 60° have been determined from dielectric constant measurements on 
dilute solutions of the polymers in benzene. These moments and their temperature coef
ficients are in good agreement with values predicted using rotational isomeric state models 
for these chain molecules. In addition, the temperature dependence of the unperturbed 
dimensions of the poly(tetramethylene oxide) chain has been determined from force-tem
perature measurements on cross-linked networks; again, good agreement between theory 
and experiment is obtained.

Introduction
The family of polyoxides of repeat unit ~[(CH2)mO ]- 

are ideally suited for studies of the effect of structure on 
statistical properties of chain molecules. The rela
tively simple, regular chemical structure of these poly
mers makes their representation by the well-known 
rotational isomeric state model3’4 straightforward. 
In addition, the availability and low melting point of 
several members of the series5 make their detailed 
experimental study quite feasible.

Studies of chain dimensions have been carried out for 
several polyoxides of high degrees of polymerization x:

poly (oxymethylene), -  [CH20 ] - z ;6~8 poly (ethylene oxide), 
~[(CH2)20] - x;9~10 poly (trimethylene oxide), ~[(CH2)3-

(1) P resented at th e  154th N ation al M eetin g  o f the  A m erican  C hem i
cal S ociety , C h icago, 111., S ept 1967.
(2) (a) O n leave  o f absence from  C h em istry  D ep artm en t A , T h e  
T ech n ica l U niversity  o f D en m ark , L y n g b y , D en m ark ; (b ) t o  w h om  
correspondence should  be  addressed at th e  D ep artm en t o f  C hem is
try , T h e  U niversity  o f M ich igan , A n n  A rbor , M ich .
(3) S . M izush im a, “ S tructure o f  M o lecu les  and In tern al R o ta t io n ,”  
A ca d em ic  Press In c ., N ew  Y o rk , N . Y .,  1954.
(4) M . V . V olkenstein , “ C onfigu rational S tatistics o f P o lym eric  
C ha ins,”  In terscience Publishers, In c ., N ew  Y o rk , N . Y . ,  1963.
(5) H . T a d o k o ro  in  “ M acrom olecu lar  R e v iew s,”  V o l. 1, In terscien ce
P ublishers In c ., N ew  Y o rk , N . Y ., 1967.
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O]-*;11,12 and poly(tetramethylene oxide), -[(C H 2).r
0 ] - , ls'14 In addition, investigations of electric dipole 
moments have been reported for oligomers of oxy- 
methylene,15 oligomers and polymers of ethylene ox
ide,16-21 and polymers of tetramethylene oxide.14-22 
In two of these studies,14-21 rotational isomeric state 
calculations employing results obtained for these mole
cules and also for the limiting case of polyethylene28 
were used to predict several unmeasured properties of 
such chains. Specifically, values of the following quan
tities in the limit of long chain length were predicted:
(i) the temperature dependence of the dipole moment 
of the polyethylene oxide) chain,21 (ii) the dipole 
moment and its temperature dependence for poly- 
(tetramethylene oxide),14 and (iii) the temperature 
coefficient of the unperturbed dimensions24 (r2)0 of the 
poly (tetramethylene oxide) chain.14

It is the purpose of this study to obtain experimental 
values of the above quantities, and to use them to 
evaluate the rotational isomeric state representation of 
these polymers.

Experimental Section
Polymer Fractions. A sample25 of poly (ethylene 

oxide) having a molecular weight of approximately 4 X 
108 was fractionated by lowering the temperature of a 
solution of the polymer in a mixture of benzene and n- 
hexane. The first fraction, obtained at 55°, was dis
carded. The second fraction, obtained at 50° and con
sisting of approximately 10% of the original weight of 
polymer, was used in this study. Purification of this 
material consisted of precipitation from the benzene- 
hexane mixture into 2-propanol and drying under 
vacuum at 35°. Its intrinsic viscosity in water at 25° 
was found to be 0.127 dl g-1 ; this corresponds to a 
molecular weight of 4.26 X 108 (average degree of 
polymerization x = 97.8) on the basis of the Mark- 
Houwink relationship for this system.26

A fraction of poly (tetramethylene oxide) was ob
tained by isothermally adding n-hexane to a solution 
of the polymer27 in benzene at 60°. The fraction chosen 
for the dielectric studies constituted approximately 10% 
of the unfractionated material. Its molecular weight, 
calculated from its intrinsic viscosity, 3.00 dl g-1, in 
benzene at 30° and the appropriate Mark-Houwink 
relationship,18 is 4.08 X 105 (x =  5.36 X 108).

Purification of Solvents. Chromatographic grade 
(Fisher, 99 mole %  pure) cyclohexane and benzene 
were dried by repeated passage through a Linde Type 
4A molecular sieve. Di-n-butyl ether was purified by 
two consecutive distillations and was stored over 
sodium in the absence of light, as suggested by Mecke 
and Specht.28

Dielectric Constants and Indices of Refraction. A 
DM01 dipole meter29 operating at a fixed frequency 
of approximately 2.0 Mcps and a cylindrical, gold- 
plated, thermostated cell were used for all dielectric 
determinations. The instrument was calibrated at 
each temperature of measurement using solvents puri
fied as described in the preceding section and estab
lished values of their dielectric constants. Values used 
for 20° were: benzene, 2.285;30 cyclohexane, 2.023 ;M 
and di-n-butyl ether, 3.083.28 Separate solutions of 
the polymers in benzene, made up by weight, were 
used for each of five concentrations.

Indices of refraction were measured using a Zeiss 
dipping refractometer. The same solutions were used 
for both the dielectric and refractometric measure
ments.

Preparation of Cross-Linked Networks. Dicumyl 6 7 8 9 10 11 12 13 14 15 16 17 18 19 20 21 22 23 24 25 26 27 28 29 30

(6) P . J. F lory  and J. E . M ark , Makromol. Chem., 75, 11 (1964).
(7) V . K ok le  and F . W . B illm eyer, Jr., J. Polymer Sei-, B 3 , 47 (1965).
(8) W . H . S tockm ayer and L .-L . Chan, ibid., A 2, 4 , 437 (1966).

(9) F . E. B ailey, Jr., and R . W . Callard, J. Appl. Polymer Sei., 1, 
56 (1 959 ); F. E . B ailey , Jr., J. L . K u cera , and L . G . In h of, J. Poly
mer Sei., 32, 517 (1958.
(10) J. E . M ark  and  P . J. F lory , J. Am. Chem. Soc., 8 7 ,1 4 1 5  (1 965).
(11) K . Y am a m oto , A . T era m oto , and H . F u jita , Polymer, 7, 267 
(1966).
(12) J . E . M ark , J. Polymer Sei., B 4, 825 (1966).
(13) M . K u rata , H . TJtiyama, and K . K am ada, M ak rom ol. Chem., 88, 
281 (1965).

(14) J. E . M ark , J. Am. Chem. Soc., 88, 3708 (1966).
(15) T . U chida, Y . K urita , and M . K u b o , J. Polymer Sei., 19, 365 
(1956).
(16) W . J. Svirbely  and J. J . Lander, J. Am. Chem. Soc., 67, 2189 
(1945).

(17) J. M archai and H . B en oit, J. Chim. Phys., 52, 818 (1 9 5 5 ); J. 
Polymer Sei., 2 3 ,2 2 3  (1957).
(18) T . U chida, Y .  K urita, N . K oizum i, and M . K u b o , ibid., 21, 313 
(1956).
(19) C . R ossi and V . M agnasco , ibid., 5 8 ,9 7 7  (1962).
(20) A . K otera , K . Suzuki, K . M atsum ura, T . N akan o, T . O yam a, 
and U . K am bayashi, Bull. Chem. Soc. Japan, 35, 797 (1962).
(21) J. E . M ark  and P . J . F lory , J. Am. Chem. Soc., 88, 3702 (1966).
(22) R . E . W etton  and G . W illiam s, Trans. Faraday Soc., 61, 2132 
(1965).
(23) A . A be, R . L . Jem igan , and P . J. F lory , J .  A m . Chem. Soc., 88, 
631 (1965), and references given therein.
(24) P . J. F lory , “ P rinciples o f  P olym er C hem istry ,”  C ornell U ni
versity  Press, Ithaca , N . Y ., 1953.
(25) C arbow ax 4000, provided  b y  th e  U nion C arb ide  C orp .
(26) W . R ing , H .-J . C antow , and W . H oltrup , European Polymer J., 
2 ,1 5 1  (1966).

(27) Sam ples were supplied b y  P rof. H . T a d o k o ro  o f  Osaka U niver
sity, D r . G . S. T rick  o f th e  G ood yea r T ire  and R u b b er  C o ., and D r. P . 
D reyfuss o f  the B . F . G ood rich  C o.

(28) R . M eck e  and H . Specht, Z . Elektrochem., 62, 500 (1958).
(29) W issenschaftlich -T echnische W erkstätten , G M B H , W eilheim  
O berbayern , G erm any. A vailab le  in  th is cou n try  from  the K ah l 
Scientific Instrum ent C o ., E l C a jon , C alif.

(30) W . M . H eston , Jr., and C . P . S m yth , J. Am. Chem. Soc., 72, 99 
(1950).
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peroxide and sulfur were dispersed in a concentrated 
solution of unfractionated, high molecular weight 
poly(tetramethylene oxide)27 in benzene. A dried 
sheet of this material was kept under vacuum at 70° 
for 3 days to assure the absence of oxygen, and was 
then cured at 150° under nitrogen for 3 hr. Soluble 
constituents, extracted with benzene at 70°, amounted 
to from 7 to 9%  of the vulcanizate. An inhibitor to 
reduce oxidative degradation of the network was 
introduced by swelling the samples in a benzene solution 
of N-phenyl-/3-naphthylamine.

Sample 1 was prepared using dicumyl peroxide 
amounting to 6%, and sulfur 0.6%, of the weight of 
polymer. Since the resulting network was rather 
highly cross-linked, the remaining samples (2-5) were 
prepared using a lower peroxide content, 4%.

Force-Temperature Measurements. The stress-strain 
apparatus employed has been described in detail else
where.31 Forces exhibited by the poly(tetramethyl- 
ene oxide) networks in the amorphous state, at con
stant length in a nitrogen atmosphere, were deter
mined over the range 60-100°. Lower temperatures 
were unsuitable because of the possibility of crystalliza
tion;32 higher temperatures introduced the problem of 
instability due to chain scission. Forces were recorded 
when they became sensibly constant, up to 3 days being 
required in some cases.

The cubical thermal expansion coefficient /3 of the 
networks over the temperature range studied was 
found by dilatometry to be 0.73 X 10-3 deg-1.

Results and Discussion
Dipole Moments and Their Temperature Coefficient. 

Mean-square dipole moments (jr) were calculated using 
the method of Guggenheim33 and Smith34 which results 
in the equation

~ 27 kTM ' "d(e — ei) d(n2 — ni2)*l
_4f Ndiin +  2)2_ dtt- dw J

(1)
where k is the Boltzmann constant, N the Avogadro 
number, T the absolute temperature, d\ the density 
of the solvent, M  the molecular weight of the polymer, 
€ and ei the dielectric constants of solution and solvent, 
respectively, w the weight fraction of polymer, and n 
and 7ii the indices of refraction of solution and solvent, 
respectively. In Figure 1, the quantitites (e — ei) 
and (n2 — nffi) are shown as a function of w for poly
ethylene oxide); slopes in the limit33 tv —► 0 required in 
eq 1 were obtained directly from such plots and are 
given in Table I. Data at 30, 40, and 50° were omitted 
from Figure 1 for clarity; similar results at all tempera
tures were obtained for poly(tetramethylene oxide).

Figure 1. The quantities (e  — e i)  and ( a 2 —  r u 2) 

plotted against the weight fraction of polymer, 
for poly(ethylene oxide) in benzene.

Dipole moments thus calculated were expressed in 
Debyes and each value of (u2) was divided by nm2, 
where n is the number of skeletal bonds in the chain 
and m2 is the mean square of the bond moments.14 
Thus, the dipole moment ratio (m2)/nm2 represents the 
observed mean-square moment of the chain relative to 
the mean-square moment of the same chain in the 
idealization that the skeletal bonds are freely jointed. 
Values of this ratio for poly (ethylene oxide) and poly- 
(tetramethylene oxide) over the range 20-60° are given 
in Table I. The quantity In {u2)/nm} is plotted against 
temperature in Figure 2; the lines shown have been 
drawn according to the method of least squares. The 
value (ju2)/nm 2 =  0.62 for poly (ethylene oxide) at 20° is 
in agreement with the range 0.57 to 0.5921 found in other 
studies of this polymer.16'17'19 The temperature coef
ficient d In (/u2)/dT , estimated from the upper line in 
Figure 2, was found to have the value 2.6 X 10-3 
deg-1.

Rotational isomeric state theory has given a remark
ably consistent interpretation of the unperturbed di
mensions and their temperature coefficient for poly
ethylene oxide)10 and dipole moments and their tem
perature dependence for ethylene oxide chains of any 
length.21 This model predicts d In (/i2) /d T =  2.5 X 
10-3 deg-1 for ethylene oxide chains at 25° in the limit 
of long chain length.21 (The marked increase in ffi2) 
with increasing temperature results primarily from

(31) J . E . M a rk  and P . J. F lo ry , J . A m . Chem. Soc., 86 , 138 (1 964 ).
(32) O n th e  basis o f d ifferentia l th erm al analysis, these sam ples h a ve  
m eltin g  p o in ts  in  the v ic in ity  o f  4 0 °.

(33) E . A . G u ggen heim , Trans. F araday S oc., 45, 714 (1 9 4 9 ); ib id ., 47, 573 (1951).
(34) J. W . Sm ith , ibid., 46 , 394 (1950).
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T, °K.

Figure 2. Dependence of the logarithm of the 
dipole moment ratio on temperature. Open circles 
refer to poly(ethylene oxide), half-filled 
circles to poly(tetramethylene oxide).

T able I :  Dielectric Results, Poly(ethylene oxide) 
and]Poly(tetramethylene oxide)

20° 30» 40° 50° 

Poly(ethylene oxide)
60°

d(e — e\)/dw 3.13 3.10 2.97 2.92 2.87
d (n2 — n¡2)/dw -0 .0 8  -0 .0 6  -0 .0 5 -0 .0 4 -0 .0 2(yty/nm2 0.621 0.646 0.653 

Poly(tetramethylene oxide)
0.672 0.693

d(e — n)/dw 1.70 1.68 1.66 1.64 1.61
d(n2 — ni2)/dw -0 .1 1  -0 .0 9  -0 .0 7 -0 .0 4 -0 .0 2(y2)/nm2 0.586 0.606 0.625 0.640 0.654

trans to gauche transitions about CH2- 0  and 0 -C H 2 
skeletal bonds.21 Such transitions are departures from 
the all-irons conformation, for which lim (n2)/nm 2 =  0

n —► co
for any poly oxide -[ (C H 2)mO ]- having an even value 
of mf) The agreement between theory and experiment 
found here is remarkably good.

For poly (tetramethylene oxide) chains the data 
yield (n2)/n w 2 =  0.59 at 20°, and d In {u2)/dT =  2.7 X  
10-3 deg-1 . These quantities could not be predicted 
with certainty using rotational isomeric state theory 
since the energy of one important interaction occurring 
in this chain, that between an oxygen atom and the 
methylene groups separated from it by three skeletal 
bonds, is not known. Use of a rough estimate of this 
energy obtained by comparison of this interaction with 
a similar interaction6 occurring in the poly(oxymethyl- 
ene) chain yields, however, (u2)/nm2 =  0.5 to 0.6 and 
d In (u2)/d T =  1.0-1.5 X  10-3 deg-1 .14 (The large, 
positive temperature coefficient predicted for (m2) re
sults primarily from the occurrence of trans to gauche 
transitions about C-O , O -C , and one of the C -C  bonds 
in the repeat unit as the temperature is increased.14) 
The experimental value of the ratio is in excellent agree

ment with this prediction, and also with a preliminary 
experimental result (u2)/nm2 =  0.53 to 0.6414,22 for 
poly(tetramethylene oxide) chains in the amorphous, 
undiluted state. Approximate agreement is also ob
tained between experimental and predicted values of 
d In (u2)/dT; detailed correlation of theory with experi
ment would, however, more properly await experi
mental determinations of both (u2)/nm2 and d In (u2)/dT 
as a function of chain length.

The Temperature Coefficient of the Unperturbed Dimen
sions. Forces exhibited by the poly(tetramethylene 
oxide) networks on temperature increasing and tem
perature decreasing portions of a cycle agreed within 
1% . They were expressed in dynes per square centi
meter of undistórted cross section at the highest tem
perature of measurement for that sample, and are 
plotted as a function of temperature in Figure 3. The 
method of least squares was used to locate the lines 
shown. Each line is labeled with the elongation ratio 
a = L/Li at the highest temperature, where L and L\ 
are the distorted and undistorted lengths of the sample, 
respectively. The force /  at the mean temperature T, 
the slope (àf/dT)P,L obtained from Figure 3, and the 
coefficient [ò In (f/T)/òT]PiL calculated from these two 
quantities are listed in columns 3, 4, and 5 of Table II.

T able II : Force-Temperature Results, 
Poly( tetramethylene oxide)

Sam
ple a

? x
10-«,

dynes
cm -2

( à f l ò T ) r , L  
X 10“ *

[a In 
( f / T ) /  
à T  ]„,£ 
X 10>

0 ( a » -  
1)-*, 

X  10* - U / S

— d In
fr*)»/ 
d r  

X  10'

1 1.359 4.62 1.52 0.46 0.50 0.34 0.96
2 1.383 3.50 1.30 0.92 0.45 0.49 1.37
3 1.388 3.68 1.35 0.98 0.44 0.50 1.42
4 1.391 3.54 1.40 1.01 0.44 0.52 1.45
5 1.424 3.58 1.42 1.08 0.39 0.51 1.47

av 0.47 1.33
± 0 .0 5  ± 0 .1 5

The temperature coefficient d In (r2)0/dT  of the un
perturbed chain dimensions may be calculated from the 
first of two relationships given by the molecular theory 
of rubber elasticity of gaussian networks35'36

d In (r2)o = p  In (f/T ) 1 __ fi = jf±
dT L bT JPii a3 -  1 fT '

(35) A. Ciferri, C. A. J. Hoeve, and P. J. Flory, J. Am. Chem. Soc., 
83,1015(1961).
(36) P. J. Flory, A. Ciferri, and C. A. J. Hoeve, J. Polymer Sci., 45, 
235 (1960); P. J. Flory, Trans. Faraday Soc., 57, 829 (1961).
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T  in ” K

Figure 3. Force vs. temperature at constant 
length for poly(tetramethylene oxide) networks.
Values of the extension ratio a t the highest 
temperature of m easurem ent are indicated.

The quantity f e =  ( d E / d L ) v ,T is the internal energy 
component of the total force/, and th u s /« // serves as a 
measure of the nonideality of the elastomeric network. 
Values of / « / /  and d In (r2)0/d T  calculated from eq 2 are 
given in columns 7 and 8, respectively, of Table II. 
The reason for the increase in the temperature coef

ficient of (r2)0 with increasing a, if significant, is not 
known. The average value, d In (r2)0/d T  =  — 1.33 X  
10~3 deg-1 in the vicinity of 60°, is in excellent agree
ment, however, with the range — 1.2 to — 1.3 X  10 ~3 
deg-1 predicted from rotational isomeric state calcu
lations,14 (The pronounced decrease in (r2)0 with in
creasing temperature is due primarily to the same trans 
to gauche transitions which give rise to a positive tem
perature coefficient of (m2). This striking difference 
results from the fact that lim (/1!) / « 2 =  0 but limn—► <» n—► co
(r2)0/nl2 =  <», where l2 is the mean square bond length, 
for all the trans poly(tetramethylene oxide) chain.14)

Conclusions

These experimental results show that the rotational 
isomeric state model for poly (ethylene oxide) and poly- 
(tetramethylene oxide) chains gives a surprisingly good 
account of several very different properties of these 
molecules in very dissimilar environments: their di
electric properties in dilute solution and their dimen
sions in the amorphous, undiluted state. These results 
thus add considerably to the confidence with which 
such models can be used to predict or interpret statis
tical properties of chain molecules.
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Simple Attractive-Disk Monolayer Isotherms with Phase Transitions

by F. Tsien and G . D . Halsey, Jr.

Department of Chemistry, University of Washington, Seattle, Washington 98105 (Received May 29, 1967)

Monolayer adsorption isotherms for the model of disks showing repulsion and inverse 
power attraction are discussed. The van der Waals (mobile) and Fowler (immobile) 
isotherms are put in compatible form. One adjustable parameter reflects the assignment 
of the reduced value of the van der Waals parameter a. Solid, liquid, and gaslike phases 
are identified and critical and triple points are calculated. The theory is applied to the 
data for krypton on exfoliated graphite, with reasonable success.

1. Introduction

Theoretical treatment for adsorption isotherms has 
been given in detail both for mobile and localized cases. 
Stebbins and Halsey1 treated the phase transitions be
tween the localized and mobile isotherms for hard disks 
on a structureless surface. W e shall consider molecules 
here as disks with attractive force varying according to 
an inverse power law. The surface is assumed to be 
structureless to simplify the treatment.

2. Mobile Monolayers

The two-dimensional analog of the van der Waals 
equation had been used to represent a mobile mono- 
layer.2'3 It can be expressed as

(*  +  aj P ) ( A  ~  N V  = N k T  (2-D
where <j> is the spreading pressure, A is the area of the 
film, N is the number of molecules adsorbed, and a' and 
b are parameters, b is sometimes referred to as the 
“ co-area” per molecule, in analogy to the co-volume in 
the van der Waals equation. W e shall choose b so that 
the area occupied by an adatom in the completed 
monolayer is

b =  V 3 / 2  (r*)2 (2.2)

where r* is the distance between the centers of atoms in 
closest array.

If the adatom has no permanent dipole, the correc
tion term a' is then the attraction which arises from the 
London dispersion forces. In calculating a', we assume 
a uniform radial distribution function outside of r =  r*, 
and zero inside. The molecular interaction will be de

scribed on a pairwise basis and in terms of the Suther
land potential

u(r) — — o*(r*/r)6 (r ^  r*) 
u(r) = œ  (r <  r*)

W e can then calculate a,* where a -  a'/kT

’ti(r)

and

" - H r *  kT

7T (r*)2
4  l r ”€

2irrdr

2 V 3  kT

(2.3)

(2.4)

(2.5)

(2.6)
W e shall, in the following calculations, assume the 
same temperature dependence, but will express a as

a C 
b = 2T* (2.7)

where C is an adjustable parameter, and the reduced 
temperature

T* =  kT/e* (2.8)

With this relation for a/b, the two-dimensional equation 
of state eq 2.1 can be related to the adsorption isotherm

(1) J. P. Stebbins and G. D. Halsey, Jr., J. Phys. Chem., 68, 3863 
(1964).
(2) T. L. Hill, Advan. Catalysis, 4, 211 (1952).
(3) S. Ross and J. P. Olivier, "On Physical Adsorption,”  Interscience 
Publishers, Inc., New York, N. Y., 1964.
(4) T. L. Hill, J. Chem. Phys., 14, 441 (1946).
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via the Gibbs adsorption equation which takes the 
form

d<t> = kTT d In p (2.9)

where p is the gas pressure and I' is the surface concen
tration per unit area. Equations 2.1 and 2.9 give us 
the mobile isotherm

In p =  - I n  kv +  In 6 +  & (2.10)
1 — 0 1 — 0 o

or

In p -  - I n  fc +  In ( j - ^ )  +  ( ^ )  ~  y ,»

(2.11)

where 0 is the fractional coverage. kv can be written 
as

fcv =  ^ a/ 1 [exp ( - X/k T )V /kt (2.12)

K = kv/kF (4.1)

which, after cancellation, becomes

I c*

II (4.2)

b jV exp(—0e/ 2T) l 2
(4.3)

A2/  [_1 -  exp(—0e/T )J

where 0E is the Einstein “ characteristic temperature.”
0e will be approximated in the following fashion. The 
Lennard-Jones (6-12) potential is summed over the 
nearest neighbors in the hexagonal lattice and then dif
ferentiated twice with respect to r. This gives

J A  /216e*
(4.4)2Trkyj m(r*)2

=  3 \ /6 i*  *
— - A *  

7r k (4.5)

where

where na is the standard chemical potential, x is the 
minimum energy required to evaporate an adsorbed 
atom from its lowest energy state in the monolayer, 
f± is the partition function for motion normal to the 
surface, and

h
(2irmkT)l/l

(2.13)

3. Localized Monolayers
W e assume that the sites are fixed and that each ad

sorbed molecule interacts with its nearest neighbors 
only. Each lattice site has z nearest neighbor sites. 
The approximate adsorption isotherm for a random dis
tribution as derived by Fowler and Guggenheim5 (re
ferred to as the Fowler isotherm from now on), after 
rearranging and taking z =  6 for a triangular close 
packed two-dimensional lattice, has the form

In V =  ~ ln *f +  ln ~  Y *9 (3-1)

where

fcp =  f j ufx [exp (-x /kT ) V /kT (3.2)

and fx and /„  are the partition function for motion 
parallel to the surface. Equation 3.1, combined with 
the Gibbs adsorption equation, yields

4. Corresponding States
For convenience, we define K  as*

A *  = (4.6)

0e  values for argon and krypton, calculated by this 
method, are 46 and 36°K , respectively.7 These values 
are close to the ones used by McAlpin and Pierotti,8 
which are 45 and 34°K , respectively. K  can now be 
expressed as

~ V 3 t T*1
L a *2 J

exp
/ 3 \ /6 A *>  
 ̂ 2,r T*J

2
(4.7)

/  3 \ /6 A * \
1 ~  expv

The adsorption isotherms can be expressed in a much 
simpler form if we define

p* =  pkv (4.8)

The mobile isotherm is then

p *  - I n  ( r b )  +  r b  - <4  5-9 >

(5 ) R . H . F ow ler and  E . A . G uggen heim , “ S ta tistica l T h e rm o 
d yn a m ics ,”  C am bridge U n iversity  Press, L on d on , 1949.
(6) W e  have used th e  sam e form  o f  defin ition  for  K  as b y  S teb b in s 
and  H a lsey . H ow ever, K  in  their eq  31 and  32 as w ell as in  F igure 
4  should  be  replaced  b y  1/K .

(7) V alues o f e* and  r*  are taken  from  J. 0 .  H irsch feld er, C . F . 
C urtiss, and R . B . B ird , “ M olecu lar  T h e o ry  o f  G ases an d  L iq u id s /*  
Joh n  W iley  and Sons, In c ., N ew  Y o rk , N . Y . ,  1954.
(8) J. J. M cA lp in  and  R . A . P ierotti, J . Chem. P h ys ., 41 , 68 (1 9 6 4 ).
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and the Fowler isotherm becomes

In p* =  ln t f  +  l n ^ ^ ) - y* 6 (4.10)

5. Classical Case
The classical law of corresponding states is correct 

when the mass of the molecule is sufficiently large, or 
when A* is negligibly small. In such a case, we can 
expand the exponentiation term ex «  1 +  x so that 1 —

The ratio K  can then be approximated as 

V 3  ttT*

K  =  =--------
A*2

1

1
(  3a/6 A * \
\  7T T*J

after expansion

K  =

a / 3  ttT* 
A*2

3 V 6 A *

(5.1)

(5.2)

«  3 0 / T* (5.3)

so that our classical Fowler isotherm then becomes

6
In p* =  In 30 -  In T* +  In

( r b ) ~ T*
9 (5.4)

In pB* =  In pG* (7.1)

and

<f> b =  4>q (7.2)

The expression =  <t>g is equivalent to saying that the 
area BDEB is equal to the area EFGE. The spread
ing pressure can be calculated via the Gibbs adsorption 
equation

d<£ =  kTT d In p (7.3)

=  kTT V Ad (7.4)

Integration of eq 7.4 gives

C° d In p
<t> =  kTT— -A dd (7.5)

J o  b e

when applied to the mobile isotherm

-  * ’  =  r -'‘ 5' [ l  -  To -  ~

i r h  -  ¿ ' ■ ’ l l  “ 0  <7 -6 )

where r „  is the maximum surface concentration as the 
pressure approaches infinity.

The criteria for phase transitions are also satisfied 
between the mobile and Fowler isotherms. Taking 
the two hypothetical isotherms ABGH (mobile) and 
IJKO (Fowler), we will find that at points H and N

6. Critical Conditions
Much work has been done on the two-dimensional 

condensation for the mobile isotherms3 and the Fowler 
isotherm.6 Designating the reduced critical tempera
ture by T*

Tc* (mobile) =  ^_C 
¿11

(6.1)

Tc* (Fowler) =  1.5 (6-2)

so that for T* lower than 4/ 27 C and 1.5 first-order phase 
changes occur for both the mobile and Fowler isotherms. 
Under these conditions, we will show that first-order 
phase changes occur between the mobile and Fowler 
isotherms.

7. Phase Transitions
W e will refer this section to Figure 1, and the sub

scripts A, B, C, etc., to the points A, B, C, etc. For the 
mobile isotherm ABCD EFGH , the criteria for phase 
transition are satisfied when the two phases have equal 
pressure, and also when they have equal spreading 
pressure. Expressed in mathematical form, they are

and

In pH* =  In pN* (7.7)

</> H =  <t> N (7.8)

where, after integration

*H -  r J 4 i  - 0 H -  2T*6n~] (7.9)

and

0N =  r j ^ - l n  (1 — 0n) — (7.10)

At sufficiently low coverage, the stable isotherm is the 
mobile isotherm, and at extremely high coverage, the 
stable isotherm is the Fowler isotherm. Therefore, the 
stable isotherm path must then be ABEGHNO. It can 
also be shown that, at any given p*, the stable isotherm 
path has a lower chemical potential than the other iso
therm paths. W e shall designate the expanded phase 
AB, the condensed phase GH, and the ordered phase NO  
as the two-dimensional gas phase, liquid phase, and 
solid phase, respectively.
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Under certain conditions, when the mobile transition 
pressure is close to the Fowler transition pressure, there 
is also a phase transition between the unstable mobile 
isotherm and the stable Fowler isotherm. Thus the 
unstable two-dimensional gas-solid transition is repre
sented by the path CM .

When T* gets sufficiently low, another type of phase 
transition takes place. The equilibrium between the 
two isotherms takes place before the mobile transition. 
The stable isotherm path now follows PQLO which has 
the lower chemical potential. OL is then the two- 
dimensional gas-solid transition.

Figure 1. Phase transitions between mobile and Fowler 
isotherms, indicated by long dotted lines, as explained in text.

Figure 2. Two-dimensional reduced phase diagram for C =  4.2.

Figure 3. Plot of coverage at which transition occurs 
as a function of reduced temperature for C =  4.2.

Inp*
Figure 4. Adsorption isotherm for reduced 
temperature of 0.35, 0.39, and 0.44. C — 4.2.

Figure 5. Plot of reduced critical temperature and 
reduced triple point as a function of C. The ratio of 
triple point and critical temperature is also shown.

A  typical phase diagram is shown for C =  4.2 (Fig
ure 2). The corresponding coverage for which the 
phase transitions occur as a function of reduced tem
perature is shown in Figure 3. Some typical isotherms
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are shown in Figure 4. For analysis of data, however, 
C is available as an adjustable parameter. It deter
mines the values of the reduced triple point and critical 
temperatures, and thus the ratio of the unreduced tem
peratures. To show the dependence on C, T* of the 
critical point and of the triple point are plotted as a 
function of C, in Figure 5. The ratio of the critical 
temperature to the triple point is also shown.
8. Application to Data for Krypton on Graphite

The recent data of Thorny and Duval9 resemble the 
isotherms of Figure 4 and appear to be suitable for 
analysis. Although these data do not quite reach a 
two-dimensional triple point at their lowest tempera
ture of 77.4°K, the short vertical riser that appears to 
correspond to a “solid-liquid” equilibrium is almost on 
top of the longer “gas-liquid” riser at that tempera
ture. A short extrapolation suggests a triple-point 
temperature of about 77°K. The observed critical 
temperature is about 86°K. The ratio of 0.9 (Figure
5) yields a value of C — 3.2 These results may be con
trasted with the values for bulk krypton where the ra
tio of triple-point to critical temperature is 0.55 for a value of C = 4.1.

From the reduced value of the critical temperature at 
C = 3.2, t*/k is calculated to be 180°. This result is 
close to the free gas pair interaction energy of 171°,7 but 
rather far from the pair interaction calculated for the 
case of krypton on a graphite surface (144°).8
9. Discussion

Both the mobile and immobile isotherms that are 
used in this analysis are of the lowest degree of approxi
mation to the exact isotherms, and at least are consist
ent. The application of a Sutherland potential to the 
mobile case and a harmonic oscillator model to the solid 
is not consistent. At high temperature (T*  = 30), 
eq 5.3 predicts a reversal in the stability of the low den

sity mobile film for this reason. This temperature 
would be of the order of 5000° K for krypton and is thus 
not physically important.

Reference to Figure 5 indicates that if C < 3 no liquid 
ever forms, and the transition is always from mobile gas 
to solid, at any value of T*. There are thus no critical 
or triple-point temperatures below this value. For C >  
6, the liquid phase is stable down to T*  = 0, and only 
the critical temperature remains. It should be noted 
that if we use eq 2.3 to calculate C, a value of 1.8 is ob
tained. This value is below the range of interest, and 
this is the reason we have left C as an empirical 
parameter. A similar difficulty is encountered if the 
equation is used in three-dimensional form to estimate 
van der Waals constants.

The existence of an unstable transition from an over
compressed gas to the solid (Figure 1) may have a bear
ing on the difficulty of observing the two-step gas- 
liquid-solid condensation. If the equilibrium solid- 
liquid region is typically as short as it is for krypton on 
graphite, the triple point could easily be lost if nu- 
cleation for the liquid is difficult. Although a true 
critical point would then be missing, a crude sampling of 
data would indicate that one existed. All that actually 
would happen is that a wide step would change into a 
narrow one just below 0 = 1 .  This phenomenon would 
occur near the lattice critical temperature, and the 
narrow step might be missed in the onset of second- 
layer formation, and so one could be misled into seeing 
“TV’

Note that aside from this possibility, a direct mani
festation of a lattice critical temperature is not present 
in our results. In order to find such a temperature, one 
must explore the region where K  in eq 5.3 is less than 
unity, and thus the underlying surface favors a lattice gas.
(9) A. Thomy and X . Duval, Colloques Internationaux Du Center 
National de La Recherche Scientifique, No. 152, 1965.
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Nuclear Magnetic Resonance of Iodine-Alkyl Sulfide Complexes1

by E. Thomas Strom, Wilson L. Orr, Brinkley S. Snowden, Jr., and Donald E. Woessner
Field Research Laboratory, Mobil Oil Corporation, Dallas, Texas 75221 (Received June 9 , 1967)

Equilibrium constants (K t ’ s) were determined by high-resolution nmr for iodine complexes 
of 11 cyclic and aliphatic sulfides in CC14 at 25°. In the majority of cases the precision 
is better than 10% and compares favorably with absorption spectroscopy. The K f ’s agree 
reasonably well for the five obtained by conventional absorption spectroscopy. The 
chemical shifts of the protons in the complexes were tabulated. Substitution of methyl 
groups for a  protons increases the Kt, but this effect is subject to steric hindrance. The 
large K t  of the thiacyclopentane-iodine complex is discussed.

It has long been known that iodine and alkyl sulfides 
form molecular complexes.2 Hastings found that io
dine and aliphatic sulfide complexes have large ab- 
sorptivities in the near-ultraviolet region.3 4 5 6 Effective 
absorptivities are a function of the absorptivity of the 
complex and the position of equilibrium 1 for each 
sulfide. Equilibrium constants and absorptivities have

R S R ' +  I2 ^ R S R ' - I 2 (1)

been evaluated for a number of alkyl sulfides by spec- 
trophotometric methods.4-6 Our goals are to deter
mine the effect of complexing on the chemical shifts of 
the protons, to compare equilibrium constants mea- 
ured by nmr with those determined by absorption 
pectroscopy, and to elucidate the structural features 
ontrolling the strength of the complex formation.
Results

If a proton undergoes a fast exchange between two 
different chemical species, a single proton resonance 
is observed at a position which depends on a weighted 
average of the position of proton resonance and the 
relative abundance of the two species.7'8 For the 
specific example of the protons a to the sulfur atom in 
an alkyl sulfide, we denote the chemical shifts of the 
a protons in the uncomplexed sulfide and the iodine- 
complexed sulfide as Sas and 5“c, respectively. For 
a dynamic system in which reaction 1 occurs, the 
experimentally measured chemical shift of the a  pro
tons, <Fex, is given by

S“e* = 5“CA +  das( l  -  A) (2)
where A is the mole fraction of iodine-complexed sul

fide and (1 — A) is the mole fraction of uncomplexed 
alkyl sulfide. The mole fraction of complexed alkyl 
sulfide is thus given by

Remembering that the sum of concentrations of com
plexed and uncomplexed sulfide must equal the original 
alkyl sulfide concentration, [RSR']°, expression 4 
for the molar concentration of alkyl sulfide-iodine 
complex can be obtained. The equilibrium constant

[RSR'-I,] = A[RSR']° (4)
for complex formation, K f, is thus given by eq 5. 

A[RSR']°
f ~~ ([RSR']° -  A[RSR']°)([I2]° -  A[RSR']°) (5 )

Many previous nmr studies of charge-transfer com
plexes have dealt with complexes in which the K f’s 
are not large, and it was impossible to determine chem

(1) Presented at the 153rd National Meeting of the American 
Chemical Society, Miami Beach, Fla., April 1967.
(2) G. Patein, Bull. Soc. Chim. Paris, 50, 201 (1888).
(3) S. H. Hastings, Anal. Chem., 25, 420 (1953).
(4) (a) N. W. Tideswell and J. D. McCullough, J. Am. Chem. Soc., 
79, 1031 (1957); (b) J. D. McCullough and D. Mulvey, ibid., 81, 
1291 (1959).
(5) H. Tsubomura and R. P. Lang, ibid., 83, 2085 (1961).
(6) M. Tamres and S. Searles, Jr., J. Phys. Chem., 56, 1099 (1962)
(7) (a) H. S. Gutowsky and A. Saika, J. Chem. Phys., 21, 1688
(1953); (b) H. S. Gutowsky, D. W . McCall, and C. P. Slichter,
ibid., 21, 279 (1953).
(8) H. M. McConnell, ibid., 28, 430 (1958).
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ical shifts for the protons in the complex directly.9'10 11 
The shifts for pure complex and the K t’s must then be 
determined by modified Benesi-Hildebrand plots.9-11 
The K f’s for the sulfide-iodine complexes are large; 
hence, the chemical shifts for the protons in the com
plex are readily determined, and the K i ’ s are con
veniently evaluated numerically.

Equilibrium constants in CCh were determined in 
the following manner. First, the chemical shifts for 
the uncomplexed sulfide were measured. These were 
concentration independent for the ranges studied. 
Then chemical shifts for the protons in the complex 
were measured by diluting successively smaller amounts 
of 0.1 M  stock sulfide solution to 1 ml total volume 
with 0.05 M  I2 solution. Addition of iodine caused 
a downfield shift of the proton resonances. When 
further addition of iodine no longer caused changes in 
proton frequencies, the measured proton chemical 
shifts were assumed to be the shifts for the pure com
plex. The basic splitting patterns appeared unchanged 
by complexing. If more concentrated I2 solutions 
were used to determine the shifts for pure complex, 
any or all of the following happened: the proton 
frequencies never reached a limiting value, peaks 
broadened markedly, and new peaks appeared. Rea
sons for this behavior may include formation of com
plexes not obeying eq 1, oxidation to sulfoxides,12 or 
other side reactions. Even sulfide solutions con
taining excess 0.05 M  I2 showed signs of decomposition 
after several hours. The shifts for pure complex, 
therefore, were always determined within 10 min of 
preparation.

Measurements (usually 8-12) were then made for 
several ratios of [I2]° to [RSR']° in the range of total 
sulfide concentrations from 0.02 to 0.0025 M . Solu
tions containing excess sulfide or only small excesses of 
I2 gave constant values of proton frequencies for 
periods of at least 24 hr. Nevertheless, in general, 
measurements were made within 8 hr. Figure 1 
shows plots of K f  vs. [I2]° for typical runs. The 
deviations appear to be random.

The K f’s were determined, whenever possible, from 
a shifts. When a choice was available between two 
different a proton resonances, that of lower multi
plicity was chosen. The K f for the diisopropyl sul
fide-iodine complex, however, was determined from the 
/3 shifts. Spectra of the aliphatic sulfides were amen
able to first-order analysis, and the determined K f’s 
and measured chemical shifts are given in Table I. 
Rather broad lines were found for the a protons in 
thiacyclohexane while the spectrum of thiacyclobu- 
tane was of higher order. This caused a marked de
crease in the accuracy of measurement. The proper-

Figure 1. P lot of Ki vs. [I2]° for three 
iod ine-alkyl sulfide complexes.

ties of the cyclic sulfide-iodine complexes are also re
corded in Table I.
Discussion

One expects from simple considerations of local 
diamagnetic currents that complexing of the sulfur 
atom should deshield the a protons, and this is what 
is observed experimentally. If we compare methylene 
protons, the results for di-w-propyl sulfide and thia- 
cyclopentane indicate that deshielding of (3 protons is 
approximately half that of the a protons. Methyl 
protons a to the sulfur are deshielded by 0.29-
0.31 ppm. This range is relatively narrow when 
compared with the 0.10-0.15-ppm deshielding range 
of the /3-methyl protons. In the aliphatic series the 
amount of deshielding seems to increase with in
creasing methyl substitution. This may simply re
flect the closer approach of the /3-methyl group to the 
iodine.

A remarkable chemical shift is found for the di
isopropyl sulfide-iodine complex. The a-methine pro
ton is shielded on complexation. This should be com
pared to the complex with methylisopropyl sulfide 
where the methine proton is deshielded by ~0.1 ppm. 
It seems probable that, in the iodine-diisopropyl sul-
(9) (a) M. W. Hanna and A. L. Ashbaugh, J. Phys. Chem., 68, 811
(1964) ; (b) H. A. Sandoval and M. W. Hanna, ibid., 70, 1203 (1966).
(10) (a) R. Foster and C. A. Fyfe, Trans. Faraday Soc., 61, 1626
(1965) ; (b) R. Foster and C. A. Fyfe, ibid., 62, 1400 (1966).
(11) H. A. Benesi and J. H. Hildebrand, J. Am. Chem. Soc., 71, 2703 
(1949).
(12) T. Higuchi and K.-H. Gensch, ibid., 88, 5486 (1966).
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Table I : Properties“ of Iodine-Alkyl Sulfide Complexes in C C I 4 at 25°

Sulfide Sß B s“ c -  «“s
K i  (no. of 

measurements)
Me2S 2.054 0.294 71.1 ±  4 .8 (9 )
MeEtS 2.037,1 2.441' 1.245 0.298,6 0.209' 0.097 136.2 ±  15.8(11)
Me-i-PrS 2 .0 2 0 , 6 2.728'1 1.241 0.314,i 0.10<1 0.118 155.4 ±  11.8(10)
EtjS 2.474 1.234 0.213 0.118 170.8 ±  23 .3 (8 )
n-Pr2Se 2.412 1.578 0.227 0.123 168.8 ±  17.1(11)
i-Pr2S 2.890 1.224 -0 .0 1 5 0.139 184.7 ±  14.7(12)
i-BuiS 1.380 0.148 159.3 ±  8 .0 (1 1 )
Thiacyelobutane 3.180' 2.962/ 0.218 95.8 ±  10 .6(6)
Thiacyclopentane 2.755 1.914 0.305 0.161 215.9 ±  16.9(11)
2,2,5,5-Tetramethyl- 140.0,6 190.7' 0.118,6 0.063' 78.4 ±  5 .7 (11)

thiacyclopentane
Thiacyclohexane" 2.522 i.8 0 7 ' 0 . 2 1 0 136.0 ± 2 9 .4 ( 6 )

“ Shifts are given in ppm. Errors are standard deviations. 6 Value for methyl protons. '  Value for methylene protons. d Value 
for the methine proton. * Sy s  =  0.998, Sy c  — S7 b ~  0.006. '  This is the position of the highest point of a complex envelope rather
than a true chemical shift. The chemical shifts for thiacyelobutane are S“ s =  3.43 and 53s =  3.17: E. Lippert and H. Prigge, B e r .  
B u n s e n g e s .  P h y s i k .  C h e m ., 67, 415 (1963). 0 The 7 -proton resonance is centered about 1.643.

Table II : Measured XV s for Iodine-Alkyl Sulfide Complexes at 25°

Sulfide i f ”  ecu XTi’ ccn K v  ̂ BU-heptanea X uv7l.heptane°

MejS
Et2S
Thiacyelobutane'1

Thiacyclopentane
Thiacyclohexane

71.1 ±  4 .8
170.8 ± 2 3 .3
95.8 ±  10.6

215.9 ±  16.9
136.0 ± 2 9 .8

71 ±  2 b

87 ± 4 , '  79.2“ 
186 ±  2"  

1 4 8 '

187.1 ± 3 . 4  
90.3 ±  1.8 

210.7 ± 4 . 8  
153.3 ±  1.1

168,“ 180.4 ±  7.3
111.4 ± 0 . 9
251.4 ± 1 . 9  
155.3 ±  1.5

“ Except where noted from ref 6 . Error limits are for the 50% confidence level. b From ref 4a. Error is standard deviation. c Cal
culated from data in ref 5. ‘‘.The value determined in ref 6  in CCU by ultraviolet spectroscopy is 79.0 ±  2.7. * From ref 4b. Errors 
are standard deviations? '  Work of J. D. McCullough cited in ref 6 . The value given in ref 4b is 110.

fide complex, the methine protons have a preferred con
formation with respect to the iodine-sulfur bond.

The K t ’s for some of the complexes covered in this 
study have previously been determined by visible and 
ultraviolet spectroscopy. Table II compares the re
sults from this nmr study with those obtained by ab
sorption spectroscopy. The agreement is reasonable, 
even excellent for some compounds. Each method 
has definite advantages in specific cases. Solvent 
considerations will at times restrict either method. 
It is experimentally easier to determine a K t  from a 
line position, as in the nmr method, than from line 
intensities, as in absorption spectroscopy. Balancing 
this advantage is the inherently greater sensitivity of 
absorption spectroscopy. Analysis of the ultraviolet 
spectra of iodine-alkyl sulfide complexes in certain 
cases is complicated by the overlapping of the charge- 
transfer bands with the sulfide absorption. Also, 
one has to assume that the absorption of the complex 
follows Beer’s law. These difficulties are obviated by

the nmr method. For sulfides where there are large 
numbers of uncoupled protons, the nmr method seems 
excellent. However, the accuracy of the nmr method 
decreases with a decrease in the number of protons 
contributing to a given resonance and with an in
crease in the multiplicity of the resonance. When K t  s 
can be determined by either method, the nmr method 
may be preferred because of its experimental conven
ience although the sensitivity is less than that of the 
absorption spectroscopy method.

For donor-acceptor complexes, such as the iodine- 
alkyl sulfide complexes, simple theory predicts that 
substitution of electron-donating groups about the 
donor atom should increase the strength of the com
plex. This prediction is amply realized. Substi
tution of a single methyl group for one of the hydrogens 
of dimethyl sulfide results in a 92% increase in the K t. 
More modest effects ensue from further substitution of 
methyl groups. It appears that either the inductive 
effect from increased methyl substitution is saturated
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or the inductive effect is cancelled by increased steric 
hindrance to complex formation. The results for 
the cyclic sulfides (vide infra) seem to indicate the 
latter. The lower K t  for the iodine-di-f-butyl sul
fide complex than for the diethyl sulfide complex 
clearly indicates that steric hindrance occurs in the 
former compound.

Comparison of the thiacyclopentane-iodine complex 
and the diethyl sulfide complex shows a 26% increase 
in K t for the cyclic compound. The results for the 
five-membered ring may be rationalized in the following 
manner. When methyl groups are substituted for 
a  hydrogens, there will be repulsions between the 
methyl groups and the electron pairs on the iodine 
molecule in certain conformations of the complex 
which will tend to destabilize the complex. The 
situation has been interpreted in terms of front strain 
or “ F  strain.”13 When the /3-alkyl groups are “tied 
back” in a five-membered ring, these repulsions are 
minimized and the K t  of the complex is increased. 
Prototypes for this concept are the trimethylboron- 
amine complexes.14 15’16

There is a drastic decrease in K ( when every a  
position in thiacyclopentane is methylated. If condi
tions are optimum for complex stability in the thia
cyclopentane-iodine complex, the decrease of sta
bility in the 2,2,5,5-tetramethylthiacyclopentane-io- 
dine complex is understandable. The K t  of the latter 
complex is about half that of the corresponding di-i- 
butyl sulfide complex. This difference may reflect the 
increase in rotational freedom of the methyl groups 
in the aliphatic sulfide, thus allowing a conformation 
with stronger sulfur-iodine bonding.

More subtle structural factors influencing the 
strength of the complex in cyclic sulfides will be 
examined in the future. Furthermore, iodine com- 
plexation can be used as an aid in interpretation of the 
nmr spectra of bicyclic sulfides. The nmr spectrum of 
I shows on cursory examination the presence of only

two protons a to the sulfur. Iodine complexation, 
however, indicates the existence of two other a  pro
tons whose resonances fall under the methylene en
velope in the uncomplexed compound.16

Experimental Section
The following commercially available sulfides, which 

were found to be free of impurities by gas-liquid 
partition chromatography (glpc), were used: diethyl 
sulfide, methyl isopropyl sulfide, diisopropyl sulfide, 
and di-f-butyl sulfide (Aldrich); dimethyl sulfide and 
thiacyclohexane (J. T. Baker, “Baker grade”); di-ra- 
propyl sulfide (J. T. Baker, Technical grade); and 
thiacyclopentane (Eastman). Thiacyclobutane was 
an API standard sample containing less than 0.05 
mole % impurities. The compound was vacuum dis
tilled immediately prior to use, and the distillate 
showed no impurities by glpc. A glpc analysis 
showed that methyl ethyl sulfide (J. T. Baker, Tech
nical grade) and 2,2,5,5-tetramethylthiacyclopentane 
(gift from Bureau of Mines, Bartlesville, Okla.) 
contained significant impurities. The 2,2,5,5-tetra- 
methylthiacyclopentane was purified by preparative 
scale glpc while methyl ethyl sulfide was purified 
through mercuric chloride complexation, according 
to the procedure of McAllan, et al.17 Iodine was 
Baker Analyzed reagent grade. The carbon tetra
chloride was redistilled. Tetramethylsilane (TMS) 
was then added to the solvent to make up a 3% solu
tion of TMS in carbon tetrachloride. 
f The iodine and sulfides were weighed into separate 
volumetric flasks and diluted with solvent to 
volume. The components were mixed directly in the 
nmr sample tubes which were then covered with Teflon 
caps. Accurate transfers were made with microliter 
syringes. In preliminary experiments anomalous 
broadenings were noted on occasion when acid-cleaned 
tubes were used; therefore, new sample tubes were 
used which were subsequently cleaned only with or
ganic solvents.

Spectra were measured on a Varian HR-100 nmr 
spectrometer. An internal lock of TMS was used. 
All frequencies were measured on a Hewlett-Packard 
522-B electronic counter which has a precision of ±0.1
c. The accuracy of the line position measurements 
ranged from ±0.1 cps for the highest sulfide concen
trations to ±0.3 cps for the dilute samples. To make 
certain that iodine had no effect on the chemical shift 
of TMS, the chemical shift of the protons in a 3% 
cyclohexane solution was determined for both pure 
CC14 and 0.05 M  I2 in CCh, with TMS as an internal
(13) H. C. Brown, H. Bartholomay, Jr., and M. D. Taylor, J. Am. 
Chem. Soc., 66, 435 (1944).
(14) H. C. Brown and M. Gerstein, ibid., 72, 2926 (1950).
(15) H. C. Brown and S. Sujishi, ibid., 70, 2878 (1948).
(16) W. L. Orr, et al., unpublished results.
(17) D. T. McAllan, T. V. Cullum, R. A. Dean, and F. A. Fidler, 
J. Am. Chem. Soc., 73, 3629 (1951).
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lock. The measured chemical shifts were identical. 
The temperature of the probe for the K i  determinations 
was 25.0 ±  1.0° as measured from ethylene glycol 
calibrations.

Equilibrium constants were calculated from eq 5 on 
the CDC 1604B computer of the Field Research Lab
oratory.
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The effect of chemical relaxation on the dielectric behavior of dipolar reaction systems is 
examined. When only small electric field densities are applied, the equilibrium of the 
over-all reaction is not perturbed so that the static dielectric constant remains unchanged. 
Nevertheless, the chemical process may affect the dielectric relaxation by providing an 
alternate means of orienting dipoles. In principle, this should be measurable in cases 
where chemical relaxation proceeds at least with about the same rate as the rotation of 
dipoles. If the reaction rate is much faster than rotational diffusion, a distinct dielectric 
relaxation effect occurs which reflects directly the chemical relaxation process. Owing to 
the unfavorably large rotational diffusion coefficients of small molecules in solution, per
tinent reaction systems can be expected, first of all, among those systems which involve 
macromolecular particles. Potential applications of the phenomenon aiming at the deter
mination of chemical rate data are discussed, including even cases which originally could 
not be studied because of dipole rotation being too fast.

I. Introduction
Dielectric polarization of an isotropic and homogene

ous medium is described by the expression
P = M / V  = e0(e -  1 )E  (1)

relating the electric dipole moment per unit volume, P, 
to the electric field density, E , which induces it (M  =  
over-all dipole moment, V  = volume, e0 =  8.854 X 
10-14 f/cm). The quantity e represents the (relative) 
dielectric constant of the system. Owing to the finite 
rate of formation, the actual value of the dipole mo
ment M  will lag behind its equilibrium value, if the field

is changed fast enough. This is of particular signifi
cance for periodic fields of sufficiently high frequencies. 
In such cases a phase shift between M  and E  will occur, 
resulting in an energy absorption (dielectric loss). Also 
the amplitude of M  will be changed. Using complex 
notation, this dielectric dispersion is adequately de
scribed by writing E  = E 0elo>t (E0 = amplitude of the 
field, i  = V — 1, u — angular frequency, t = time) and 
introducing a complex dielectric constant

e = e* = e' -  U" (2)

(1) Send inquiries to the author at this address.
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The (real) dielectric constant, e', as well as the dielectric 
loss factor, e " , become functions of co within the disper
sion range (for frequencies outside this region t' is in
dependent of co, while t "  vanishes). Both quantities 
are accessible experimentally by means of electrical 
impedance measurements. The capacitive part yields

the conductive one e " .

Dielectric polarization may be the result of various 
effects. First of all, individual molecules can be polar
ized owing to slight deformations of their atomic and 
electronic charge distribution. This is generally 
brought about in extremely short times, corresponding 
to dielectric dispersion at optical frequencies. Another 
important mechanism becomes effective if permanent 
molecular dipoles exist in the system. Then, an applied 
electric field tends to cause preferential orientation of 
the dipole axes—which are originally distributed at 
random—thus giving rise to an over-all nonvanishing 
dipole moment (orientational polarization). The rate 
of this process is ordinarily determined by the rotational 
diffusion of the molecules perpendicularly to their di
pole axes. This results in dielectric relaxation at suf
ficiently high frequencies. The corresponding disper
sion is observed at microwave frequencies («102 3 4 Me) 
as far as small molecules in liquids are concerned.

Since the time which is required to rotate a molecule 
increases rapidly with its length, orientational polariza
tion in macromolecular systems may display relaxation 
at fairly low frequencies, e.g., at radiofrequencies as in 
the case of polypeptides2 or polynucleotides3 in solution. 
In macromolecular systems considerable dielectric 
polarization and relaxation may occur also owing to 
polarization of the ionic atmosphere of polyions4 or 
colloidal particles5 as well as to the effect of heterogenei
ties in the dielectric properties of the medium6 (Max- 
well-Wagner effect). The respective relaxation fre
quencies are usually also rather low (kilocycle-mega
cycle range); they may decrease even below the kilo
cycle range for sufficiently large polarizable particles.7

Apart from the mentioned physical effects there is a 
potential chemical mechanism of dielectric polarization 
and relaxation. It can be anticipated for systems where 
dielectric properties are changed during the course of a 
chemical reaction. The chemical equilibrium of such a 
process is shifted by an applied electric field as can be 
shown thermodynamically. Thus a field tends to 
change the dielectric polarization of the system via the 
initiated chemical reaction. In this case the rate of di
electric polarization is, of course, determined by the 
respective chemical relaxation process. As an impor
tant consequence we conclude that an investigation of 
the corresponding dielectric dispersion can, in principle, 
be utilized to measure chemical relaxation times.

These quantities may be interpreted then in terms of the 
underlying chemical kinetics.8

The fundamental potentiality of chemically induced 
dielectric relaxation and its inherent significance for the 
study of fast reactions in solution has been pointed out 
recently by Bergmann, Eigen, and De Maeyer..9 
These authors directed attention also to a restrictive 
peculiarity of the phenomenon, namely, that any chem
ical contribution to the dielectric constant vanishes for 
E  -*■ 0. Thus it cannot be measured by means of the 
conventional impedance-measuring techniques which 
employ fairly low field densities. The effect should be 
measurable, however, in the presence of a sufficiently 
high static electric field. By imposing such a condition 
upon a special system (200 kv/cm on the dimerization 
of 6-hexanolactam (e-caprolactam)) it has actually been 
observed experimentally and interpreted in terms of 
kinetic properties.9

On fundamental grounds and in view of the compara
tively difficult and inconvenient experimental problems 
involved in the application of high field densities, the 
question may arise whether a chemical reaction could 
nevertheless induce dielectric effects without a strong 
static field being present. This is indeed possible as is 
to be shown in this article. Our result does not contra
dict the above-mentioned conclusion provided we ex
press it in the more precise form: ‘ ‘Small field densities
do not perturb a chemical equilibrium sufficiently to 
produce a chemical contribution to the static dielectric 
constant.” It will turn out that actually not the di
electric polarization but the dielectric relaxation may be 
affected by a chemical reaction even for E  —►  0.

In the above-mentioned experiment, strong fields were 
predicted to be absolutely necessary for any chemically 
induced dielectric effect. As a matter of fact, this rests 
upon the implicit assumption that the relaxation time of 
dipole rotation, rr, is small compared with the chemical 
relaxation time, rch. Such an assumption is very well

(2) (a) H. Watanabe, K. Yoshioka, and A. Wada, Biopolymers, 2, 91 
(1964); (b) S. Takashima, ibid., 1, 171 (1963).
(3) S. Takashima, J. Phys. Chem., 70, 1372 (1966).
(4) (a) G. Schwarz, Z. Physik. Chem. (Frankfurt), 19, 286 (1959); 
(b) M. Mandel and A. Jenard, Trans. Faraday Soc., 59, 2158, 2170 
(1963).
(5) (a) H. P. Schwan, G. Schwarz, J. Maczuk, and H. Pauly, J. 
Phys. Chem., 66, 2626 (1962); (b) G. Schwarz, ibid., 66, 2636 (1962).
(6) (a) C. T. O’Konski, ibid., 64, 605 (1960); (b) H. Pauly and
H. P. Schwan, Z. Naturforsch., 14b, 125 (1959).
(7) H. P. Schwan, Advan. Biol. Med. Phys., 5, 147 (1957).
(8) (a) M. Eigen and L. De Maeyer in “ Technique of Organic 
Chemistry,”  S. L. Friess, E. S. Lewis, and A. Weissberger, Ed., 2nd 
ed, Yol. VIII, Part 2, Interscience Publishers, Inc., New York, 
N. Y ., 1963, p 895; (b) G. Schwarz, Rev. Mod. Phys., in press.
(9) K. Bergmann, M. Eigen, and L. De Maeyer, Ber. Bunsenges. 
Physik. Chem., 67, 819 (1963).
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justified in that special case as well as for other small 
molecular dipoles which can freely rotate in a liquid 
(rch > 10-10 sec rr «  10-11 sec). That explains, of 
course, why actually no chemical effect has been ob
served so far at low fields. Nevertheless, there might be 
cases where the reverse relation rr »  Tch holds true. 
Under that condition a low-field dielectric dispersion 
caused by a chemical reaction can, in principle, occur. 
This may apply especially to macromolcular reaction 
systems (among them many of biological significance). 
There the rotational diffusion could well proceed more 
slowly than a chemical relaxation process. Further
more, by manipulating systems this behavior might be 
achieved deliberately in order to utilize the resulting di
electric relaxation effect for kinetic measurements.

In the following the problem is treated in more detail 
from a quantitative point of view. At first we shall 
establish the thermodynamic relations describing the 
effect of an electric field on a chemical equilibrium. 
Then a model reaction will be discussed which is espe
cially suited to demonstrate clearly the fundamental as
pects of the phenomenon under consideration. This 
will clarify under which circumstances a chemical 
mechanism of dielectric relaxation at low fields can be 
expected. Finally a reaction process of more practical 
interest is to be investigated with regard to potential 
experimental applications.
II. Thermodynamic Foundation

The general chemical reaction process
n'Ri' t  ¡'2^ 2' -p-»..

m"Ri" +  r2"R2" +  . . .  (3)
may proceed in a solution which is assumed to be a 
closed and dielectrically isotropic system. Any changes 
in the numbers of moles, n i} of the reaction partners 
R' and R" are determined then by

8rii =  Vi5£ (4)
where v{ equals the respective stoichiometric coefficient, 
v", for any R" species, but is taken as the negative v' 
value for the reactants R'. The quantity £ is intro
duced as the extent of reaction. The Gibbs free energy, 
G, of the system is to be considered a function of T  
(absolute temperature), p (pressure), E , and £. Its 
total differential can be expressed by the well-known 
relation10

dG = - S d T  +  V dp  -  M dE  -  Ad£ (5) 
(S = entropy). The affinity

A =  (6)
is related to the chemical potentials pt of all the indi

vidual reaction partners. The condition of chemical 
equilibrium is given by A  =  0. Conventionally pt is 
expressed in terms of activity coefficients, /¡, and con
centrations, Ci

Hi =  Ht +  R T  In/* +  R T  In c t (7)
The standard chemical potentials pi' depend on T, p, E  
(and on the nature of the solvent), but not on £. 
Using (7) eq 6 may be transformed to

A / R T  = In K *  -  In ct (8)
i

with
In K *  = In K  -  X ^ ln /*  (9)

i

K  =  e x p { - ^ i H i ° / R T }  ( 1 0 )

where K  is the thermodynamic equilibrium constant. 
According to (8) we have at equilibrium

In K *  = In 5i (11)
(equilibrium quantities are always to be denoted by a 
bar). Since we are interested in the change of the 
equilibrium concentrations by an applied field, the ef
fect of E  on K *  ( = “apparent equilibrium constant”) 
will be investigated now.

On account of the fact that the order of differentiation 
is immaterial when computing second derivatives of G, 
eq 5 leads at once to

/òA \ _  /ÒM\
W / t,p,{ \Ò £ /t,p,E=  A M (12)

The quantity A M  represents the molar change of the 
over-all dipole moment M  which is produced by reac
tion 3 (proceeding from the left to the right) while 
keeping the intensive variables T, p, and E  constant. 
Inserting A  from (8) into (12) yields

/ Ò In K * \ _  AM

\  ÒE / t,p,{ R T
(13)

provided the concentrations are measured in molalities 
(rii/1000 g of solvent). The use of molarities (n̂ /lOOC) 
ml of solution) requires, strictly speaking, to take into 
account the effect of E  on V  (électrostriction). This is 
done by adding the term — (l/F)(ôF/ôU )T,P,i IZ>'i on

ithe right side of (13). However, even for Y^vi ^  0
iwe may generally neglect it in those cases we are in

terested in, i.e., reactions with an appreciable A M  at 
E - *  0.
(10) C/., e.g., A. H. Wilson, “ Thermodynamics and Statistical 
Mechanics,“  Cambridge University Press, London, 1957.
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In order to describe the perturbation of equilibrium 
caused by the field E we differentiate K* for A — 0 
instead of keeping £ constant
/ d In g * \  _  / d In # * \
\ ÒE / TtP \ àE / t,p,4=o

/d  In K*\
\ ÒE )  t,p,{ +

/ d In K*\ /d£_\
\  d£ / t,p,e\ ôÆ1/t,p,a=o (14)

By using the relation
m  =_
\òE J  t,p,a

(Ò A/ ÒE ) t , p .t
(Òd./Ò£)T,P,E

as well as eq 8, 9, 12, and 13 we finally obtain
AM/ d In g * \

V d£ A.p ~~/ t,P Äy
with

/ t ,i
Ò In ff*\

d£ /  t,p ,] rT,P|  13 /

** - F T O

(15)

(16)

(17a)

(17b)

Since (d In K*/ô£)t,p,e = — (dSp,- In /</d£)TlP,E, one 
sees immediately that / t,p = 1 if the activity coef
ficients are not changed during the reaction. This is 
frequently the case in practical work (e.g., if the f ( 
are essentially determined by an excess of a nonreacting 
electrolyte).

In principle, eq 16 may not apply to the actual con
ditions of the reaction system. Chemical rate processes 
which produce measurable contributions to dielectric 
relaxation would be very fast. Hence they can be 
expected to proceed at constant S and V rather than 
at constant T and p. Let us therefore evaluate the 
pertinent quantity
/ d In g * \  = / d In K*\
\ d E /  s,v \ d E /s,v,A-o

/ d In K*\ 
\ d E )

f d(A/RT)\
\ d E )  s,v,{s,v,{ \ d E /s.v.f

_  A  ( 0 T
RT\òe)  RT2\òeJ s.v.i

(19)
The second term on the right side vanishes because 
A — 0, while the first one may be expressed in terms 
of M  by means of

( — )  = (
\àE/ s,v,è \

dM \  
d£ / S,V,E

(20)
This latter relation is readily established when com
puting second derivatives of G 4- TS — pV using the 
exact differential
d(G +  TS — pV) =

TdS -  pdV MdE -  ,4d£ (21)
(Equation 21 is immediately obtained from eq 5.)

Now, a procedure which is analogous to that used 
for deriving (16) and (17) may be employed to evaluate 
the final form of (18), namely

/ d In K*\ _
\  dE  /s,v RT\ d£ / s,v,e (22)

with
,  /d in  K*\
^  -  t 1 -  ( - s T )

■  = r  Vi In Cis,v Ö5

r 8,v} 1S,V,E / (23a)

)  r
(23b)

Obviously this result differs from (16) and (17) only 
by the fact that all of the derivatives with respect to 
£ are taken at constant S and V instead of taking them 
at constant T and p. Both kinds of derivatives can, 
of course, be related to each other. For instance, we 
have

ÒM\ _  /d M \  fòM\ (ÒT\
d£/s,v,E \d £ /T ,P,E \òT /p,E,{\d£ / s,v,

/0M \ /dp\

\  d p / t , e , { \  d £ /  s .v . e

+
(24)

The variations of T and p due to the reaction (under 
the condition S, V = constant) can be expressed by 
measurable thermodynamic quantities. Using well- 
known methods of evaluation11 (compare also ref 8a) 
leads to

where K* is considered a function of S, V, E, and £. 
Because of (8) we may write

(11) Cf., e.g., H. Margenau and G. M. Murphy, “ The Mathematics 
of Physics and Chemistry,”  D. Van Nostrand Co., Inc., Princeton, 
N. J., 1943.
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/bT\  _  (bS/ag)T,v,E = -A  H  +  (aT /x) AF 
w $ / s,v,e (bS/bT )v, e,j pPcv

(25)
/ M  = (dF/dg)s,PlE = AF -  (a/cpP)A H  
\c>i:/s,v,E (£>F/dp)s,E,f F[* -  (a2T/cpp)]

(26)
(AH  and AF = molar change of enthalpy and volume, 
respectively, due to the reaction at constant T, p, E ;  
p = density; a = thermal expansion coefficient, x =  
compressibility, cp = specific heat, all taken at con
stant values of the respective intensive variables; Cv = 
specific heat at constant volume; a, x, cp, and c\ do 
not include contributions of the chemical reaction.) 
Thus—under adiabatic and isochoric conditions—a 
field E  may affect a chemical equilibrium even for 
AM  = 0. This will occur if M  (or the dielectric con
stant of the system, respectively) depends on T  or p, 
while AH  or AF does not vanish. However, these 
effects can usually be neglected for systems with a AM  
of appreciable magnitude.

Application of (24) to 2 vt In c { and In K * , respec
tively, instead of M  yields practically no difference 
between / t ,p and /s,v except for cases where AH, AF, 
and the concentrations of the reaction partners are 
extremely large. We may finally conclude that for 
many reaction processes of interest with a A M  of con
siderable magnitude and no change of activity coef
ficients the simple relation

/d  In K *\  ( b  In K * \  AM

N r L  -  -  R f  (27)

let us consider a special model reaction which is as 
uncomplicated as possible but nevertheless discloses 
clearly the basic aspects of our problem. The uni- 
molecular reaction process

Aj ^—  A2 (28)
turns out to be well suited for this purpose. The 
quantities /c°12 and kn21 denote the rate constants for the 
forward and reverse reactions, respectively. They are 
related to the equilibrium concentrations c°i and c°2 and 
the “apparent equilibrium constant” K * 0 by the well- 
known relation

k°n/k\ =  c\/c\  = K * 0 (29)
We assume the rotational diffusion coefficients of both 
species Ai and A2 to be equal (= D r) ; furthermore A2 

may have a permanent molecular dipole moment p, 
while Ai has none. Actually such reactions might be 
encountered—to some approximation—even in practi
cal work, e.g., among rotational isomerizations or pro
ton transfer in zwitterions.

In the molecules of As an axis is defined by the direc
tion of the dipole p. This axis is to be conserved for the 
transition A2 -*■ Aj. Thus also an axis for the molecules 
of Ai is introduced. There will be a distribution of the 
axes with respect to the direction of an applied field E. 
The concentrations of these molecules which have axes 
pointing at the time t into the solid angle d£i = 2tt sin 
d d0 (6 being the angle between E  and a molecular axis) 
can be expressed as

dci = 7 1  (6, f)di2, dc2 = y 2(0, t)dQ (30)
holds true as far as practically meaningful accuracy is 
concerned.

Because of the general relation (1) we may expect that 
in ordinary reactions bM/b% is proportional to E , no 
matter what the thermodynamic conditions are. Hence 
b  In K*/b% -*■ 0 for E  -*■ 0; i.e., the chemical equilibrium 
will not be perturbed at very low field densities. Con
sequently no chemically induced dielectric polarization 
due to additionally produced dipoles can occur. The 
situation will be different in this respect at sufficient 
high field densities. However, as is to be shown in 
the next section, the chemical process contributes, in 
principle, to the dielectric properties of the reaction 
system also at low fields. This does not contradict the 
preceding conclusion because only the dielectric relaxa
tion is affected, while the static dielectric constant re
mains unaltered.

The distribution functions 7 1  and 7 2  (=  concentrations 
per solid angle) may change owing to the chemical reac
tion process (28), but also on account of rotational dif
fusion and—in the case of A2—because of the momen
tum of force exerted by the field. This is described by 
the two partial differential equations

^  = - v n +  DrV2 7 1  (31a)
bt

—  = V12 +  DrV27 2  -  div j E (31b)
bt

The effect of the reaction rate is represented by
n ,  -  - ( £ )  -  (%■) -

\ O t  / c h e m  \ 0 1  / c h e m

fci2 7 i — fc2i72 = fc2i(A*7i — 7 2 ) (32)
III. A Simple Model Process

For the sake of simplifying the mathematical effort,
It should be emphasized that—owing to the perturba
tion of equilibrium by the field—the rate constants kK
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and fca as well as the corresponding K *  depend on E  
and 0 . For E  = 0 they are, of course, identical with 
fc° 12, k°2i, or K * o, respectively. The term DrV2y( ( i  = 
1, 2) in (31a, b) results from rotational diffusion accord
ing to Fick’s law. Application of the Laplace operator 
V2 yields in our case

V27i =  - A -  ^  I s in f l^ l  (33)sin 9 dd l  dO )

Finally the angular flux of axes directed by the field E  
can be introduced as

j B = -  y ^ p E r sin 9 (34)
This is simply the product of concentration (7 2 ) and 
angular velocity, the latter being expressed analogously 
to Stokes’ law as angular mobility ( =  D r/kT) times the 
momentum of force ( = —pET sin 9). The electric 
field attempting to rotate the molecular dipole is given 
by the directing field E r (according to Onsager12). This 
field is parallel to the applied field E , but generally of 
different magnitude. The contribution of j E to the 
temporal change of y 2 is given by

—div j E
p E  r 
kT

„  1 ò , . „ » 
D t- —  — { 7 2  sin2 01 sin 0 Ò0 ' ’

(35)
Fortunately it will not be necessary to find the general 
solution of (31a, b). Since pEr/kT «  1 (usually by 
orders of magnitude), the field causes only very slight 
deviations from the state corresponding to E  = 0, 
i.e., random distribution of axes. Therefore we set

71 =  71° +  0 ;  72 =  72° +  ^ $ 2 (0 , 0  (36)

with
7i° = T“> 72° = T“> 72°/7i° = K *0 (37)

cos 0 (only the components in the direction of the field 
E  have to be taken into account). Upon putting

4>iE t =  Fi(t) cos 0, <t>2/?r = F 2(t) cos 0 (40)
(with F x and F 2 being independent of 0), we finally 
transform (31a, b) to a system of two ordinary and 
linear differential equations for F x and F2

—— = — {k°n +  2D t}F i +  k^ziF 2 — k°2iy 2°E r (41a) 
at

= Jfirfi -  {fc°2i +  2D t}F 2 +  
at

{k° 21 +  2 D r} y 2°ET (41b)
There are two cases of degeneracy. One of them con
cerns D t = 0, i.e., no rotational diffusion. It is de
scribed by only one relaxation time, namely, the 
chemical relaxation time pertaining to process 28, rch, 
which is obtained according to

—  = fc°12 +  i-°21 (42)“Teh
On the other hand, if there is no chemical rate process 
(fc°i2 = k°21 = 0) but a finite D r, a relaxation time due to 
rotational diffusion

r r =
1

2 D t
(43)

is found (of course, two rotational relaxation times 
would exist in the more general case of different Dr 
values for Ai and A2). In any event, however, the 
degeneracy will be destroyed if both the chemical as 
well as the rotational effect must be taken into account. 
In this case the characteristic equation of (41a, b) 
yields, in principle, two different eigenvalues. Their 
negative reciprocals represent two relaxation times, n  
and 7*2. As is readily determined, we have n = rr, 
while for t2 the relation

corresponding to equilibrium at E  = 0. Any terms 
of second or higher order in E T will be neglected. Now, 
inserting (36) into the rate term vX2 according to (32) leads to

uEr( -v b In K *
Vn =  -  fc°2l4>2}  +  fc°2172°"  (38)

Suppose the conditions of eq 27 apply here; then
b In K *  N\ficos9 p cos 0 

dEr = R T  = kT  (39)
(NK = Avogadro's number) since the molar change of 
the dipole moment due to the reaction 28 equals N ap

1 1 1-  = -  +  —  (44)7* 2 7*r Tc h

holds true. The final solution in terms of y  functions 
is obtained by means of standard procedures. For a 
periodic field of angular frequency oj, the function y 2 takes the form

72 = 72°|l +  f ( c o s  0)<p(o)) j  (45)
with the relaxation function
(12) Cf., e.g., C. J. F. Böttcher, “ Theory of Electric Polarization,”  
Elsevier Publishing Co., Amsterdam, 1952.
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( l  +  K \  1 +  iwrr)  +

( i + F „ r + d  (46)
The average dipole moment per unit volume, AP, which 
is due to the permanent molecular dipoles of A2, results 
from integration over the contributions of any direction 
(0 < 6 <  7r). The effect of the reaction fields of the 
dipoles on the atomic and electronic polarization can 
be taken into account by a factor ga ~ 1. Because of
(1) the result is easily related to the corresponding com
plex dielectric increment A«*

AP = gaN a f  cos 0)y227r(sin 6)dd = t0At*E  (47) Jo
After evaluation it follows

Ae* = <p(o>)Ae° = 7— ^ 7 ------b ^1 +  Vj)Ti 1 +  iblTz
(48)

with
AV* K *  0Ae° - qr------ c°2> Aer° JÊ —

y 3 eokT ’ 1 +  K *0
Ae°,

Ae°Aé2° = 1 . W  (49a> b’ C)1 +  K*o

The factor gT comes in because of the difference between 
the directing field and the applied field. It is to include 
also the factor ga. For spherical particles gr could be 
expressed as12

e(w2 +  2 ) 2 2 e +  1 

(2e +  n2) 2 3 (50)
(n  = refractive index of A2) provided the static dielec
tric constant of the system, e, is essentially determined 
by the solvent and its dispersion occurs at frequencies »  
l /r 2. Otherwise gr should be smaller (gT -*■  1 in the 
limit), although this is generally difficult to ascertain 
quantitatively.

Splitting Ae* into its real and imaginary parts enables 
us to determine the increments of the dielectric con
stant, A a n d  the respective dielectric loss, Ae" (ac
cording to (2)). Apparently, the dielectric relaxation 
behavior depends very much on the order of magnitude 
by which rr and r2 (<  rr) differ from each other. Let 
us consider the three possible cases.

Case I. Tr «  rch, i.e., rotational diffusion proceeds 
much faster than chemical relaxation. Upon this con
dition eq 44 yields practically r2 = rr. Hence, the 
relaxation function <p{u) reduces to the simple expres
sion 1/(1 +  iWr). Consequently the dielectric disper
sion is completely controlled by the rotational diffusion

of the molecular dipoles, no matter whether there is a 
chemical reaction or not.

C a sell. t t 5» rch, i.e., rotational diffusion and chem
ical relaxation proceed with comparable rates. Under 
these circumstances rr and r2 are different. However, 
since the difference is not large enough to distinguish 
them clearly from the measured dispersion curves (this 
requires Tr ~  10rCh), merely a flattening of the curves 
will occur. Thus a direct determination of the individ
ual relaxation times is not possible. Nevertheless their 
effect on the dielectric constant and the dielectric loss 
might be measurable provided sufficiently sensitive 
experimental techniques are available. For instance, 
at the high-frequency limit of the dispersion range we 
obtain

coAe" _  A _ 1_ /  1 1
S?. Ae° ~ e0Ae° “  r* " V, +  \1  +  K*o

(Ax*. = total conductivity increase due to the respec
tive dielectric loss), where r* may be introduced as the 
mean reciprocal relaxation time8b according to

r* \ l +  K *0 r j  ^  \1  +  K *0 r j
(52)

The corresponding arithmetic mean f results from 
measurements at the low-frequency limit because of

"  { ' _ ( r r ^ .  <53)
Combining (51) and (53) can, in principle, be used to 
separate tt and rCh-

Of course, the chemical relaxation term affects not 
only the above limiting values, but also Ae' and A t”  
at any frequency within the dispersion range. This 
could eventually be utilized for an alternate access to 
the chemical effect.

Case I I I . Tr »  Tch, be., rotation proceeds much 
more slowly than chemical relaxation. Now, applica
tion of (44) results in r2 ~  Tch «  rr. This means that 
Ae* displays generally two distinctly different dis
persion ranges. One—-caused by rotational relaxa
tion-—appears at comparatively low frequencies; an
other one—which is due to the chemical rate process— 
occurs at higher frequencies. Apparently their ampli
tudes (Aer° and Aech° = Ae2°, respectively) are equal 
for K * 0 = 1 {i.e., c°i = c°2). This is also the condition 
for a maximum of the absolute amplitude of the chemi
cal relaxation effect, Aech° (the latter being determined 
by cV (l +  K * 0) = IK*o/(l +  A*o)2]c0, where c„ = Ci +  c2 = constant). As is easily to be seen, this 
maximum value amounts to one-fourth of the maximum

V olum e  71 , N um ber  12  Novem ber  1967
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of the total dielectric increment, Ae°max (at K*o —►  ro,
i.e., c°2 = c0, c°i = 0).
IV. Fundamental Aspects

Let us summarize the essentials of the actual physical 
mechanism of the phenomenon under consideration as 
they have been disclosed by the discussion in the preced
ing section. By application of an electric field a new 
equilibrium distribution of dipole axes is determined, 
namely, a preferential orientation with respect to the 
direction of the field. The system tends to establish 
this equilibrium state as fast as possible. Ordinarily 
this is achieved via rotational diffusion. In principle, 
however, a chemical process as introduced above pro
vides an alternate means of orienting dipoles without 
actually rotating them. This works in the way that 
unfavorably oriented dipoles vanish via the reaction 
A2 —►  Ai, while favorably oriented ones are formed by 
the reverse reaction Ai A2. Both mechanisms of 
orientation compete with each other. Thus the chemi
cal process causes no observable dielectric relaxation if it 
is too slow with respect to rotation. In the converse 
case (fast chemical relaxation, but slow rotation) 
orientation via the chemical process will be reflected 
directly in the dielectric relaxation behavior. However,, 
the chemically induced dielectric increment Aech0 is 
generally smaller than the total increment Ae° because 
the perturbation of chemical equilibrium by E  does not 
suffice to produce complete preferential orientation as 
determined by the applied field. Hence a certain part 
of it is always controlled by the rotational mechanism. 
Accordingly there will be, in any event, a dielectric re
laxation effect in the range of rotational relaxation fre
quencies.

It should be emphasized that the field does not cause 
changes of the total concentrations of Ai and A2
(i.e., 5Cj = 1  7 i dO =  0 ; i = 1, 2). In compliance 

J owith the conclusions at the end of section II an ap
preciable perturbation of the over-all equilibrium (28) 
can be expected only at high field densities.

As is quite apparent from the discussion, the funda
mental results obtained for our special model process 
may be qualitatively extended to any type of a chemi
cal reaction which brings about changes of dipole 
moments. In such cases there is always a chemical 
mechanism of dipole orientation. This will be of no 
practicable significance if rotational diffusion of all of 
the reacting molecules proceeds much more rapidly than 
the reaction rate. Otherwise, the chemical effect 
must be reflected in the dielectric relaxation be
havior. This should be especially pronounced if 
chemical relaxation is much faster than rotational

diffusion. One can generally anticipate then a distinct 
dielectric dispersion effect solely controlled by the 
chemical rate process.

As far as only small molecules in liquid systems are 
concerned, relevant chemical contributions to the dielec
tric behavior can only rarely be expected because 
ordinarily the relation rr <3C t,* holds true (as pointed 
out already in the Introduction). Nevertheless there 
might be a number of very fast reaction processes with 
Tr ~  r0h so that sensitive microwave techniques could 
detect the chemical effect along the lines suggested in 
the discussion of case II (as given in the preceding sec
tion). The relation rT rCh—which results in dis
tinctive rotational and chemical dispersion ranges— 
may very well apply to certain macromolecular reaction 
systems. This has been discussed elsewhere for the 
special case of conformational changes of biopolymers.13 
Among other biologically relevant systems similar ef
fects may be encountered.

The phenomenon under consideration is also of con
siderable practicable importance because of the implied 
potentialities to determine chemical relaxation data by 
means of dielectric dispersion measurements at low 
field densities. Unfortunately many reactions of in
terest would not be measurable in this way owing to 
unfavorably high rates of rotational diffusion. In 
taking this as their restricted situation, the question 
arises whether such reaction systems can be manipulated 
somehow so that the dielectric method may be applied 
after all. Apparently it will be necessary to eliminate 
the detrimental influence of rotational diffusion by slow
ing it down. This problem is to be discussed in the 
following section.
V. The Effect of Retarding Rotational Diffusion

We consider a simple reaction process which is of 
much more practical significance than the intramolec
ular transformation (28), namely, the general re
combination-dissociation process

k°aA +  B Kill AB (54)fcoD
(fc°r ,  fc°D  = respective rate constants). The molecules 
of the individual reaction partners may possess the 
respective permanent dipole moments ha, hb, and ;uab- 
By

C ° A B 1

C ° A C ° B ¿ V T o h °
k \ (c °A +  c°B) +  fcD

(55a, b)
(13) G. Schwarz in “ Molecular Relaxation Processes," Chemical 
Society Special Publication No. 20, Academic Press Inc., New York, 
N. Y ., 1966, p 191.
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the apparent equilibrium constant, K * o, and the chemi
cal relaxation time, rch°, respectively, are introduced. 
The latter will usually be much larger than the rota
tional relaxation times for small molecules. As we 
know, this is the most unfavorable case with regard to 
the effect we are interested in. A favorable situation, 
however, would exist if one of the reaction partners is a 
macromolecular particle with rr »  Tch°. Apparently 
the reactant could as well be only a small group which is 
rigidly fixed to such a macromolecule. This indicates a 
potential means to generate a chemical mechanism of 
dielectric relaxation in systems which ordinarily would 
display none. Evidently such an effect may be achieved 
by attaching the molecules of at least one of the reaction 
partners to sufficiently large macromolecules (e.g., by 
chemical binding). They must be bound firmly 
enough so that they cannot rotate freely, but only to
gether with the big particle. Of course, the binding 
must not interfere with the reaction process to be in
vestigated. In principle, the procedure should be 
feasible in many cases of practical interest.

A quantitative discussion is to be carried out now 
with respect to the special process (54). We assume 
that the species B is a reaction site which is rigidly 
bound to big particles with a large rotational relaxation 
time rr(M). The molecules of A are to be free in solu
tion, their rotational relaxation time rr<A) being so 
small that the equilibrium distribution of the dipole 
axes is always established during the course of the 
chemical reaction. It is reasonable to assume further
more that the reaction product AB remains fixed to the 
macromolecular carrier. It should be emphasized that 
no specific assumptions will be made as to how the in
dividual groups B and AB are located relative to each 
other and the carrier. The dipole moment m a b  will 
generally not have the same direction as mb- Hence, 
the change in the fixed dipole moments due to the reac
tion has to be calculated as a vector difference

having axes in the 9 direction (with respect to the 
applied field E ) may be written as

k~S.A +  B(0) ^  AB(0) (59)
k D

Its apparent equilibrium constant
K *  =  k n / k - o  =  7 a b / ( ca7 b )  (6 0 )

will depend on 9 and E . Employing (27) we obtain at 
small field densities
S In K *  = In (K */K ^0) =

¿ { „ „ ( C O .  M . (61)
The first term in the braces represents the change of 
dipole moments due to B -►  AB (E T denotes the respec
tive directing field). The second term takes into 
account the disappearance of an A dipole in compliance 
with the assumption that the distribution of A axes 
is always at equilibrium (E tr designates the directing 
field pertaining to A). This latter term is proportional 
to E 2 and may be neglected at small field densities.

Random distribution of axes—as present for E  =  0 
—is described by

7 ° a b  =  c° a b / 4 tt , 7 ° b =  c°b / 4 tt (6 2 )

Since 7 a b  +  7 b  must remain constant we may write 
in the general case

7 a b  =  7 ° a b  +  x, 7 b  =  7 ° b  — x  ( 63)

Only slight deviations will be caused by the field, thus 
\x\ «  7°AB, 7°B.

During a time interval Ai <K rr(M) we have
Ò7AB _  àx  

òt òt
&kCa7b — A)d7ab =

/cd{í C*Ca7b — 7 a b } (64)
M D = MAB — MB (56)

so that
MD2 = MAB2 +  MB2 — 2gABMB COS  ̂ (57)

where ip represents the angle between gAb and gB.
The direction of gD is suitably chosen as the axis of 

the AB as well as the B groups. Then the concentra
tions of group axes pointing in a certain solid angle (10 
can be introduced analogously as in section III

dcAB = 7 ABdO, dcB = 7 BdO (58)

because 7 ab can be changed then via chemical reaction 
59 but not by rotation. Expression 64 equals zero at 
E  — 0; after applying a small field density E  (so that 
k°D -*■ kn = k°d +  8ko, c°A —► c3A +  ScA), it becomes
r j  =  k ° D { -  ( K * oC°a  +  1 )*  +  
ot

K*o7°b5ca +  7° a b 5 In A*} (65)
as is found by neglecting all terms which are small of 
the second or higher order. The quantity S In K * is 
inserted according to (61). Then we may set

That part of the original reaction (54) which involves 
any A molecule but only those B and AB groups x = F(t)

g D  cos 9 
kT

(66)
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where F(t) does not depend on 0. Under these circum
stances ^  " »Ili«1 - (72)

6c a = 6cb = — 6cab = (67)
i.e., the already mentioned condition that the total 
concentrations of the reaction partners are not changed. 
Using eq 66, eq 65 is finally transformed to

dF 
di

0(1 -  ß)
47T CoE t (68)

(co =  cB +  cab =  constant, /3 =  c°Ab / c0 =  degree of 
complex formation) with

—  =  k ° R c° a  +  fc°D (69)
T'ch

This chemical relaxation time, rch, differs from that 
shown in (55b) because it actually pertains to process 
59 which-—according to (67)—is buffered with respect 
to A. Equation 68 is easily solved; subsequently we 
immediately obtain x by means of (60).

The dipole moment per unit volume induced by the 
chemical effect is given by

AP  = gaN a I md(cos 0 ) x  dO (70)
Jo

(:ga has the same meaning as in eq 47). This is to be 
evaluated for a periodic field of angular frequency «■ — 
with 1/rr(M) «  w «  1/rr(A)— and interpreted in terms 
of the chemical contributions to the dielectric constant, 
Aech7, and the dielectric loss, Aid,”, respectively (using 
eq 1 and 2). The result reads
Aid/ = 1 + W*Tch‘

;Aeoh0, Aech"  = COTch
1 +  « 2Toh2

A«ch°

(71a, b)
where

The factor gT is defined analogously to that in (49a); 
it depends on the special system under consideration. 
For dipole moments which are parallel to the long axis 
of a rodlike macromolecule one can expect gr = 1. 
In any event, an uncertainty in the exact value of gT 
does not interfere with a determination of the kinetic 
quantity rcy.

For a potentional application of the phenomenon as a 
chemical relaxation method it is required that rr(M) 5i> 
rch rr(A) ; i.e., the rotational dispersion ranges of the 
macromolecules (at lower frequencies) and the small 
molecules (at higher frequencies) must be sufficiently 
far off the intermediate range of chemical relaxation. 
Macromolecules with a rriM) below 10 ~5 sec are readily 
available. Sufficiently rigid binding of small reacting 
groups to such large carriers might well be encountered 
in certain systems of interest or could be, in principle, 
achieved deliberately by appropriate procedures. Thus 
the method would be adequate for dipole reactions with 
relaxation frequencies in the megacycle range (i.e., 
Teh «  10~6-10~9 sec). In order to form an idea of 
the magnitude of the effect, eq 72 may be evaluated 
numerically for a special case with 0 = 0.5, md = 3 D., 
c0 = 1 M , and gT = 1. The result is Aeoh° = 0.15. 
For solvents with a dielectric constant e ^ 10 we find 
for the corresponding loss angle Aech"/V ~  lO^-lO-1. 
This is far above the limit of measurability, at least as 
far as (nonaqueous) solutions with little electrolytic 
conductivity are concerned. In the case of cooperative 
reactions even considerably larger effects can be ex
pected (c f. ref 13).
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The average desorption time of cyclohexane and benzene on a nonuniform solid support 
(benzophenone on firebrick) has been experimentally determined by gas-solid partition 
chromatography from the value of the kinetic mass transfer term of the plate height 
equation. This time is less than 10-4 sec for cyclohexane, while for benzene it depends on 
the temperature and varies between 10 ~4 and 10-3 sec. This last value may be explained 
by the existence on this surface of active sites with higher adsorption energy. The dif
ferential enthalpy of adsorption of benzene on the most active sites of the surface which 
can be derived from the variation of the average desorption time with temperature was 
found to be between 11.5 and 14.5 kcal/mole, while the differential enthalpy of adsorption 
on the average surface, calculated from the variation of the retention volume of benzene 
with temperature, is only 8.3 kcal/mole.

Introduction
The study of the adsorption properties of a solid sup

port is conveniently made by gas-solid partition 
chromatography using a systematic investigation of 
the elution peaks of several organic compounds.1 
Retention volumes and their variation with tempera
ture are a measure of the solute-adsorbent interaction 
while the zone profile depends on the rate of desorption. 
However, whereas retention volume measurements 
have been extensively used to derive adsorption iso
therms, heat of adsorption, and entropy of adsorp
tion,1-4 information derived from the zone profile has 
been much less used, probably because it is more difficult 
to account for.

In linear gas-solid partition chromatography the 
zone profile eluted out of the column has a gaussian 
shape. By definition the average plate height, //, is 
related to the standard deviation of the gaussian peak 
by

_ <r2
h  =  l  (1)

Several physical processes are responsible of the zone 
broadening during its elution: molecular diffusion 
in the gas phase, mass transfer in gas and liquid phases,

and unevenness of the carrier gas flow. Assuming 
that these processes are independent and symmetrical, 
we can calculate the plate height in terms of the sum 
of the individual variances of these processes.6 The 
result is known as the plate height equation,6 which 
may be written as

H  = H J  +  C kju 0 (2)
In this equation H e is the sum of the terms which 

originates in the gas phase (molecular diffusion, re
sistance to mass transfer, unevenness of the flow pat
tern, etc); all of these terms are proportional to 
and therefore are constant all along the column. 
According to Littlewood,6 H s is given by

2y D e , ^ , Kuo+  CgUo +  — ! -
u0 Dg -J- üdpiio 1 2 3 4 5 6 (3)

(1) A. V. Kiselev, Gas Chromatog., Proc. Symp., 5th, Brighton, 1964, 
238 (1965).
(2) R. L. Gale and R. A. Beebe, J. Phys. Chem., 68, 555 (1964).
(3) R. D. Oldenkamp and G. Houghton, ibid., 67, 597 (1963).
(4) C. G. Scott. Gas Chromatog., Proc. Symp., 4th, Hamburg, 1962, 
36 (1963).
(5) J. C. Giddings, “ Chromatography,”  E. Heftmann, Ed., Rein- 
hold Publishing Corp., New York, N. Y ., 1961, p 20.
(6) A. B. Littlewood, Anal. Chem., 38, 2 (1966).
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Dg is measured at the outlet pressure; /  and j  are pres
sure correction factors which allow for the influence of 
the zone expansion during its progression along the 
column.7 This results from the carrier gas decom
pression. /  and j  are given by the relations

=  9 (P4 -  1)(P2 -  1)
1 8 (P3 -  l)2  ̂ '

3 P 2 -  1

/varies only from 1 to 1.125 when inlet pressure varies 
from P0 to infinity and may sometimes be neglected. 
In the same conditions/ decreases from 1 to 0.

Ck in eq 2 is the term of resistance to mass transfer 
in the fixed phase and is known as the kinetic mass 
transfer term. This term has been related by Gid- 
dings to the average desorption time.8

The main purpose of our work is to prepare new 
specific adsorbents for gas chromatography from solid 
organic compounds. However, crystals of organic 
compounds have generally no mechanical stability and 
have a very low specific surface; it is therefore necessary 
to disperse them on a solid support. Several solid 
supports can be used. Our work originated from 
Scott’s experiments on benzophenone-coated firebrick.4

Excellent efficiencies can be obtained for alkanes 
when using this phase under the melting point of 
benzophenone. Unfortunately, the efficiency of the 
same column for polar compounds and even benzene 
is quite poor and, especially with this last compound, 
varies largely with experimental conditions.9 This 
observation leads us to make a more detailed study of 
the kinetic mass transfer term.

In a previous paper9 we have discussed the properties 
of the adsorbents obtained by coating benzophenone 
on graphitized carbon black, crushed firebrick C22, 
and chromosorb W. Graphitized carbon black is a 
well-known nonspecific adsorbent with a very homo
geneous surface.1 When benzophenone is coated on 
this support, a new adsorbent is obtained which has 
all the properties of an adsorbent of type III of Kise
lev’s classification1 as expected; nonspecific adsorption 
is observed for saturated hydrocarbons, benzene, and 
ether, as well as for other molecules with t  bonds and 
unshared electron pairs. The adsorption enthalpy of 
these molecules is lower than or near their vaporization 
enthalpy. Molecules with acidic hydrogen, on the 
contrary, such as alcohols and amines, undergo spe
cific interaction with this surface, they have a much 
higher adsorption enthalpy, and their peaks tail badly.

When benzophenone is coated on the diatomaceous 
supports, the result is quite different. The adsorbent 
has properties of type II and III adsorbents at the 
same time. Specific interactions are observed with all 
compounds except paraffins. The ether peak has a 
large tailing even with a very low sample amount (less 
than 0.1 jig). Its retention volume is 8 cm3/m 2 of 
adsorbent surface instead of 1 cm3/m 2 on benzophenone- 
coated graphitized carbon black, and its adsorption 
enthalpy is 2.5 kcal/mole more on the first packing 
than on the last. The difference between the two sup
ports is much less for benzene peak; the retention 
volume and adsorption enthalpy are the same on both 
supports; however, the benzene peak tails somewhat on 
the diatomaceous phase and never on the carbon black 
phase, whatever the benzophenone ratio be.

All of these results show that the surface of the ad
sorbent obtained by coating benzophenone on diatoma
ceous supports is heterogeneous, as could be expected 
from the difficulties to coat an organic solid compound 
on a solid surface. The surface of the adsorbent ob
tained by coating benzophenone or anthraquinone on 
graphitized carbon black is also heterogeneous,10 al
though the influence of the heterogeneity is much less 
important for practical purposes.

We have studied the variations of the kinetic mass 
transfer term of benzene and cyclohexane, and we dis
cuss here the relations between this coefficient and the 
desorption rate constant of these two compounds.
Experimental Section

The apparatus was made in our laboratory. The 
columns can be thermostated at any temperature be
tween — 20 and +90° at ±0.1°, with a water or a water 
and glycol bath. The inlet pressure of the column is 
regulated with a Negretti and Zambra valve. The 
flame ionization detector is of a design described by 
Halasz and Schreyer11 with a grounded platinum burner 
and a platinum cage electrode. A splitting system12 
allows reproducible injection of very small samples in the column.

A splitting ratio of 1:1000 is used for liquid samples 
and a ratio of 1:10 for methane. The other part of 
the sample is discarded to the atmosphere. The 
internal volume of the injector is 0.3 cm3; since it is
(7) J. C. Giddings and P. D. Schettler, Anal. Chem., 36, 1483 (1964).
(8) J. C. Giddings, ibid., 36, 1170 (1964).
(9) C. Vidal-Madjar and G. Guiochon, Bull. Soc. Chim. France, 1096
(1966) .
(10) C. Vidal-Madjar and G. Guiochon, Separation Sci., 2, 155
(1967) .
(11) I. Halasz and G. Schreyer, Chem. Ingr-Tech., 32, 675 (1960).
(12) H. Bruderreck, W. Schneider, and I. Halasz, Advan. Chromatog., 
91 (1967); J. Gas Chromatog., 5, 217 (1967).
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upstream to the splitter, its contribution to the ap
paratus dead volume is divided by the splitting ratio. 
The detector volume is 10 ¡A. These contributions 
are negligible compared to the column gas holdup of 
5 cm3.

Columns were made with copper tubing of 2-mm
i.d. and 2-m length. The sieved firebrick C22 (125- 
160 n) is acid-washed. The benzophenone is dis
solved in acetone, the liquid is mixed up with firebrick, 
and the solvent is removed at a temperature above the 
melting point of benzophenone (49°). The amount of 
the benzophenone deposited on the support is given as 
a percentage of the total weight of packing. The 
amount of solute injected into the column is about
0.1 ng, except when the influence of a large load is 
studied.

The outlet linear velocity of the carrier gas is ob
tained from the retention time, tm, of an unretained 
component multiplied by j  for the pressure correction

LWo = — 
jtm

Methane, which is not adsorbed by either the diatoma- 
ceous support or the benzophenone, is injected into the 
column at the same time as the solutes to be studied; 
so for each experimental determination of the plate 
height equation the outlet linear velocity is known 
with accuracy.

The kinetic mass transfer term, Ck, has been cal
culated as indicated by Giddings and Schettler.7 
Two series of measurements of H  at various values of 
the carrier gas velocity are carried out using two dif
ferent carrier gases, hydrogen and argon. Equation 2 
may be rearranged to

H

f
H g +  Ck—"jD & u0

f  D g
(6)

As pointed out earlier, H g depends only on x =  
u0/Dg. j/ f  is a function of u0 as well as H /f. If the 
experimental values of H / f and j D J f  are plotted vs. 
x  — Uo/Dg, for the two series of measurements, as was 
done in Figures 1 and 2, we have for a given value of x

f ) ,  -  h m  + M f ) . (70

?), = h ‘ { x ) + M f ) . (7'0
where subscripts 1 and 2 relate to the values obtained 
with hydrogen and argon as carrier gas, respectively. 
In these two equations x  and H e(x) are the same. 
Therefore

A (H/f) 
x A (jD e/f) (8)

where A (R /f) and A ( jD J f )  are, respectively, the dif
ferences between the values measured or interpolated 
for H / f on the two curves in Figure 1 and for j D J f  on 
the two curves in Figure 2 at the same value of x.

D g is the diffusion coefficient of the solute in the gas 
phase. It has been calculated according to the Chap- 
man-Enskog equation.13 At 20°, D g is 0.073 and

x , cm“1.
Figure 1. Determination of the coefficients of the plate height 
equation for benzene at —9°. Column (2 m) packed with 
3%  benzophenone on firebrick. Plot of H / f  v s . x :

I, hydrogen; II, argon.

x, cm“ 1.
Figure 2. Determination of the coefficients of the plate height 
equation for benzene at —9°. Column (2 m) packed with 3%  
benzophenone on firebrick. Plot of j D g/ f  v s . x :

I, hydrogen; II, argon.

(13) J. O. Hirschfelder, C. F. Curtiss, and R. B. Bird, “ Molecular 
Theory of Gases and Liquids,”  John Wiley and Sons, Inc., New 
York, N. Y., 1954, p 539.
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0.34 cm2 sec- 1  for cyclohexane in argon and hydrogen, 
respectively, and 0.077 and 0.40 cm2 sec- 1  for ben
zene.

The Ck term of benzene at —9° is thus obtained from 
the curves given in Figures 1 and 2. The mean of ten 
values of Ck obtained for x  = 1 0 0 , 2 0 0 , . . . ,  1 0 0 0  cm- 1  

is 0.60 msec, and the standard deviation is 0 . 0 2  msec.
To measure Ck with accuracy, it is necessary to work 

at great linear velocities where H g is well represented 
by eq 3. In the experiments discussed here the nu
merical values of the constants are a =  0.24, dp = 140 
p, and 7  = 0.75.

Equation 3 can also be written to compare the per
formances obtained with different carrier gases

H g =  —  +  CgD gx +  * X - 
x  1 +  adpX

(9)

where CgD g is independent of the nature of the car
rier gas; it is well known that the resistance to mass 
transfer in the gas phase is inversely proportional to 
the diffusion coefficient.8 K  and Cg have been exper
imentally determined from a plot of [(Hg/x) — (2y/ x2) ] ■ 
(1 +  adpx) vs. x, which according to the theory should 
be a straight line that intercepts the x  = 0 axis at K  
+  CgD g. The slope of this straight line should be 
C gD gadp = 3.36 X 10~3C'g7)g (Figure 3). The exper
imental points are in excellent agreement with this 
theoretical statement; the points corresponding to the 
experiments made with the two carrier gases are on a 
common straight line at high linear velocities (x =  180). 
No data are shown. Figure 3, in the low velocity range 
where molecular diffusion in the gas phase is dominant. 
A value of 0.75 has been assumed for the tortuosity

Figure 3. Determination of the coefficients of the plate height 
equation for benzene. Plot of [{HJx) — (2y/x2)](l +  
adpx) vs. x: I, hydrogen; II, argon. Same conditions
as for Figures 1 and 2.

factor which characterizes the contribution of the 
axial diffusion, as suggested in the literature for packed 
columns.6 It has not been experimentally determined, 
which may introduce a small systematic error only in 
the lower velocity range. Least-square fit analysis of 
the experimental data obtained for cyclohexane and 
for benzene at x  = 180 and at all temperatures studied 
give in each case the same numerical values: CgD g =  7 
X 10~ 5 cm2 and K  =  40 X 10~ 6 cm2.

This result is a confirmation of the validity of eq 2, 
and at the same time it indicates that the large dif-

Figure 4. Determination of the kinetic mass transfer term of 
the plate height equation for benzene at 20° (same column 
as for Figures 1 and 2). Plot of H/f vs. x:
I, hydrogen; II, argon.

Figure 5. Determination of the kinetic mass transfer term of 
the plate height equation for cyclohexane at 20 and —9° 
(same column as for Figures 1 and 2). Plot of H/f vs. x:
I, 20° hydrogen; II, 20° argon; III, —9° hydrogen;
IV, —9° argon.
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Table I : Kinetic Mass Transfer Term, Experimental Time of Desorption, and Calculated Value for a Perfectly 
Uniform Surface, Heterogeneity Factor, and Difference in the Adsorbent Energy of the Active Sites

Solute-

T, °K
✓------Cyclohexane------> ^

293 264 293 285
---- Benzene--------

277.5 268.5 264
R 0.36 0.14 0.27 0.22 0.15 0.10 0.07
Ck (exptl), msec <0.05 <0.05 0.15 ±  0.05 0.25 ±  0.05 0.35 ±0 .05 0.50 ±  0.05 0.60 ±  0.05
id (exptl), msec <0.1 <0.2 0.4 ±  0.1 0.7 ±  0.2 1.3 ±  0.2 2.8 ±  0.3 4.6 ± 0 . 4

Ijid° X 105, msec 0.8 2.8 1.2 1.6 2.5 4.0 6.0
a =  1 * S X i o -4 <1 <1 3 4 5 7 8

l' A Hi, kcal mole-1 <6.2 <5.4 6.9 ±  0.2 6.8 ±  0.2 6.8 ±  0.2 6.7 ±  0.2 6.6 ±  0.2
ilid0 X 106, msec 8 28 12 16 25 40 60

a =  0.1 ■<S X 10-4 <0.1 <0.1 0.3 0.4 0.5 0.7 0.8
1' Affi, kcal mole-1 <5.0 <4.2 5.6 ±  0.2 5.5 ±  0.2 5.5 ±  0.2 5.5 ±  0.2 5.4 ±  0.2

ference between the values of H  measured for these 
two compounds are to be found in the term of resist
ance to mass transfer in the adsorbed phase. In 
Figures 1, 4, and 5 the experimental data H /f are 
plotted vs. uo/Dg for benzene at temperatures of —9° 
(Figure 1) and 20° (Figure 4) and for cyclohexane at 
the same temperatures (Figure 5). In these figures 
the theoretical curves given by eq 2  with numerical 
coefficients determined as indicated above are drawn.

The kinetic mass transfer terms, Ck, are reported in 
Table I, for cyclohexane and benzene on the column 
packed with 3% benzophenone on firebrick.

The differential enthalpy of adsorption AH0, given in 
Table II, is calculated from the slope of the straight 
line obtained by plotting the logarithm of the capacity 
factor kr =  (1 — R)/R  vs. the reciprocal of the absolute 
temperature.

Table II: Differential Enthalpies of Adsorption on Firebrick 
Uncoated and Coated with Benzophenone

--------A H q, kcal mole
A H Vt 3%
kcal benzophenone

Solute mole-1 on firebrick Firebrick
Cyclohexane 7.9 7.9 8.2
Benzene 8.1 8.3 13.6
n-Heptane 8.7 9.1 10.0
Isooctane 8.4 9.2 10.2

The latent heat of vaporization AH v is determined 
from the variation of the vapor pressure with absolute 
temperature. 14

The surface areas of the samples of firebrick coated 
with different ratios of benzophenone were measured 
with the BET method. They are given in Figure 6 a.

Results
Chromatographic Properties of Firebrick Coated with 

Benzophenone. They are summarized in Figure 6  

which gives the variations with the ratio of benzophen
one on firebrick of: (a) the specific surface area of the
adsorbent, (b) the retention volume per unit surface 
area of packing of four compounds at 2 0 °, and (c) the 
efficiency of the column for these compounds.

The surface area of the adsorbent decreases markedly 
only at very large ratios of benzophenone. Qualita
tively however, the surface properties are changed 
even for a small ratio of benzophenone; the surface 
becomes more homogeneous and its specific interaction 
with 7r electrons is weaker.

The surface is more homogeneous. The enthalpy 
of adsorption (Table II) and the specific retention 
volume of paraffins (Figure 6 b) are smaller on the 
benzophenone-firebrick adsorbent than on the bare 
firebrick; also the adsorption isotherm is linear for 
a much larger range of sample size. On the bare 
firebrick even peaks of 0 .1-/rg samples of paraffins tail.

The specific interaction of the surface with benzene 
is weaker. The retention volume is much decreased 
by the first addition of benzophenone (Figure 6 b) and 
the peak tailing due to nonlinearity of the isotherm at 
small sample size3 disappears. The elution order 
changes; benzene is eluted after n-heptane and isooctane 
on bare firebrick and before them on firebrick coated 
with 3% benzophenone.

The heat of adsorption of benzene on this last ad
sorbent is almost equal to its heat of vaporization and 
is 5  kcal/mole less than the heat of adsorption on the 
bare firebrick (this last value is calculated from benzene 
retention times at zero sample size, derived by extrap-
(14) C. D. Hodgman, Ed., ' ‘Handbook of Chemistry and Physics,” 
42nd ed, The Chemical Rubber Publishing Co., Cleveland, Ohio, 
1961.
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1

Time, min.

Figure 7. Chromatograms of methane (1), cyclohexane (2), 
and benzene (3) at 20° (same column as for Figures 1 and 2). 
Carrier gas, hydrogen; inlet pressure, 2.45 atm.

Figure 6. Variations with the percentage of benzophenone of 
(a) the specific surface area of crushed firebrick coated with 
benzophenone, (b) the retention volume per surface area of 
this packing at 20°, and (c) the minimum plate height of 
the column: (1) cyclohexane; (2) m-heptane;
(3) isooctane; (4) benzene.

olation from measurements of retention times with 
various sample sizes in the 0.1-10-/ug range).

On the other hand, when benzophenone is coated on 
graphitized carbon black, no tailing is observed, 
either for ether or for benzene peaks.

K inetic M ass Transfer Term. The kinetic mass 
transfer term has been calculated according to the 
eq 2. This equation is valid as far as the elution 
curve is gaussian. Accordingly, the Ck term has been 
measured only for the column packed with 3% 
benzophenone deposited on firebrick (Table I). The 
elution peak of cyclohexane is gaussian at all tempera
tures and for all of the carrier gas velocities as it is 
shown on the chromatograms of Figures 7 and 8. 
For benzene, however, the elution peak presents a 
slight tailing at temperatures higher than 15° when 
the linear velocity is smaller than about 30 cm sec-1. 
As can be seen in Figure 4 the efficiency measured 
for benzene is smaller than expected from theoretical 
considerations at these small linear velocities, so that 
eq. 2 does not fit accurately the experimental points 
in the velocity range 5-30 cm sec-1. This phenomenon

Figure 8. Chromatograms of methane (1), cyclohexane (2), 
and benzene (3) at —9° (same column as for Figures 1 and 
2). Carrier gas, hydrogen; inlet pressure, 2.45 atm.
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happens also with the column packed with 16.7%  
benzophenone deposited on firebrick; in this case 
tailing is more pronounced although the adsorption 
isotherm is still linear in the range of pulse sizes studied.

For the column packed with 3 %  benzophenone 
deposited on firebrick, the experimental points are 
quite well represented by the theoretical plate height 
equation whenever the peak has a gaussian shape (Fig
ures 1, 2, and 5).

Average Time of Desorption. The average time of 
desorption id on the different kinds of sites is related to 
Ck by the equation15

Ck =  277(1 -  R)td (10)

The values of £d are reported in Table I.
The average desorption time of cyclohexane on this 

surface is too small to be measured by this method. 
The two plots of H /f vs. x for argon and hydrogen car
rier gas cannot be distinguished because of the scattering 
of the experimental points. From the standard devi
ation of these data from eq 10 it results that the average 
desorption time of cyclohexane is certainly less than 
10~4 sec. The value predicted for a perfectly uniform 
and inert surface is however about 10-8 sec.8 The 
average desorption time of benzene is large enough to 
be measured. In the temperature range studied here, 
it varies between 10~3 and 10-4 sec.

A plot of the logarithm of the average desorption 
time of benzene vs. the reciprocal of the absolute 
temperature (Figure 9) is linear. The errors made 
on the different values are given in Figure 9. Rela
tively great absolute errors are made, which vary 
from 25 to 10%  of the value of the desorption time 
(Table I). The differential enthalpy of adsorption of 
benzene on the most active sites has been derived 
from this plot according to eq 17 below. It is between
11.5 and 14.5 kcal/mole.

Discussion
A surface prepared by coating crushed firebrick 

with benzophenone should be expected to show a high 
degree of heterogeneity toward compounds with tv 
bonds or unshared electron pairs because it is known 
that on the firebrick surface there are OH groups with 
strong electron affinity whereas the benzophenone 
surface has a relatively high density of negative 
charges from t  bonds. However such a high degree 
of heterogeneity as exhibited by this surface and il
lustrated by the high values of the average desorption 
time of benzene may be accounted for either by geomet
rical defects of the surface such as micropores or by 
heterogeneity of the adsorption energy of some active 
sites.

Figure 9. Plot of log h  vs. 1/T (°K ) for benzene 
(same column as for Figures 1 and 2).

As an example of the first phenomenon Eberly,16 
in the course of a study of the adsorption kinetics of 
n-butane on silica gels, has measured very large de
sorption times (up to 10 sec) which, he could show, were 
caused by micropores on the silica gel surface.

The existence of micropores or other geometrical 
defects on the benzophenone surface cannot, of course, 
be completely ruled out. In fact, it is probable that 
micropores appear at high ratios of benzophenone and 
therefore that some eventually exist at the lower 
ratios. When carrying out the surface area measure
ments, a slight hysteresis was observed during nitrogen 
desorption from the surface of the 16.7% benzophenone 
sample; a strong hysteresis was observed in the same 
conditions with the 50%  sample. Furthermore, with 
the 16.7% benzophenone packing the benzene peaks 
show a marked tailing with no change of the retention 
volume when the sample size varies between 0.1 and 20 
/ig. Cyclohexane and alkanes have a similar behavior. 
On the contrary, packings with 10%  or less benzo
phenone ratios do not exhibit such chromatographic 
properties which are in agreement with the existence 
of a sizable number of micropores at high benzophenone 
ratios and few if any at the lo-wer ratios.

In the present case therefore, where systematic mea
surements were carried out on a 3 %  benzophenone 
packing, the heterogeneity of the surface resulting 
from different types of sites is a much more probable 
explanation. It is highly improbable that the fire
brick surface be uniformly covered by benzophenone

(15) J. C. Giddings, J. Chromalog., 3, 443 (1960).
(16) P. E. Eberly, J. Appi. Chem., 14, 330 (1964).
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crystals because of its intricate geometrical structure17 
and because 3 %  by weight is only approximately 
the amount corresponding to a monolayer. An X-ray  
diffraction diagram of the crushed firebrick coated with 
3 %  benzophenone shows the same diffraction line 
profiles as the diagram obtained for the powder of 
pure benzophenone; the lack of any line broadening 
shows that the average dimensions of the benzophenone 
crystals in the packing exceed 0.1 p or so.18 19 Careful 
examination of the packing particles with an optical 
microscope fails, however, to reveal organic crystals 
which therefore have average dimensions of less than 
1 g. A  simple calculation shows that if the average 
crystal dimensions are 0.1 p, their density would be 
2.5/V2 which would leave practically all of the firebrick 
surface uncovered. Although the intensity of the X -  
ray diffraction lines accounts roughly for the known 
amount of benzophenone in the packing, it would 
be possible that a limited fraction of benzophenone 
exist as a monolayer or very small crystallites.

The difference of the behavior of benzene and ether, 
which have the same electronic properties as far as 
physical adsorption is concerned and behave similarly 
on homogeneous surfaces,1’9 is another argument 
for a broad spectrum of adsorption energies; if the 
large values of the heterogeneity factors result from 
adsorption in micropores, the two compounds would 
have the same chromatographic behavior. On the 
contrary, benzene gives symmetrical peaks and linear 
isotherms on firebrick coated with 3 %  benzophenone 
whereas ether gives strongly tailing peaks and non
linear isotherms with 0.1-,ug samples. This difference 
can be explained if there are different types of adsorp
tion sites because benzene has a zero dipole moment 
and therefore its interactions with the most active 
sites can be more easily decreased.

Thus there is conclusive evidence that the benzo- 
phenone-coated firebrick has a heterogeneous surface, 
most active s'tes for benzene adsorption being on the 
firebrick surface as previously shown9 by comparison 
of the benzene and ether elution peaks on packings 
made with benzophenone coated either on firebrick or 
on graphitized carbon black. A  quantitative study 
of this adsorption energy heterogeneity is possible if 
one assumes the simple model of a surface with only 
two kinds of adsorption sites, the most active sites 
being very few and covering a very small part of the 
surface area.

For a completely uniform surface the desorption 
time is given by8

td°
4 F q 1 -  R
acA R (11)

¿d° is the average time that a molecule stays on the sur
face of the adsorbent. It is identical with the “ ad
sorption time” defined by De Boer19 and from the 
temperature variation of which the adsorption en
thalpy may be derived.16 It is obvious from eq 11 that 
the change of fd° with temperature follows that of (1 — 
R)/R since the temperature dependence of c is very 
small in comparison

Aff„
ò In fd°

rà ( l / T )

ò In
1 -  R 

R
ò (l /T)

(12 )

Accordingly the differential enthalpy of adsorption 
Aff0 is derived from gas chromatographic measurement 
of the column capacity factor, k' =  (1 — R)/R, at var
ious temperatures. The contribution of adsorption ki
netics to the mass transfer term of the plate height 
equation for a completely uniform surface is given by 
combination of eq 10 and 11

C k
8(1 -  R)Wg 

acA (13)

For a nonuniform surface Giddings has defined the 
heterogeneity factor as

o  _ O^i)2 _ p _____ oicA_____
“  ^  at k8 (l -  R)WG

(14)

Xi and oq denote, respectively, the fraction of the mole
cules which are adsorbed on the zth type of sites and 
the fractional area of these type of sites. The density 
of adsorption is then pt — aq/«q. S is the ratio of the 
experimental kinetic mass transfer coefficient to the 
value of this coefficient calculated for a uniform sur
face. As previously explained we assume the exis
tence of only two kinds of sites on the surface made 
by depositing benzophenone on firebrick, the most 
active sites being very few and so covering a very 
small part of the surface area (oi ~  1; a2 «  1). Then 
the summation term becomes as indicated by Giddings

X\2 x22 Pi— H------ ---= X\X2—
Oi a2 Pi

(15)

The product xix2 reaches a maximum value of 0.25 for 
xi =  x2 =  y*.

For a nonuniform surface, the temperature variations 
of (1 — R)/R will still give Aff0, the differential adsorp
tion enthalpy on the first type of sites, those numerous

(17) D. M. Ottenstein, J. Gas Chromatog., 1 [4], 11 (1963).
(18) B. D. Cullity, “ Elements of X -R ay Diffraction,”  Addison- 
Wesley Publishing Co., Reading, Mass., 1956, pp 98, 261.
(19) J. H. De Boer, “ The Dynamical Character of Adsorption,” 
Clarendon Press, London, 1953.
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sites which cover most of the surface. The variation 
of td with the temperature will give the differential 
adsorption enthalpy on the most active sites. Com
bining eq 10, 14, and 15 and assuming that x\Xi is 
maximum we obtain

F g 1 -  R »  
acA R pi

(16)

The variation of td with temperature will therefore be 
given by

d In id 

rö (l /T)
AH0 +  rà In (p2/pi)

ö (l /T)
— AHq -f- AIR (17)

A Hi. = rT In -  (18)
P i

Pi/p i is derived from the heterogeneity factor by eq 15. 
As results from data given in Table I, AHd is between
5.5 and 7 kcal/mole for benzene at any temperature 
if the accommodation coefficient is between 0.1 and 1. 
The adsorption energy on the most active sites, AHo +  
AHi, is thus between 13.8 and 15.3 kcal/mole.

The adsorption enthalpy on the most active sites 
may also be derived from the temperature variation 
of the average desorption time

AH ö In id
r à ( l / T )

(19)

AH0 is derived from the temperature variation of the 
capacity factor. Equation 17 allows us therefore to 
calculate the difference in the adsorption energies of 
the two kinds of sites.

Values of the average desorption time, id, for benzene 
and cyclohexane at various temperatures on the column 
packed with 3 %  benzophenone deposited on firebrick 
were derived from experimental values of Ck according 
to eq 10. They are given in Table I, together with the 
corresponding values td° for a completely uniform sur
face calculated according to eq 11 with F g =  5 cm3, 
A =  9 X  104 cm2, 3 g of a packing with a specific sur
face area of 3 m2/g , c =  5 X  104 cm sec-1 , and with 
two values of the accommodation coefficient, 0.1 
and 1. In the same table is given the heterogeneity 
factor determined as the ratio of the experimental and 
calculated Ck values (eq 14).

The values of the surface heterogeneity factor for 
benzene are very large at any temperature, the accommo
dation coefficient being 0.1 or 1. The heterogeneity 
factor is at least ten times smaller for cyclohexane. 
The comparison of the adsorption mechanisms of 
benzene and cyclohexane would have been an indication 
of the exact contribution of the difference in the ad
sorption energies of the two kinds of sites to the benzene 
heterogeneity factor. Unfortunately, this comparison 
is impossible since it would have been necessary to 
measure the average desorption time of cyclohexane, 
or an upper limit of it, with a 100-fold smaller error, 
which is impossible in the present state of the art 
(Table I).

Some interesting results, however, may be derived 
from the data obtained for benzene; they too confirm 
that the large kinetic mass transfer term observed for 
benzene results from the surface heterogeneity. If the 
only difference between the adsorption properties of 
two kinds of sites is a difference, AHi, in their adsorp
tion energies, then AH% is given by8

From the experimental data (Figure 9) it results that 
AH is between 11.5 and 14.5 kcal/mole. Both values 
of the adsorption energy on the most active sites, de
rived from the values of the heterogeneity factor and 
from the temperature variation of the average desorp
tion time, are in good agreement with the differential 
adsorption enthalpy of benzene on uncoated crushed 
firebrick, 13.6 kcal/mole (Table II).

Whenever the elution peak is gaussian, the determina
tion of the plate height and the derivation of the kinetic 
term of resistance to mass transfer are straightforward. 
Then the experimental results are in good agreement 
with the theoretical predictions by Giddings for a 
surface having active sites of high adsorption energy. 
When peaks are tailing, however, it is not possible to 
account for the experimental results this way; the 
plate height which is directly related to the standard 
deviation of a gaussian curve has no more sense. A  more 
sophisticated theory would be needed to account for 
these tailing peaks, when tailing has a kinetic origin 
and is not related directly to the curvature of the ad
sorption isotherm.

Even when there are on the surface some active 
sites of high adsorption energy, leading to measurable 
band broadening, the kinetic term of resistance to mass 
transfer is relatively small. In the particular case 
studied here, this term is between 0.1 and 1 msec for 
benzene. With the same column, at a temperature 
above the melting point of benzophenone (49°) the 
term of resistance of mass transfer of benzene in the 
liquid phase is 1.6 msec, a value which is typical of 
what is currently obtained in gas-liquid partition 
chromatography. This comparison illustrates fairly 
well why the potentialities of gas-solid partition 
chromatography are much brighter than those of 
gas-liquid partition chromatography while this work 
shows the great experimental difficulties still to be 
overcome: the energetic heterogeneity of most exist-
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ing surfaces and the large term of resistance to mass 
transfer in the gas phase which most often is the 
major contribution to the plate height at large car
rier gas velocities.
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Appendix
Nomenclature
A, cm2 a
a.

Cg, sec
Ck, sec
c, cm sec-1 
dp, cmDt, cm2 sec-1 
/  
j_H, cm H g, cm
K, cm2

Surface area of the packing 
Constant of the coupling term of the plate 

height equation
Fractional area occupied by ith  type of 

sites
Gas-phase mass transfer term of the plate 

height equation
Kinetic mass transfer term of the plate 

height equation 
Mean molecular velocity 
Packing particle size 
Diffusion coefficient in the gas phase 
Pressure correction term 
Pressure correction term 
Plate height
Part of plate height which originates in the 

gas phase
Constant of the coupling term of the plate 

height equation

k'L, cm PPo, kg cm“2 R
r, kcal/deg 
ST, °K 
/d°, sec
Id, sec tm, secU, cm3/m 2
Mo, cm sec-1 Vg, cm3 x, cm“1 
Xi

aAHo, kcal mole“1
AH, kcal mole“1
AHi, kcal mole“1
AHV, kcal mole“17
P i

Column capacity factor 
Column length
Ratio of inlet to outlet pressure 
Outlet pressure
Ratio of air peak retention time to com

ponent retention time 
Gas constant 
Heterogeneity factor 
Temperature
Desorption time for a completely uniform 

surface
Average desorption time 
Elution time of methane 
Retention volume per surface area of pack

ing corrected for dead volume 
Outlet linear velocity 
Gas volume of a column x = Uo/Dg
Fraction of adsorbed molecules on Ith  types 

of sites
Accommodation coefficient 
Differential enthalpy of adsorption on the 

average surface
Differential enthalpy of adsorption on the 

most active sites of the surface 
Difference in the adsorption energy on a 

heterogeneous surface 
Latent heat of vaporization 
Tortuosity factor
Adsorption density on ith  type of sites 
Standard deviation
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A Modified Equation for Pore Volume and Area Distributions 

in Finely Divided and Porous Materials

by P. T . John and J. N. Bohra

N ational P hysica l Laboratory, N ew  D elhi, In d ia  (.Received January 4, 1967 )

The Pierce equation has been modified, and using this equation, the pore volume and 
surface area have been computed from the desorption isotherm using the film thickness 
and Kelvin’s radius. The equation is first solved for the pore volume using the pore radius, 
film thickness, and the observed desorbed volume. Substituting this value of pore volume 
in the equation, which relates the volume, surface, and radius of an open-ended cylinder, 
the surface area is determined. The computed values show good agreement with the 
experimental values.

Introduction

The determination of pore volume and surface area 
distributions in a porous system gives an insight into 
its physical structure. Shull1 was one of the first to 
determine pore size distribution from gas desorption 
data. Barrett, Joyner, and Halenda2 have described 
a theory and method for calculating the distributions. 
Pierce3 has described a simplified method based on 
Kelvin’s equation radii for computation of the pore 
size and surface area distributions from nitrogen de
sorption isotherms. The method involves fewer pa
rameters when compared to those of Barrett, et al.2 
Orr and Dallavalle4 have followed the method of Pierce3 
using modified values of film thickness. Their 
values seem to have been computed from an empirical 
equation, whereas those of Pierce are from experimental 
observations. According to Shull1 it is probably better 
to use the flat-surface experimental data of film thick
ness.
Method of Computation

The BJH data2 published by Pierce3 are used in the 
present computations. The data are taken from the 
nitrogen desorption isotherm for bone-char. The 
derivation of the equation of Pierce, modified by the 
authors, is given below. Initially, at saturation pres
sure Pt), all the pores of adsorbent are supposed to be 
completely full. It implies that there is no surface 
available for adsorption. Let the vapor pressure be 
reduced in small decrements from P 0 to Pi. For ni

trogen adsorption the capillary radius corresponding to 
any pressure P is given by Kelvin’s equation.3

r  = 4.14/ln (P0/P) (1)
When pressure is reduced from Po to Pi, capillaries of 
radii larger than r, will be emptied. Let the pore size 
of capillaries of radius r, be R\ and the corresponding 
film thickness is then fi. Hence

Pi = Ti +  t\ (2)
Let the mean values of pore radius, capillary radius, 
and film thickness in the vapor pressure range P0-Pi 
be Pi, ?i, and fi, respectively. Note that
Pi = (Pi +  Po)/2, f\ = (ri +  n)/2,

and = (h +  t0)/2

The volume of vapor desorbed, when pressure changes 
from P0 to Pi, from the pores of mean pore radius, Pi, 
may be looked upon as the difference between the pore 
volume of pores of mean radius, Pi, and the volume of 
vapor adsorbed on the walls of those pores. Let the 
volume of these pores be v\. The area contributed by 
these pores can be written as
(1) C. G. Shull, J . A m . Chem. Soc., 70, 1405 (1948).
(2) E. P. Barrett, L. G. Joyner, and P. P. Halenda, ibid., 73, 373 
(1951).
(3) C. Pierce, J . P h ys . Chem ., 57, 149 (1953).
(4) C. Orr and J. M. Dallavalle, “ Fine Particle Measurements,”  
Macmillan and Co., London, 1959, p 272.
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AAi = (2d1)(0.001558)/10^i cm2
A A t = (2i’i)(0.001558)/10_4i?i m2 (3)

Area AAi is determined after finding the value of Vi 
(see eq 6). Pore volume, vi, multiplied by 0.001558 is 
the volume of the pore when Vi is expressed in cc of gas 
volume. Radius and thickness are measured in ang
stroms. The volume Pi (in cc of gas) that remains 
adsorbed on the walls of the pores is given by

Pi =  A Ai(<i/3.6)0.23 (4)

The film thickness divided by 3.6 gives the number of 
layers of molecules, since one molecule is 3.6 A in size. 
A unimoleeular layer of nitrogen on 1 m2 is equal to
0.23 cc of gas at STP. Substituting eq 3 in eq 4 we 
get

Pi = (2t*) (0.001558) (0.23Zi)/3.6 X 10-%  (5)
The amount desorbed (which is the observed value) 
when the pressure changes from P0 to 1\ is given by

Vo -  Pi = AVi = Vi -  Ft (6)
Substituting the values of Pi in eq 6, V\, the only un
known quantity in eq 6, can be determined. Consider 
the next decrement of vapor pressure from Pi to P2. 
At P2, let the pore radius, capillary radius, and film 
thickness be P2, r2, and f2, respectively, and the cor
responding mean values for the range Pi~P2 be P2, 
f2, and f2, respectively. When pressure is changed 
from Pi to P2, there will be desorption from pores whose 
mean pore radius is P2. Let the volume of these pores 
be v2. The contribution of area by these pores is given
by

AA2 = (2w2)(0.001558)/10-4P2m2 (7)
The volume of vapor (in cc of gas at STP) that remains 
on the walls of the pores of mean pore radius P2 is 
given by

P2 = AA2(i2/3.6)0.23 (8)
where

U. =  (¿2 +  ti) /2
In addition to the above-mentioned desorption, when 
the vapor pressure is changed from Pi to P2 there will 
be thinning of the adsorbed layer from the walls of 
pores whose radii are larger than P2. The area of such 
pores has already been found to be AAi. The volume 
/ 2 evaporated from these walls is given by the expression

/ 2 = AAi[(h -  i2)/3.6]0.23
f t  = AAi(A£2/3.6) (0.23) (9)

Hence

Vi — F2 — AF2 = Vi — F2 +  f i  (10)
Referring to eq 6 it may be stated that /i is zero since 
there existed no area from where evaporation could 
take place. Similarly, when vapor pressure is changed 
from P 2 to P3

Vi — Va ~ AVz =  Vi —  Fi -f- fi (11)
where

Fi = AA3(i3/3.6)(0.23)
where

h — {ti +  t2) /2
and

f i  = (AAi +  AA2)(A*3/3.6)(0.23)
where

A ti =  ti — ti

Hence, the general equation can be written as
V m- 1 — V m = AV m =  vm — F m +  f m (12)

where Fm_i and V m are, respectively, the volume of all 
the pores whose radii lie between Pm_2 and P m_i, and 
Pm—i and Rjn.

Fm = (2vm) (0.001558^/3.6) (0.23)/
10~4Pm = AAm(?m/3.6)(0.23)

where
Rm — (Pm—1 +  Pm)/2

and
1m = (tm-l  +  tm) /2

and
A A m = (2vm) (0.001558)/10_4P m (13)

f m = (AAi +  . .. +  AAm_i)[(im_, -  O/3.6](0.23)
i  =  m — 1

U  = (Aim/3.6)(0.23) E  AA,
i =  1

This type of calculation is carried out to a pore size 
where capillary condensation is almost negligible.

Sample Calculations. (1) Referring to Table I, con
sider the desorption when the relative pressure is 
changed from 1.00 to 0.967. Substituting the value of 
AAi from eq 3 in eq 4, when m =  1 we get

Pi = 2di(0.001558) (h/3.6)(0.23)/P i X 10"4
Pi = 2»i(0.001558)(15.25 X 0.23)/500 X 10-4

where Ii/3.6 =  fi\ («i is the mean number of molecular

The  Journal  o f  P hysical  Chem istry



A Modified Equation for Pore Volume and Area Distributions 4043

Table I : Calculation of Pore Volume and Surface Area Distribution for Bone-char

P/Pa V R n vb Ve V* A  Ab A  Ac A  Ad
1.000 152.0 19.0
0.967“ 145.2 340 11.5 8.8 8.7 1.9 0.54 0.54
0.961 142.5 280 10.4 3.4 3.43 4.9 0.34 0.34 0.40
0.953 138.0 240 9.2 5.8 5.83 1.5 0.69 0.70 0.72
0.950 135.2 230 8.8 3.4 3.66 3.5 0.45 0.48 0.51
0.947 130.5 220 8.5 6.2 6.29 6.5 0.85 0.87 0.53
0.941 127.3 190 7.9 3.7 3.91 3.2 0.56 0.59 1.09
0.937 123.5 180 7.5 4.9 4.93 4.7 0.82 0.83 0.89
0.932 119.2 160 7.1 5.4 5.63 5.3 1.06 1.03 1.06
0.927 115.3 150 6.8 5.0 5.20 4.8 1.00 1.04 1.04
0.921 110.3 140 6.5 6.6 6.78 6.2 1.41 1.46 1.44
0.915 105.9 130 6.2 5.7 5.82 5.5 1.31 1.34 1.47
0.906 99.8 120 5.8 8.6 8.76 8.5 2.13 2.18 2.24
0.897 93.0 110 5.4 7.9 8.06 8.1 2.13 2.18 2.38
0.886 86.3 100 5.1 8.9 8.98 8.6 2.62 2.66 2.82
0.870 77.5 88 4.7 11.4 11.66 11.6 3.77 3.87 4.26
0.850 68.5 75 4.3 11.5 11.88 11.8 4.40 4.57 4.88
0.823 58.7 65 3.9 12.4 12.97 12.7 5.48 5.77 6.09
0.808 54.6 59 8.6 3.3 3.52 5.1 1.65 1.77 2.78
0.788 50.3 52 3.3 3.5 3.77 5.3 1.97 2.13 3.16
0.763 46.5 46 3.0 2.5 2.65 4.4 1.58 1.68 2.99
0.733 43.0 41 2.75 2.6 2.68 3.7 1.83 1.90 2.68
0.695 39.2 35 2.69 2.9 3.02 4.0 2.36 2.48 3.31
0.642 35.7 30 2.23 2.2 2.29 3.1 2.13 2.23 3.02
0.580 31.8 25 2.01 3.6 3.98 3.3 4.14 4.59 3.71
0.488 27.7 20 1.76 3.1 3.59 2.8 4.38 5.08 3.91
0.352 23.2 15 1.46 2.5 2.61 2.88 5.17 4.64 5.03

Total calculated 145.8 150.56 143.8 54.77 56.91 62.33
Total experimental 152.00 64.57

“ The mean pore radius corresponding to relative pressure 0.967 is taken as 500 A, Rl = (R0 +  Ri)/2, R2 = (Rt +  R2)/2 . . .  etc- 
b See ref 3. c See eq 12. d Values determined by BJH.2

layers at relative pressure P\/P0 = 0.967). Hence, 
substituting the values from Table I in eq 12 we get
152 -  145.2 = V! -  2^(0.001558) X

(15.25 X 0.23)/500 X 10“4 +  /i
As stated earlier, f i  = 0. Solving for vi, we get vi =
8.700 cc. Substituting the value of i\ in eq 3 we get
AA.j = 2 X 8.7 X 0.001558/500 X 10“4 = 0.540 m2
(2) Now consider desorption from the relative pressures

0.967 to 0.961. In this case there is a wall-film con
tribution, / 2, toward desorption, since there exists an 
area of 0.540 m2 at relative pressure Pi/Po- Using 
eq 12 when n  =  2

Vi — V i =  AF2 = Vi — F i +  f i

or
145.2 -  142.5 =  Vi -  2^(0.001558) X

(10.95 X 0.23)/310 X 10~4 +
0.540 X (11-5 -  10.4) X 0.23

Solving for v2, we get v« = 3.432 cc. Substituting this 
value of v2 in eq 13 when m =  2, we get
AA2 = 2 X 3.432 X 0.001558/310 X 10“4 = 0.3448 m2
Hence, the cumulative area would be
AAi +  AA2 = S  =¿ = i

0.5420 +  0.3448 = 0.8868 m2 
and the cumulative pore volume would be

i = 2
vi +  Vi =  I > i  = 8.700 +  3.432 = 12.132 cc»=1

All the succeeding distributions of area and pore volume 
have been computed in the similar manner.
Results and Discussion

The computed values of pore volume and surface 
area distributions are given in Table I, and the corre
sponding values by Pierce3 and BJH2 are also given for
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comparison. The pore volume computed by the 
authors is in very good agreement with the experimental 
values whereas those by Pierce and BJH are lower. The 
surface area obtained by the authors shows better 
agreement with the experimental value when compared 
to that by Pierce but is lower than that by BJH. In 
the earlier methods1-4 the determination of pore volume 
involved the squares of capillary and pore radius. It 
must be noted that errors are liable to occur in the 
values of capillary radius and film thickness due to the 
limitations of Kelvin’s equation and the method of 
measurement of film thickness. Since they occur as 
squares, the error in the computation of pore volume 
will be greater and consequently it will be reflected in 
the value for the area. Since cumulative area is used 
in the succeeding calculations, the effect of earlier errors 
will give rise to more errors.

The modified equation for computation of pore 
volume contains two terms in the numerator. The 
second term involves the product of R  and t. In the 
first step of computation (in the pressure range 1.00-
0.967) the value of the second term is zero. In the

succeeding computations the second term increases. 
Even for the last computation the value of the second 
term becomes only comparable to the first term. This 
implies that the error involved in the computations of 
pore volume by the modified equation is less when 
compared to that of Pierce. The computations of 
surface area by Pierce involve squares of the capillary 
radius whereas the modified equation avoids them. 
The computed value of the pore volume at each step 
has been used by Pierce as well as by the authors for 
the computation of area in the same step. Since the 
pore volume computed by the authors is more precise, as 
discussed earlier, their computed surface area will ob
viously be better.
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Proof of Structure of the Colored Photoproducts of

Chromenes and Spiropyrans

by Jaroslav Kolc and Ralph S. Becker
Department of Chemistry, University of Houston, Houston, Texas 77004 (Received March 13, 1967)

Based on infrared, nuclear magnetic resonance, independent synthesis, and ultraviolet data, 
strong evidence for the structures of the colored photoproducts of the chromenes and spiro
pyrans is presented. The structure in the case of the chromenes is o-quinoneallide (II). 
A parallel structure is appropriate for the spiropyrans.

Introduction
In the course of investigation of spectroscopic and 

photochromie properties of spiropyrane, photochro- 
mism of the chromene half of such molecules was dis
covered in this laboratory1 and structure II proposed 
for the colored form.1

I n
Photochromism of spiropyrans has been known for 

some time, although, up to the present time, only one 
indirect piece of evidence has been given for the nature 
of the colored form of spiropyrans, which is considered 
to be as in IV

Me Me

This evidence was based on the resemblance of the 
absorption spectrum to that of merocyanine dye.2

The purpose of this paper is to give more direct evi
dence for the structure of the colored photoproduct II. 
This will be based on the reduction of the photoproduct 
with lithium aluminum hydride at temperatures at 
which the photoproduct is being produced (—30 to 
— 75°) and the identification of such reaction product. 
The reaction sequence would be expected to be

The colored product is expected to react with lithium 
aluminum hydride giving phenol VII or VIII. Such a 
phenol can be identified using infrared, nuclear mag
netic resonance, and ultraviolet spectroscopy as well as 
by comparing such spectral data with those of inde
pendently synthesized compounds.
Experimental Section

For photoconversion of chromenes, quartz cells were 
immersed into a cooling bath (hexane-Dry Ice) in a 
quartz dewar flask and irradiated with ultraviolet 
light from a low-pressure mercury lamp, filtered through 
a Corning 9-30 filter.

For thin layer chromatography Chroma-Plates 7GF 
(Mallinckrodt) with Silicar (pH 6.5-7.2) were used, and 
detection was made by ultraviolet light.
(1 ) R . S. B eck er and  J. M ich l, J . Am. Chem. Soc., 88, 5931 (1966).
(2) R . H e iligm an -R im , Y .  H irsh  berg, and E . F ischer, J. Chem. Soc., 
156 (1 961 ); J. Phys. Chem., 66, 2465 (1 962).
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Infrared spectra (in carbon tetrachloride) were 
taken on Beckman IR-10 apparatus. The nuclear 
magnetic resonance (nmr) spectra (in the same sol
vent) were obtained on a Varian HA-100 high-resolu
tion spectrometer. Ultraviolet spectra were taken on 
Cary Model 15 instrument using quartz optical cells.

The 2,2-diphenyl-2H-chromene was obtained from 
Dr. Livingstone of Huddersfield College of Technology, 
England; lapachenole (2,2-dimethyl-6-methoxy-7,8- 
benzo-2H-chromene) from Dr. J. W. Morgan of the 
Forest Products Research Laboratories, England; and 
6-methoxy-2H-chromene from Sankyo Co., Ltd., Japan. 
The 2-ally 1-4-methoxyphenol and 2-propeny 1-4-methoxy- 
phenol necessary for comparison were synthesized3'4 5 
from p-methoxyphenol (Eastman White Label).

The intense red color of the photoproduct, created 
by ultraviolet irradiation of the solution of 2,2-di- 
phenyl-2H-chromene in 2-methyltetrahydrofuran (2- 
MeTHF) at —75°, rapidly disappeared by addition 
of lithium aluminum hydride at this temperature. 
The reaction mixture was treated with water and sodium 
hydroxide solution, acidified, extracted into ether, and 
evaporated to dryness. Thin layer chromatography 
revealed a spot with Ri 0.6 in addition to the main spot 
of the starting chromene (going with the front of the 
solvent mixture CCL-CHCh = 2:1).

The same substance was produced in much greater 
quantity when a solution of the chromene in a slurry of 
lithium aluminum hydride in 2-MeTHF was simul
taneously mixed and irradiated at —75° for 75 min. 
Whenever mixing during the irradiation was inter
rupted, the red color of the photocolored form of the 
chromene was created on the inner surface of the cell 
facing the source of irradiation and disappeared when 
the mixing was continued.

The reaction product was purified using column 
chromatography on neutral silica gel (pH 6.95) and 
spectra of the pure product (ca. 50% of weight of start
ing chromene) were taken. No such product was 
detected when the chromene was treated with a slurry 
of lithium aluminum hydride in 2-MeTHF under the 
same conditions (temperature, time) without irradia
tion.

6-Methoxy-2H-chromene and lapachenole were con
verted into phenols under similar conditions. Again, 
no products were detected when the chromenes were 
treated with lithium aluminum hydride without ir
radiation.
Results and Discussion

Conversion of 2,2-Di-phenyl-2H-chromene into Phenol
VII .  There are two peaks in the infrared O-H region 
of the product, Figure 1A (plus a shoulder at higher

Figure 1. Infrared spectra: (A) phenol VII,
(B) phenol IX, (C) 2-allyl-4-methoxyphenol,
(D) phenol VIII, and (E) 2-propenyl-4-methoxyphenol.

concentrations). The same pattern is obtained for 0 - 
allylphenols,6 where the peak at higher energy corre
sponds to the O-H frequency of the free OH group, and 
the second one, to the intramolecular hydrogen-bonded 
OH species of the type

CH-----PH

The nmr spectrum, Figure 2A, shows a doublet of 
two protons at r 6.75 (-CH2-), a triplet of one proton 
centered at r 3.98 (—CH=C—, conjugated), and a set of 
14 aromatic protons (r 2.7-3.6).

Both the infrared and nmr spectra are fully con
sistent with structure VII.
(3) D. S. Tarbell in “ Organic Reactions,”  Voi. 2, John Wiley and 
Sons, Inc., New York, N. Y., 1947, pp 1-48.
(4) J. H. Fletcher and D. S. Tarbell, J. Am. Chem. Soc., 65, 1431 
(1943).
(5) A. W. Baker and A. T. Shulgin, ibid., 80, 5358 (1958).
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Figure 2. Nmr spectra: (A) phenol VII, 
(B) phenol IX, and (C) phenol VIII.

Conversion o f Lapachenole (2,2-Dimethyl-6-m ethoxy-
7,8-benzo-2H-chromene) into Phenol I X .  As in the 
previous case, the infrared spectrum of the product, 
Figure IB, shows two peaks in the O-H region (a free 
OH and intramolecular bonded OH). In this case, the 
peak corresponding to the intramolecular bonded OH 
is especially strong. It seems to be due to the fact 
that basicity of the ir electrons in the double bond of the 
side chain are increased by the presence of two attached 
methyl groups, which increases the strength of the 
hydrogen bond.6

The spectrum of the deuterated phenolic product 
shows essentially no change in the mutual ratio of 
both O-D peaks compared with the O-H peaks.

Nmr peaks in Figure 2B corresponding to four aro
matic protons H-H4 in IX as well as the singlet r 6.20 
(MeO-) are at the same position as in the lapachenole. 
A single >CMe2 in the lapachenole (r 8.58) was changed 
to the singlet r 8.25 in the product, corresponding to 
C=CMe2. Further, there is a doublet of two protons 
at r 6.72 (~CH2-), a triplet of one proton at r 4.75 
(—CH=iG—■, nonconjugated), a singlet at r 3.70 be
longing to the H6 in IX, and a singlet at r 5.06 which 
can be depressed by deuteration with D20  and thus 
corresponds to OH.

The ultraviolet spectrum of the product in 3-methyl- 
pentane at room temperature is quite similar to the 
spectrum of the simple 1-naphthol.

On the basis of the foregoing evidence we can write 
the reaction product as

Conversion of 6-M ethoxy-2H-chromf,ne into Phenol
VI II .  In this case the structure of the product was 
proved by comparison of the infrared, Figure ID, and 
nmr data, Figure 2C, with those of the independently 
synthesized authentic 2-allyl-4-methoxyphenol, Figure 
1C, and 2-propenyl-4-methoxyphenol, Figure IE. 
The spectra are identical with those of the last named 
compound. Creation of the propenylphenol in this 
case is possible to explain as a consequence of the ab
sence of conjugative substituents and/or steric effects 
of substituents in the photoproduct.

Results obtained from the three investigated chro
menes with different structures are fully consistent 
with structure II as that for the photocolored product 
of a chromene. Moreover, the indoline portion of 
indolinospiropyrans does not play an active role in the 
formation of their colored form. At least studies by us 
on l,3,3-trimethyl-2-phenyl-2-hydroxyindoline show 
that the indoline does not exhibit photochromism. 
This, plus the results on the chromenes, provides strong 
evidence that the structure of the indolinospiropyran 
photoproduct is that given (IV). Other photochromic 
spiropyrans such as dibenzo-, N-methylquinolino-, 
acridinospiropyran, etc., should have colored photo
products with parallel structures.
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Relationship between the Intrinsic Viscosity and the Sedimentation

Coefficient of a Monodisperse Polymer

by Ichiro Noda, Satoshi Saito, Temo Fujimoto, and Mitsuru Nagasawa

Department of Synthetic Chemistry, Nagoya University, Furo-cho, Chikusa-ku, Nagoya, Japan 
(.Received April 3, 1967)

To study the hydrodynamic properties of dilute polymer solutions, the measurements of 
intrinsic viscosity and sedimentation coefficient of monodisperse poly(a-methylstyrene) in 
toluene (t) at 25° and in cyclohexane (c) at 39° were carried out. The observed sedimen
tation coefficient was extrapolated to meniscus to obtain the sedimentation coefficient at 1 
atm by using Fujita’s equation. From the comparison between the intrinsic viscosity fo] 
and the frictional coefficient [/] in the same solvent, the relationship of fr]t/ [i?]0 = ([/]t/ 
[/]<,)2-4 was obtained. This relationship is discussed in comparison with the current theories.

Introduction
To investigate the hydrodynamic properties of 

dilute polymer solutions, it is no doubt pertinent to 
study both the intrinsic viscosity and the sedimenta
tion coefficient (or diffusion coefficient) simultane
ously, since different types of flow of the polymer coil 
are observed in those measurements, that is, the rota
tional flow in intrinsic viscosity and the translational 
flow in sedimentation and diffusion.1 It cannot al
ways be assumed that both the intrinsic viscosity and 
the sedimentation coefficient can be interpreted by 
using the same hydrodynamic radius.

The intrinsic viscosities of flexible polymers have 
been extensively studied, but the rotational flow is so 
complicated that we are usually obliged to introduce 
some approximations into a theory which gives a rela
tionship between intrinsic viscosity and molecular 
parameters.2 In contrast to the intrinsic viscosity, 
according to the Kirkwood general theory of irreversible 
processes in polymer solutions,3 the translational fric
tional coefficient can be unambiguously related to the

segmental distribution of polymer coil, i.e., to the 
molecular parameters at partial drainage as well as 
at the limit of nondrainage, whether the excluded 
volume effect exists or not. We believe that the trans
lational frictional coefficient can be more clearly under
stood than the intrinsic viscosity. Unfortunately, 
however, it seems to us that most data of the sedi
mentation coefficients of flexible polymers should be 
carefully reexamined, because of the ambiguity arising 
from the polydispersity of the samples and also because 
the effect of the hydrostatic pressure on the sedimen
tation coefficient in organic solvents was not properly 
taken into account in the experiments so far reported. 
In particular, there are only a few reliable and con
sistent data to clarify the relationship between the 
sedimentation coefficient and the intrinsic viscosity of 
flexible polymers.4 5 The purpose of the present paper

(1) J. G. Kirkwood and J. Riseman, J. Chem. P h y s 16, 565 (1948).
(2) M. Kurata and H. Yamakawa, ibid., 29, 311 (1958).
(3) J. G. Kirkwood, J. Polymer Sci., 12, 1 (1954).
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Table I : Molecular Weights of the Samples

S-l S-2 S-3 S-4

Mn X KT4 3.54 7.16
M„  X IO“ 4 3.94“ 6.76'
Mv X 10_4C 2.20 3.69 4.25 6.53
M„/Mn 1.11 0.95

° Determined by the Archibald method. b

■Sample
S-5 S-6 S-7 S-8 S-9

11.5
13.5*

20.4
28. T 27.2

11.0 12.2 18.3 26.0 27.8

Determined by the light-scattering method.

S-10 S - l l S-12 S-13 S-14

38.5
40.06 46.0s 60.0s 117* 136s
41.0
1.04

43.6 62.2 122 146

° M i is calculated from eq 8.

is to report some experimental data on the relation
ship between the intrinsic viscosity and the sedimen
tation coefficient of a linear polymer. Special atten
tion is given to the pressure dependence of the sedi
mentation coefficient and the rate of shear dependence 
of the intrinsic viscosity.
Experimental Section

Samples. The monodisperse poly(a-metliylstyrenes) 
were prepared in our laboratory by an anionic polymeri
zation technique previously reported.4 5 6 All samples 
were repeatedly purified by precipitation from benzene 
solution using methyl alcohol. Two samples of lower 
molecular weights, S-l and S-2, were fractionated by 
using toluene as solvent and methyl alcohol as non
solvent at 25° to make their molecular weight distribu
tion sharper, since the molecular weight distribution of a 
polymer of lower molecular weight is broader than that 
of higher molecular weight when they are prepared by 
an anionic polymerization. Then the samples were 
freeze-dried, followed by evacuation for about 24 hr at 
80°. Before use, they were again evacuated for more 
than 8 hr at 80°.

The molecular weights of the samples given in Table 
I were determined by using light-scattering techniques 
or the Archibald method of sedimentation in cyclo
hexane and also by osmotic pressure measurement in 
toluene. The detailed results of the light-scattering 
and the osmotic pressure measurements will be de
scribed elsewhere. The ratios of weight-average molec
ular weight to number-average molecular weight, 
Mw/M n, are given in Table I, but, presumably, must 
be as small as 1.01 if they are determined from the 
sedimentation study, which is believed to be more suit
able for determining M „/ M n of the samples having very 
narrow molecular weight distributions, as previously 
reported.6

Toluene of the first grade was shaken with con
centrated H2S04 until the H2S04 layer did not show any 
color and then was dried with CaCl2 and sodium metal, 
followed by fractional distillation over sodium metal at 
1 atm. No impurity in toluene thus purified was

detected by gas chromatography. Cyclohexane of a 
practical grade was passed through a silica gel column 
and dried with sodium metal, followed by fractional 
distillation over sodium metal at 1 atm. Neither ultra
violet spectroscopy nor gas chromatography showed 
any impurity, especially benzene, in cyclohexane thus 
purified.

Measurement o f Intrinsic Viscosity. The measure
ments of viscosity were carried out in toluene at 25 ±  
0.01° and in cyclohexane at 39 ±  0.01° using vis
cometers of the Ubbelohde type, one of which had 
three bulbs for giving rate of shear corrections to 
measured values. The dimensions of the viscometers 
used are given in Table II. The correction for the 
kinetic energy was less than 0.3% in all viscometers. 
The intrinsic viscosities at the limit of negligible rate of

Table II : Dimensions of the Viscometers“

Vis
come 1 0 V , ft, l, Q, 7 . K,

ter cm cm cm ml sec-1 %vs-53 1.80 15.3 14.3 1.4 983/Vei 0.3 (in toluene

vs-54 2.00 15.3 14.3 1.6 7 4 2 /  TJrel

at 25°)
0.3 (in cyclo

VS-56 2.28

3.62

6.13 2 0

1.06

1.1

3 1 5 / V e l

5 4 2 / 7 ¡ reI

hexane at 
39°)

0.2 (in toluene 
at 25°)

0.1 (in toluene

8.64 1.06 7 5 4 / l 7 r e l

at 25°)
0.1 (in toluene 

at 25°)
° r, radii of capillaries; h, heights of bulbs; l, lengths of capil

laries; Q, volumes of bulbs; y> rate of shear; K, contribution of 
the kinetic energy term.

(4) H. Lütje and G. Meyerhoff, Makromol. Chem., 68, 180 (1963); 
Z. Physik. Chem. (Frankfurt), 38, 364 (1963).
(5) M. N. Ho-Due and H. Daoust, report presented at the Inter
national Symposium on Macromolecular Chemistry of IUPAC, 
Kyoto, Japan, Oct 1966.
(6) T. Fujimoto, N. Ozaki, and M. Nagasawa, J. Polymer Sei., A3, 
2259(1965).

V olum e  71 ,  N um ber  12  N ovem ber  1967



4050 Noda, Saito, Fujimoto, and Nagasawa

shear were confirmed by using a viscometer of the Zimm 
type (rotational viscometer).7 The values obtained 
using both types of viscometer agreed within the limit 
of experimental error (with Ubbelohde viscometer VS- 
56: [77] = 2.44 for S-13 and 2.77 for S-14; with Zimm 
viscometer: [tj] = 2.44 for S-13 and 2.81 for S-14).

Measurement of Sedimentation Coefficient. Ultra
centrifugation was carried out in toluene at 25 ±  0.2° 
and in cyclohexane at 39 ±  0.2° by using a Spinco 
Model E ultracentrifuge equipped with a schlieren opti
cal system and an RTIC temperature control unit. 
An angular velocity of a rotor was chosen as slow as 
possible to reduce the pressure effect. The center 
pieces used in this work were 3, 12, and 30 mm and were 
chosen according to the molecular weight and the con
centration of the polymer solution used. The sedi
mentation coefficient was calculated from the position 
of the maximum of the refractive index gradient which 
was determined using a microcomparater, since the 
schlieren patterns were of good gaussian distribution 
curves.

Since the pressure effect in organic solvents8’9 is 
generally very large owing to their large compressibili
ties, we extrapolated apparent sedimentation coef
ficients to the meniscus by using Fujita’s equation10 (1) 
to have the values at 1 atm

-Sapp =  = -S°{1 -  (?[(xh/xm)2 -  1]} (1)
COz(f — to)

and
G = [m( 1 +  2fcC0) -  fcC0]/2(l +  kC0) 

m =  1/iyw2xm2po°
where 01 is the angular velocity, t0 the initial time cor
rection, Co the initial concentration, k the concentra
tion dependence coefficient of the sedimentation coef
ficient, Sapp the apparent sedimentation coefficient de
fined by eq 1 , S° the sedimentation coefficient at 1 atm, 
*h the position of the maximum of the refractive index 
gradient, x m the position of meniscus, 7  the pressure 
dependence coefficient of sedimentation coefficient, and 
Po° the density of the solvent at 1 atm. The true sedi
mentation coefficient S° is given from the intercept 
of the straight line when/Sapp is plotted against (xh/xm)2 
— 1 . To calculate -SaPP, however, we must know the 
initial time correction to which cannot be given directly 
from the experiments. Although the time when an 
angular velocity reaches two-thirds of the final speed is 
usually used to estimate f0, this method is not precise 
enough to obtain t0 used in eq l . 9 Since both *S° and to 
are unknown, it is quite difficult to determine S ° with
out ambiguity. In this work, therefore, we used two

0 0.05 0.10(*hAm)* -  i.
Figure 1. Change of the apparent sedimentation coefficient 
of S-ll calculated from the first method (P ) and the 
second method (P ) in cyclohexane at 39°: (1) C —
0.054 g/dl, a) = 42,040 rpm; (2) 0.093 g/dl, 39,460 
rpm; (3) 0.190 g/dl, 39,460 rpm; (4) 0.282 g/dl,
39,460 rpm; (5) 0.386 g/dl, 39,460 rpm.

approximate methods and obtained almost the same 
results. The first method follows. Since a linear re
lationship was experimentally found to hold between 
(Xh2 — Xm2) and time t if t is not very large,11 the initial 
time correction f0 is determined as the time when Xh = 
xm is reached. Then, SBpp can be calculated from eq 1 
by using this t0 value. In the second method, both S° 
and t0 are determined so that a standard deviation of 
the difference between the left-hand term and the right- 
hand term of eq 1

4  -  -  S ° ( 1  -  G W * . ) ’  -  H I« (i — ¿0)
becomes minimum by using a high-speed electronic com
puter.12 Almost the same values of sedimentation 
coefficient were obtained from both methods as shown 
in Figure 1. The relative differences between both S° 
values were from 2 to 0.5%.

The ultracentrifugation was carried out at different
(7) B. H. Zimm and D. Crothers, Proc. Nat!. Acad. Sci., U. S., 48, 
905(1962).
(8) J. Oth and V. Desreux, Bull. Soc. Chivi. Beiges, 63, 133 (1954).
(9) I. H. Billick, J. Phys. Chem., 66, 1941 (1962).
(10) H. Fujita, “ Mathematical Theory of Sedimentation Analysis,”  
Academic Press Inc., New York, N. Y ., 1962.
(11) H. G. Elias, Makromol. Chem., 24, 30 (1959).
(12) A. Soda, T. Fujimoto, and M. Nagasawa, submitted for pub
lication.
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Figure 2. Effects of the angular velocity on the 
apparent sedimentation coefficient of S-13 (calculated 
from the first method): The circles 9  and ® show data at 
31,410 and 59,780 rpm in cyclohexane at 39° (C = 0.132 g/dl), 
while the circles • and O show data at 42,040 and 59,780 
rpm in toluene at 25° (C = 0.180 g/dl).

velocities to confirm the applicability of these methods 
to the extrapolation. The intercepts of the straight 
lines for different angular velocities did not perfectly 
agree with each other as shown in Figure 2, but the 
relative differences between S° values obtained at dif
ferent velocities may be smaller than about 2 %, which 
is as small as the ambiguity arising from the different 
methods of extrapolation described above. The tan
gent of the straight line, G, is larger in the poor solvent 
than in the good solvent.

The pressure dependence coefficient, y , of sedimen
tation coefficient in eq 1 is defined by an equation giv
ing the dependence of the apparent sedimentation 
coefficient on the actual hydrostatic pressure in solu
tion, p. Thus, if pressure dependence of density, vis
cosity coefficient, and partial specific volume of the 
solvent used are known, y  can be calculated by

y X + VqPo° ( k —  <p) 

1 — V o P o °
(2)

where k, X, and <p are constants defined by Baldwin and 
van Holde. 13 Assuming ip to be zero in this range of 
pressure and using k = 0.12 X 10-9, X = 1.7 X 10~ 9 

for toluene, k = 0.088 X lO“9, X = 0.74 X 10~ 9 for 
cyclohexane, which are given in a table summarized by 
Baldwin and van Holde, we have y  =  1.00 X 10 ~ 9 cm/ 
dyne in toluene and y  = 1.96 X 10~ 9 cm/dyne in cyclo
hexane. The average values of y  obtained from the 
present sedimentation measurements with various 
molecular weights and various speeds of centrifugation 
are 1.1 X 10- 9  cm/dyne in toluene and 2.3 X 10- 9

cm/dyne in cyclohexane. The agreement between the 
values calculated and observed may be considered 
satisfactory. Therefore, it is probably safe to conclude 
that the correct sedimentation coefficients at 1 atm 
can be obtained by one of the methods described above.

Partial Specific Volume. A modified Gay-Lussac 
type of pycnometer having a volume of about 1 0 0  ml 
was used to determine the solution density. Then, the 
partial specific volume (v0) of poly(a-methylstyrene) 
was found to be 0.886 ml/g in cyclohexane at 39° and 
0.873 in toluene at 25°.
Results

Since no definite experimental conclusion has yet 
been reached concerning the concentration dependence 
of viscosity of polymer solution, the viscosity data were 
extrapolated to infinite dilution by using not only 
Huggins’ equation14 15 (3) but also Mead and Fuoss’ 
equation16 (4) and Schulz and Blaschke’s equation16 (5)

v J C  =  [v ] +  k '[v ]*C (3)
(ln^eO/C =  [„] +  kn'M'C  (4)

vspC = fo] +  kVM vsp (5)
As shown in Figure 3, the values of intrinsic viscosity 
obtained by these methods agree within experimental 
error for the samples of high molecular weights, al
though deviations from linearity are observed if eq 
4 and 5 are used in toluene and eq 3 in cyclohexane. 
The relationship between the Huggins constant k ‘ and 
the molecular weight is given in Table III.

The sedimentation data were extrapolated to infinite 
dilution by using eq 6 . It gives a good linear relation
ship even in good solvent as shown in Figure 4, whereas 
deviations from linearity are observed if eq 7 is used.

1/S° = (l/£o°)(l +  kC) (6 )
S° =  S o°(l ~  kC) (7)

The relationship between the coefficients k and the 
molecular weight is also given in Table III.

The experimental results of [17] and So° are sum
marized in Table III. The double logarithmic plots 
of the intrinsic viscosity against the molecular weight 
in toluene and in cyclohexane are given in Figure 5. 
The relationships between them are expressed by

[77] = 1.01 X 10~ 4 M °-72 (in toluene at 25°) (8 )
[?;] = 7 .I3  x  10~ 4 M°-61 (in cyclohexane at 39°) (9)

(13) R. L. Baldwin and K. E. van Holde, Fortschr. Hochpolymer. 
Forsch., 1,451 (1960).
(14) M. L. Huggins, J. Am. Chem. Soc., 64, 2712 (1942).
(15) D. F. Mead and R. M. Fuoss, ibid., 64, 277 (1942).
(16) G. V. Schulz and F. Blaschke, J. Prakt. Chem., 158, 130 (1941).
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0 1.0 2.0

C, g /d l .
Figure 3. Concentration dependence of the specific viscosities 
of S-13 and S-14 in toluene at 25° according to eq 3 
(• and O), eq 4 (© and 9), and eq 5 (3  and ®).

Table III : Intrinsic Viscosity and Sedimentation Coefficient of 
Poly(a-methylstyrene) in Toluene and in Cyclohexane * *

/-------I n  to lu e n e  a t  2 5 °------- s ✓-------I n  c y c lo h e x a n e  a t  3 9 ° ------->
Sam hi, 1 0 >3So°, k hi, 10«So°, k,
ple dl/g k' sec dl/g dl/g k’ sec dl/g

S-l 0.135 0.59 0.110 1 ■45
S-2 0.196 0.42 0.15o 0 .71
S-3 0 . 2 1 7 0.30 3.4o 0. 261 0.16o 0..80 4.17 0 . 2 2

S-4 0.296 0.39 4.39 0. 542 0.204 0.,58 5.17 0..14
S-5 0.43o 0.35
S-6 0.463 0.34 5.56 0. 81 0.274 0. 85 7.08 0 . 2 2

S-7 0.621 0.37
S-8 0.799 0.35 7.87 1..25 0.406 0 .70 10.8 0 .41
S-9 0.838 0.36
S-10 1.11 0.37 0.512 0 .80
S -ll 1.16 0.37 9.72 1 .69 0.521 0 .81 i3 .8 0 .56
S-12 1.50 0.32 1 2 . 2 2 .45 0.62s 0 .76 17.6 0 .67
S-13 2.44 0.33 15.2 3 .90 0.938 0 .60“ 22.7 1 .19
S-14 2.77 0.34 1.03 0 .55“

“ Obtained from eq 5.

Equation 8 is in good agreement with the data pre
viously reported.17-19 The double logarithmic plots 
of the sedimentation coefficient against the molecular 
weight are shown in Figure 6. The relationships be
tween them are given by

*So° = 3.01 X 10-16M°-44 (in toluene at 25°) (10)
¿'o° = 2.04 X 10-15ikf0-60 (in cyclohexane at 39°) (11)

Figure 4. Concentration dependence of the sedimentation 
coefficient of poly(a-methylstyrene) in toluene at 25°:
O, S-3; ©, S-4; 9 , S-6; C, S-8; 3 , S -l l ;  ©, S-12; » ,8 -1 3 .

Figure 5. Log [77] vs . log M  plot for
poly («-methylstyrene) in toluene at 25° (1) and in
cyclohexane at 39° (2): O, Afw; •, M n.

From eq 9, 39° in cyclohexane may not be exactly the 
9 point but is very close to it. This slight departure 
from the 9 point would not give any effect on our follow
ing discussion.

If we compare the sedimentation coefficient S0° and 
the intrinsic viscosity [77] obtained in the same solvent, 
the results are as shown in Figure 7. From the figure, 
we know that

[v W M o  = ([/]t/[/]c)2-4 (12) 17 18 19
(17) H. W. McCormick, J. Polymer Sci., 41, 327 (1959).
(18) A. F. Sirianni, D. J. Worsfold, and S. By water, Trans. Faraday 
Soc., 55,2124 (1959).
(19) D. E. Burge and D. B. Bruss, J. Polymer Sci., A l, 1927 (1963).
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Figure 6. Log S V  vs. log M  plot for 
poly(a-methylstyrene) in toluene at 25° (1) and in 
cyclohexane at 39° (2 ): O, M v (or M v); • , M n.

Figure 7. Relationship between the intrinsic viscosity and 
the frictional coefficient: -------— , 5 =  2 . 4 ; -----------, S =  3.0.

where the subscripts t and c denote toluene and cyclo
hexane, respectively.
Discussion

It is well known that the hydrodynamic properties 
of flexible polymers are determined by two funda
mental factors, that is, the draining effect which is a 
purely hydrodynamic effect and the excluded volume 
effect which is a thermodynamic one. If we assume 
that a polymer coil is nondraining, according to Flory 
and Fox20 and Mandelkern and Flory,21 the intrinsic 
viscosity and the sedimentation coefficient of a flexible 
linear polymer are given by

[17] = H r* )'h/M  = $o2«r-y/!/M V  = [r,]*«3 (13)
[f] = f /v0 = Po {r*)'h = Lfle« (14)

where (r2)'A and (r02)‘/! are the root-mean-square end- 
to-end distance and its value at the 9 point, and a 
is the expansion factor defined by

a.2 = (r2)vy<r2)o‘A (15)
However, since the configuration statistics of polymer 
chain depart appreciably from that of a random-flight 
Gaussian chain as the molecular weight or the solvent 
power is increased, the hydrodynamic radius of the

polymer chain is not proportional to the radius of 
gyration in good solvents. Strictly speaking, moreover, 
the hydrodynamic radius estimated from the intrinsic 
viscosity and that estimated from the translational 
frictional coefficient cannot be the same. The differ
ence between two kinds of the hydrodynamic radius 
as well as the difference between the hydrodynamic 
radius and the radius of gyration was pointed out by 
several authors.2-22'23

Kurata and Yamakawa2 used the theory of Kirk
wood and Riseman,1 assuming that the ratio between 

and the corresponding quantity at the 9 point, 
(ry-% may be replaced by the average value over all 
pairs of i& ndj and also that Y X ra ~ 1) may be replaced byi< j
Z atrH r« " 1) 0 as ini< j

1 / -  _  0
/ a  ( r tr ' ) o  2 ( r ir 1)o 2(rw_1)o 1 '

w’here a«2 = (rw)2/(rw)02. Then, they obtained the 
results

fo] = Me(l +  1-552+ . . . )  (17)
[ / ] =  LfleU +  0.416«+ . . . )  (18)

Since
a2 = 1 +  (4/3)2 +  . . . (19a)

and
a s2 =  (s2)/(s2)o = 1 +  (134/105)2 +  . . . (19b)

where (s2)I/! and (s2)0‘/! are the radius of gyration and 
its value at the 9 point, respectively, it followed that

M  = foie«2-32 = f r W 2'43 (20)
[/] = L/V0-624 = [/]e«S°'652 (21)

That is, we have S — 3.73, where 8 is defined by
M / M e  = ([ f]/ l f]e)S (22)

Differently from Kurata and Yamakawa, Stockmayer
and Albrecht22 calculated 2 ( r«_1) using the pertur-i>jbation method of Fixman and introduced it into the 
following equation which is given by the Kirkwood 
general theory of irreversible processes in flexible 
polymer solutions3

(20) P. J. Flory and T. G. Fox, J. Am. Chem. Soc., 73, 1904 (1951).
(21) L. Mandelkern and P. J. Flory, J. Chem. Phys., 20, 312 (1952).
(22) W. H. Stockraayer and A. C. Albreeht, J. Polymer Sei., 32,215 
(1958).
(23) O. B. Ptitsyn and Y . E. Eizner, Zh. Fiz. Khim., 32, 2464 (1958) ; 
Zh. Tekh. Fiz., ?9, 1117 (1959) ; O. B. Ptitsyn, Vysokomolekul. Soedin., 
3, 1673 (1963).
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/ - 1 =  (n p ) -1 +  (3th, (23)
%>3

where p is the frictional coefficient of a segment and 
n is the number of segments in a polymer. Then, they 
obtained the result

[/] 37m2
i> j

= [/]e(l +  0.609z +  

= [/lea0' 914

=  [ / l e a / - 964

. . . )

(24)

Introducing this equation into eq 16 to calculate the 
intrinsic viscosity according to the method of Kurata 
and Yamakawa, 2 we obtain

M  =  h l e ( l  +  1-722 + . . . ) =  h i e « 2-68 (25)
= f o W -70

Then, we have that the power of [/]/ [/]e in eq 22, 8, is 
2.83.

On the other hand, assuming that the distance be
tween i  and j  on a polymer chain in good solvents is 
given by r t} = b02\i — j\1+e, Ptitsyn and Eizner28 

calculated the intrinsic viscosity and the frictional co
efficient of polymer chain in good solvents from the 
theory of Kirkwood and Riseman1 and the theory of 
Kirkwood3 and then gave the equations in which 
universal constants, 4>0 and Po in eq 13 and 14, are 
expressed by functions of « as
h] = 4.17 X 1024(1 -  2.63« +  2.86«2) X

(<s2)vVM) (26)

[ /]  =  12.5(1 -  0.5« -  0.226«2)(s2) 'a  (27)

Although they did not show the relationship between 
h i/h ie  and [ /] /[/Jo in good solvents, it can be esti
mated from the values of h 1/  h le and [/]/ [/]e calculated 
for n  (degree of polymerization) = 1 0 4, 1 0 6, and 1 0 6, and 
e = 0.05, 0.10, 0.15, and 0.20.4 The 8 thus obtained is 
about 2.7 which is almost equal to the value of Stock- 
mayer and Albrecht (2.83), but smaller than that of 
Kurata and Yamakawa (3.73).

Now the present experimental result gives the 
relationship of h ]t/h ] 0 = ([/]t/[/lc) 2-4 as shown in 
Figure 7. The result obtained here differs from the 
result of Liitje and Meyerhoff,4 who demonstrated the 
relationship of h l/h le  = ([/]/[/]e)3-°, but agrees with 
the result recently reported by Ho-Duc and Daoust.5 

Although there is no current theory which can give a 
really satisfactory explanation to the experimental 
relationship between intrinsic viscosity and frictional 
coefficient, it may be concluded that the experimental

results are quite well explained by the theory of Ptitsyn 
and Eizner. Moreover, if we accept eq 28 obtained by

IvVMe = «8 2),/!/<s2)o1A)2-2- 2-4 (28)
experiments,4 -24 and also if the theory obtained by 
using perturbation method is applicable to the experi
ments in good solvents, we may use eq 24 and 28 to 
calculate 8. The value of 8 thus obtained is from 2.3 
to 2.5. The result seems to indicate that the theory 
of Stockmayer and Albrecht on sedimentation is valid.

Very recently, it was suggested that, in order to 
interpret the experimental results of intrinsic viscosity 
of polystyrene, 25 it is necessary to take into account 
not only the excluded-volume effect but also the drain
ing effect of a polymer coil. Even if the draining effect 
is not negligible in a polymer coil, the conclusion ob
tained here would not be affected, because the ratio 
M /[/F is not markedly influenced by the draining 
effect.1'2 However, more data of the samples having 
higher molecular weights may be required to confirm the 
speculation.

Based on their conclusion that the higher terms of 
z in eq 17 are not important even in good solvents, 
Stockmayer and Fixman26 presented eq 29 to estimate 
the unperturbed dimension of a polymer chain from 
the relationship between [17] and M  in good solvents.

fo]/M'A = K ,  +  0.51$o B M 'h (29)
where K v = 4>0[(r2)0/Af]1A and 4>0 = 2.87 X 1021. Simi
larly, the unperturbed dimension may be estimated 
from the relationship27 between [/] and M  by using eq 
30. Equation 30 can be transformed from eq 24 when 
the expansion of a polymer coil is not very large.

[f]/ M ih = K f +  0.201 P<?Kf- 2B M 'h  (30)
where K f  =  Po[(r2)o/M ]1/2 and P 0 = 5.2. Figure 8 

shows the plot of [ij] / M ' a  vs. M 'a  while Figure 9 shows 
that of [/]/M 1/1 vs. M l/\ The unperturbed dimensions of 
poly(a-methylstyrene), ((r2)o/M)‘A, which are obtained 
from the intercepts in Figures 7 and 8  are 6.45 X 10“ 9 

and 7.11 X 10~9, respectively. Considering the am
biguities in the absolute values of 4>0 and P02, it may be 
concluded that both values agree with each other. 
Similar deviations from linearity are observed in both 
plots if the solvent is good and the molecular weight is 
high. The deviation is well known in the study of 
intrinsic viscosity of linear polymer. On the same idea
(24) W. R. Krigbaum and D. K. Carpenter, J. Phys. Chem., 59, 1166 
(1955).
(25) G. C. Berry, Polymer Letters, 4,161 (1966).
(26) W. H. Stockmayer and M. Fixman, J. Polymer Sei., C l, 137 
(1963).
(27) J. M. G. Cowie and S. Bywater, Polymer, 6, 197 (1965).
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Figure 8. Plot of \v]/M^! vs. in toluene at 25° 
(O) and in cyclohexane at 39° (•).

Figure 9. Plot of [/] /M 1̂ 1 vs. M in toluene at 25° 
(O) and in cyclohexane at 39° (•).

as in the derivation of eq 29, we can obtain a close form 
of the a 3 type from eq 24 by using the variational 
method of Fixman28

( [ / ] / [ / ]  o)3 =  1 +  1.83  ̂ (31)
That is

([f ]/ M 'hy  =  K /  +  0.60Po35M 1/2 (32)
However, the plot of ( [f]/ M '/2) 3 against M 'n also shows 
the deviation from linearity and cannot improve the 
disagreement at high molecular weight in good solvents. 
The deviation may also be due to the neglect of higher 
terms.

Finally, the concentration dependence of sedimen
tation coefficient is briefly discussed. The theories on 
the concentration dependence of sedimentation coef
ficient were presented by Yamakawa29 and Pyun and 
Fixman.30 According to Pyun and Fixman, the con
centration dependence of sedimentation coefficient, 
that is, k in eq 6 is given by

k =  (7.16 -  k(A ))
(4 7r/300) a W 

M
(33)

Figure 10. Variation of k  with M  V* in toluene at 25° (O)
and in cyclohexane at 39° (•): ------ — , Pyun and Fixman
(in cyclohexane at 3 9 ° ) ; ---------- , Pyun and Fixman (in
toluene at 2 5 ° ) ; ---------- , Yamakawa (in toluene at 25°).

and A  = 3n2X/8Ta3, where a is the radius of a polymer 
chain, n is the number of segments per molecule, and 
X  is the second virial coefficient for segment-segment 
interaction. According to Yamakawa, k is given by

k = 1.65[jj]\(cc) log (1 +  5.73t) (34)
where x =  z/ a3.

It is clear from eq 33 and 34 that the concentration 
dependence of sedimentation coefficient remains finite 
and k is proportional to Af‘A at the 9 point according to 
the theory of Pyun and Fixman, whereas the depend
ence disappears at the 9 point according to the theory 
of Yamakawa. In Figure 10, the curves calculated 
from both theories are compared with the experimental 
data. The theoretical values in toluene were calcu
lated by using the excluded-volume function z which is 
estimated from the equation a,3 = 1 +  1.552, while the 
theoretical values in cyclohexane were calculated by 
using Kd(0) = 2.60 instead of k(0) in eq 33.30 If we take 
into account the ambiguities in z estimated from a 3 
and in the values of k, we may conclude that the theory 
of Pyun and Fixman agrees with the experiments at 
least qualitatively in both good and poor solvents, 
whereas the theory of Yamakawa agrees with experi
ments in good solvent only.
(28) M . Fukatsu and M. Kurata, J. Chem. Phys., 44, 4539 (1966).
(29) H. Yamakawa, ibid., 36, 2995 (1962).
(30) C. W. Pyun and M. Fixman, ibid., 41, 937 (1964).
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Production of Isomeric Nitrophenols in Radiolysis of
Aqueous Nitrobenzene Solution

by R. W. Matthews and D. F. Sangster
Australian Atomic Energy Commission Research Establishment, Lucas Heights, Sutherland, N.S.W., Australia 
{Received April HB, 1967)

The isomeric distribution of nitrophenols formed during the radiolysis of aerated aqueous 
nitrobenzene has been studied. The o-nitrophenol yield was affected by addition of 0.1 
mM  dichromate and varied with dose rate, whereas the m- and p-nitrophenol yields were 
substantially unaffected. The results show that all three isomers may be formed by uni- 
molecular or pseudo-unimolecular decomposition of the corresponding oxygenated nitro
benzene-hydroxyl radical adduct. In the case of the ortho product there is, however, a 
competing reaction whereby pairs of ortho adducts undergo bimolecular dismutation giving 
half the number of nitrophenol molecules. The yield may be further reduced by a recom
bination reaction between the -OH adduct and the nitrobenzene-reducing radical adduct. 
Dichromate reacts rapidly with the nitrobenzene-hydroxyl radical adduct preventing the 
two bimolecular reactions and giving nitrophenol in equivalent yield. The isomeric 
product ratios ortho:m eta: para are 2:1:1. These ratios reflect the extent of attack of 
hydroxyl radical at different positions of the aromatic ring and are those expected of a 
very reactive homolytic reagent with some electrophilic character.

Introduction
As part of a program concerned with the reactions of 

the hydroxyl radical on aromatic solutes in aqueous 
solutions exposed to high-energy ionizing radiation,1'2 
we have been studying its reaction with nitrobenzene. 
The nitro group is particularly interesting as an aro
matic substituent because it is an extreme case of sub
stituent directional effect on an attacking reagent. 
Thus, a better understanding of the electrophilic reac
tion characteristics of the hydroxyl radicals may be ob
tained.

In this paper we report investigations on the isomeric 
distribution of the nitrophenols produced during 
radiolysis at air-equilibrated natural pH (pH 5.5). 
The yield of o-nitrophenol was markedly increased by 
low concentrations of dichromate whereas other elec
tron scavengers had no effect. There was also a pro
nounced dependence of o-nitrophenol yield G(o-NP), 
on dose rate. The meta and para isomers varied only 
slightly under these conditions. These effects were 
further investigated and the corrected isomeric product 
ratios obtained are more nearly those expected for hy

droxyl radical reactions than are those published pre
viously.
Experimental Section

Materials and Irradiation. All reagents used were 
AR grade; the nitrobenzene was redistilled before pre
paring solutions of it in water distilled from acid di
chromate and alkaline permanganate. Pyrex irradia
tion bottles (55 ml capacity) were soaked in nitric acid, 
thoroughly washed, and then heated for several hours 
at 550° before each irradiation. All solutions irradi
ated were 0.8 mM  nitrobenzene, aerated, and at pH 5.5 
unless otherwise stated. In all experiments the radia
tion dose was approximately 20 krads. Most of the 
irradiations were carried out using 60Co y  rays. For 
some dose rate studies, spent reactor fuel elements were 
used. The dose was estimated using Fricke dosimetry 
and the correction applied for the difference in electron
(1) R. W. Matthews and D. F. Sangster, J. Phys. Chem., 69, 1938 
(1965).
(2) D. F. Sangster, ibid., 70, 1712 (1966).
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density between 0.8 N  sulfuric acid and the irradiated 
solution.

Deaerated solutions of nitrobenzene containing added 
solutes were prepared in syringes by the technique of 
Hart, et al.3 The solutions were irradiated in the 
syringes. Portions of unirradiated solutions were re
tained for nitrobenzene determination by spectro- 
photometric measurement at 268 m/i. In some other 
experiments, solutions were irradiated in a cell fitted 
with a sintered glass base through which nitrogen was 
bubbled continuously during the irradiation. The 
nitrogen had previously been passed through an aqueous 
nitrobenzene solution of approximately the same nitro
benzene concentration as that irradiated.

o-Nitrophenol Determination. To separate the o- 
nitrophenol, the irradiated solution was buffered to pH 
6.8 with sodium phosphate and steam distilled. The 
distillate was adjusted to pH 12 with sodium hydroxide 
and the optical density measured at 416 ni/u. A cor
rection was necessary to allow for the 3% of p-nitro- 
phenol which also was distilled under our experimental 
conditions. The contribution to the optical density 
from nitrobenzene was obtained from appropriate 
blanks.

To show that the steam-volatile product formed dur
ing irradiation from solutions containing dichromate 
was entirely o-nitrophenol, a solution containing 0.8 
mM  nitrobenzene and 0.2 mM  dichromate was ir
radiated. After adjusting the pH to 13, the unchanged 
nitrobenzene was extracted with carbon tetrachloride. 
The aqueous solution was then buffered to pH 6.8. 
Steam distillation and optical density measurements 
were carried out as before. The value obtained by this 
method agreed with that for solutions without the ex
traction of nitrobenzene. The absorption spectra of 
the distillate at acid and alkaline pH were found to be 
essentially indistinguishable from authentic o-nitro
phenol.

Hydrogen peroxide is formed during the radiolysis of 
aqueous solution. There is, therefore, the possibility 
of its reacting with dichromate and nitrobenzene to give 
nitrophenol. A yellow color, which increased in in
tensity with dichromate concentration, was noticed in 
the alkaline distillate from unirradiated solutions of 
nitrobenzene containing 4.0 X 10-5 M  hydrogen 
peroxide and potassium dichromate. The unirradiated 
blank values were subtracted for dichromate concentra
tions up to 0.2 mM . At higher concentrations the 
blanks were large enough to introduce uncertainties 
especially since the appropriate hydrogen peroxide 
yield could not be estimated exactly. Because the G 
value for the production of hydrogen peroxide probably 
approaches the “molecular” yield of 0.7 at the higher

concentrations of potassium dichromate, it was as
sumed that the hydrogen peroxide concentration in 
these solutions irradiated to 20 krads would be approxi
mately 1.4 X 10-5 M . Blank determinations were 
consequently made using solutions of 0.8 m l  nitro
benzene containing 1.4 X 10~6 M  hydrogen peroxide 
and various concentrations of potassium dichromate. 
The solutions were allowed to stand for 30 min, which 
was the approximate time from the commencement of 
irradiation to the commencement of analysis. When 
the potassium dichromate concentration was less than 
0.3 m l ,  the blank was insignificant but became ap
preciable at concentrations above this. The appropri
ate blank values were subtracted from the values ob
tained for irradiated solutions by the following modified 
procedure. The pH of the solution (50 ml) was ad
justed to 4-5, and the nitrobenzene and nitrophenols 
were extracted with 25 ml of chloroform. The nitro
phenols were then back-extracted with 50 ml of 0.01 
M  sodium hydroxide, buffered to pH 6.8, and steam 
distilled as before.

Determination of m- and p-Nitrophenols. The m- and 
p-nitrophenols were determined by the following 
method. Uniformly labeled C14 nitrobenzene ob
tained from Amersham Radiochemical Centre was 
purified by steam distillation. Aliquots of a stock solu
tion were diluted to give solutions 0.8 mM  in nitro
benzene of a convenient activity and in some experi
ments containing other solutes. The solutions irradi
ated were each approximately 1-ml total volume and 
were analyzed by paper chromatographic separation 
and Schoniger flask combustion of the active areas. 
A carrier solution of o-, m-, and p-nitrophenates (Na 
form) was added to each irradiated solution such that 
0.1 ml of the diluted solution contained about 20 pg of 
each nitrophenol. Aliquots (0.1 and 0.2 ml) were 
spotted onto Whatman no. 1 paper with hot air drying 
(60° at the surface of the paper). The paper was ex
posed to HC1 vapor, since this was found to restrict the 
spot size, before chromatographic development with 
benzene-diethylamine-water solvent system.4 5 The de
veloped chromatograms were air-dried and the nitro
phenols were cut out, combusted in Schoniger flasks,6 
and counted by the liquid scintillation method. The 
activities were compared with the activity of the un
irradiated nitrobenzene solutions by adding aliquots 
from a microsyringe to the counting solutions. Blanks 
were carried out on the unirradiated solutions in each
(3) E. J. Hart, S. Gordon, and J. K. Thomas, J. Phys. Chem., 68, 
1271 (1964).
(4) R. W. Matthews, J. Chromatog., 20, 190 (1965).
(5) R. W. Matthews, Australian Atomic Energy Commission,
AAEC. .TM 216, 1963.
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case. G(o-NP) could not be determined by this 
method because of its volatility from the paper.

High-Pressure Oxygen Experiments. In some ex
periments the concentration of molecular oxygen in the 
solution was increased by a high pressure of oxygen 
over the solution. A small pressure vessel of about 10- 
ml internal volume was provided with a lid which 
could be screwed down onto a rubber 0  ring. The 
lid also incorporated an O-ring valve which could be 
connected directly to an oxygen cylinder. Tests 
showed that the seals did not leak appreciably over
night. Five milliliters of the solution under investiga
tion was contained in a glass tube fitted with a cone 
and standard taper glass plug. A hole was drilled in 
each end of the plug, and the apparatus was inverted 
as the pressure was raised slowly to ensure that the gas 
saturated the solution. After irradiation, the end of the 
pressure vessel was chilled by immersion in alcohol-Dry 
Ice mixture for 30 min. The gas pressure was released, 
and the frozen solution in the tube was allowed to melt 
before being analyzed for o-nitrophenol.
Results and Discussion

To establish that hydroxyl radicals were responsible 
for production of o-nitrophenol, various known radical- 
scavenger species were added to nitrobenzene solutions 
before irradiation. The hydroxyl radical scavengers 
ethanol, formate, bromide, ferrocyanide, and phenol 
decreased the radiolytic yield of o-nitrophenol. The 
hydrated electron scavengers nitrate, acetone, and oxy
gen had little or no effect. In the case of potassium 
dichromate, however, a marked increased was observed 
both in aerated and deaerated solutions. Since this 
effect does not appear to have been reported previously, 
it was investigated further.

Effect o f Dichromate. G(o-NP) values as a function 
of dichromate concentration are given in Figure 1. 
Solutions containing 4.8 mM  dichromate were at pH
4.3. The pH increased to 5.5 at 0.2 m l  and was con
stant below this concentration. G(o-NP) was 1.0 in 
deaerated 0.8 mM nitrobenzene solutions containing
0.2 mM dichromate and 0.99 in nitrogen-flushed solu
tions. These values are in good agreement with the
1.03 found in aerated solution.

In order to explain the increase in G(o-NP) in the 
presence of dichromate, consideration was given to the 
possibility that the reducing radicals, the hydrated 
electrons and hydrogen atoms, might be converted by 
the dichromate to an hydroxylating species, although 
this is not allowed for in the published mechanisms for 
the radiolysis of dichromate in acid solutions.6 The 
percentages of the hydrated electron reacting with 
dichromate can be calculated, from published rate con-

o o0 - 8 - 1  
0 -7 - o
0-6 -
05 1_________ 1_________ I_________ ,_________0-001 0-010 0-10 1-00 10-0

[K2cr2 07] CONCENTRATION (mM)
Figure 1. Addition of dichromate to aerated 0.8 mM 
nitrobenzene, pH 4.3-5.0, 20 krads, 1,8 krads/min:
G, standard determination; A, modified method.

stant data,7 for each dichromate concentration. The 
change in these percentages bears no resemblance to the 
increase in G(o-NP) observed. Another possibility, 
that dichromate might react with the nitrobenzene- 
electron adduct3'7 to give o-nitrophenol, can be dis
counted for similar reasons. Since G(o-NP) in 0.2 mM 
dichromate solutions is virtually the same in aerated 
and nitrogen-flushed solutions, the species 0 2 • ~ cannot 
be implicated. Nor can the hydrogen atom, which 
reacts very readily with oxygen giving H02 •. At the 
pH used, H02 • ionizes to 0 2 • ~. For similar reasons, 
hydrogen atom-solute adducts cannot be involved.

The yields obtained for each isomer at different dose 
rates and in the presence of various solutes are given in 
Table I. Solutions were irradiated at their natural

Table I: Isomeric Nitrophenol Yields—0.8 mM Nitrobenzene

-20 krads, 1.8 krads/min-
Atm m M Solute G(o-NP) G(m-NP) G(p-NP)

Air 0.66 0.42 0.45
Air 0.2 K2Cr20 7 1.03 0.48 0.51
n 2 0.2 K2Cr20 7 0.99“
Air 0.956 0.396 0.4P
Air 0.36“ 0.37e 0.46'
n 2 0.12 0.08 0.22
130 atm of 0 2 0.71
65 atm of 0 2 0.66

a Flushed with N2 during irradiation. b Dose rate 0.2 krad/ 
min. c Dose rate 14 krads/min.

(6) T. J. Sworski, J. Phys. Chem., 63, 823 (1959); A. R. Anderson 
and Farhatziz, Trans. Faraday Soc., 59, 1299 (1963). See also 
M. Lefort, J. Chim. Phys., 54, 782 (1957).
(7) M. Anbar and P. Neta, Intern. J. Appl. Radiation Isotopes, 16, 
227 (1965) ; Israel Atomic Energy Commission, I.A. 1079, 1966.
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pH 5.5 for aerated and pH 7 for deaerated solution. 
In most cases values are the average of four determina
tions and reproducibility was within ±0.02.

The above contentions are supported by the fact 
that in the presence of dichromate the yields of m- 
and p-nitrophenol (Table I) increased only slightly 
(12%) compared with Cr(o-NP) (56%). The behavior 
is therefore not general, but peculiar to the formation 
of some or all of the o-nitrophenol. Particular atten
tion must therefore be given to the reactions of the 
ortho adduct.

Dorfman, Taub, and Biihler8 showed that in the case 
of aqueous solutions of aromatic solutes, the hydroxyl 
radical adds on to the benzene ring to give a hydroxy- 
cyclohexadienyl species. In aerated solutions, molec
ular oxygen adds on to this species readily to give a 
peroxy radical, which, they suggested, disappears in 
steady-state radiolysis by a first-order reaction to give 
phenols and H02 •.

The behavior of aqueous nitrobenzene solutions can 
be explained if it is assumed that in the absence of 
dichromate each ortho -OH adduct (o-nitrophenol 
precursor) does not necessarily give a molecule of
o-nitrophenol product. On the other hand, dichromate 
in aerated or deaerated solution oxidizes all nitro
benzene- • OH adducts to the isomeric nitrophenols cor
responding to the location of the -OH group on the 
cyclohexadienyl ring.

That oxygen is not essential for the formation of 
phenol from irradiated aqueous benzene was shown by 
Baxendale and Smithies.9 They obtained high G- 
(phenol) values from deaerated solutions containing 
ferric and cupric ions. Allen10 considers that the metal 
ions may oxidize the benzene--OH radical adduct 
directly to the phenol in this case.

Figure 1 shows that some increase in G(o-NP) oc
curred even with a dichromate concentration below
0.01 mM . These concentrations are of the same order 
as those reached by slowly reacting radical species such 
as those which disappear by a bimolecular reaction. 
The results, therefore, suggest that, at dichromate 
concentrations below 0.1 mM , a dichromate-radical 
reaction producing o-nitrophenol competes with a radi
cal-radical reaction which does not give o-nitrophenol 
or, at least, gives a lower yield.

Since the o-nitrophenol yield is not influenced by the 
addition of electron scavengers other than dichromate, 
the proposed radical-radical reaction which lowers the
o-nitrophenol yield cannot be a recombination reaction 
between nitrobenzene- • OH radical adduct and an elec
tron adduct.

The possibility remains that the o-nitrophenol yield

is reduced by a dismutation reaction in which two • OH 
adducts give one molecule of product
2N02C6H60H 02- —>

N02C6H40II +  N 02C6H6 +  H20  +  202 (1)
similar to the reaction proposed by Nakken11 in the 
radiolysis of aqueous p-aminobenzoic acid solution. 
In our case this competes with the reaction

N 02C6H60H 02- —± N 02C6H40H +  H02 (2)
which has been suggested for aqueous benzene solu
tions8 and in which each • OH adduct gives a molecule 
of product.

Reaction 2 is unimolecular, or if reaction with an
other entity is necessary to bring about decomposition 
of the adduct, is pseudo-unimolecular. Reaction 1 is 
bimolecular. It follows that the extent of each will de
pend upon the steady-state concentration of the react
ing radical species and hence upon the dose rate.

Effect o f Dose Rate. G(m-NP) and (7(p-NP) were 
found to be essentially independent of dose rate (Table
I). Figure 2 shows that at the dose rate (1.8 krads/ 
min) chosen for the dichromate investigations, (?(o-NP) 
is in the rate-dependent region and at zero dose rate the 
value must approach the 1.03 found in the presence of 
dichromate.

From 1 to 10 krads/min, G(o-NP) decreased with 
dose rate, and this is attributed to competition between 
bimolecular reactions and reaction 2. However, if 
reaction 1 were the only significant bimolecular reac
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Figure 2. Effect of dose rate 0.8 m l  nitrobenzene,
20 krads: O, pH 5.5, no solute, aerated; + , pH 4, aerated.

(8) L. M. Dorfman, I. A. Taub, and R. E. Bühler, J. Chem. Phys., 
36, 3051 (1962).
(9) J. H. Baxendale and D. Smithies, J. Chem. Soc., 779 (1959).
(10) A. O. Allen, “ The Radiation Chemistry of Water and Aqueous 
Solutions.” D. Van Nostrand Co., Inc., Princeton, N. J., 1961, p 131
(11) K. F. Nakken, Radiation Res., 21, 446 (1964).
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tion, then G(o-NP) would not drop below 0.51 which is 
half its value at low dose rates. In fact it decreased 
to 0.36. This means that there must be another reac
tion which decreases the yield. This reaction becomes 
increasingly important with increasing dose rate indi
cating, once again, a second-order radical-radical reac
tion.

In studying the effect of hydrogen ion concentration 
(pH) on this system12 we found that this reaction is the 
recombination reaction between the ortho -OH adduct 
and the reducing radical-nitrobenzene adduct giving the 
original nitrobenzene and no net reaction. At pH 5.5 
this reaction becomes important above 4-5 krads/min. 
At pH 4 or less the electron adduct is protonated and 
does not react with the ortho -OH adduct. G(o-NP) 
at high dose rate and pH 4 (Figure 2) was found to be
0.52 which is just one-half the value at zero dose rate.

At dose rates greater than 10 krads/min, G(o-NP) 
remains constant, and in this region, therefore, it may 
be assumed that the unimolecular reaction 2 is negligi
ble. There is a competition between the two bi- 
molecular reactions and, since the relative extent of 
these two reactions is not affected by dose rate, G- 
(o-NP) remains constant.

Since high oxygen concentration does not affect 
(?(o-NP) greatly, the nitrobenzene-radical adducts 
are almost certainly completely oxygenated in aerated 
solution. The dose-rate dependence does confirm that 
the reaction giving o-nitrophenol at low dose rates is, 
indeed, first order. Nitrobenzene as a solute therefore 
resembles benzene8 more nearly than p-aminobenzoic 
acid.11

Post-Irradiation Effect. No post-irradiation effects 
have been found in solutions irradiated at low dose rate 
(0.013 krad/min). At high dose rate (4.1 krads/min), 
G(o-NP) increased 5% over the first day and then re
mained steady. All measurements have therefore 
been made within 1 hr of removal from source. It is 
apparent that the dose-rate effects are not caused by 
post-irradiation phenomena. Any unstable species, 
e.g., peroxides, might be decomposed by the analytical 
method which involves heating the solution.

H 0 2 ■ as a Hydroxylating Agent. The radical H02- 
or its ionized form 0 2 • ~ is a well-known hydroxylating 
agent in organic chemical synthesis and is the active 
constituent in certain reagents.13 There is no evidence 
from our investigations to suggest that, in the radioly
sis of nitrobenzene solutions, these radicals act as 
significant hydroxylating agents. At high oxygen 
pressures when all the hycfrated electrons would be ex
pected to react with oxygen, the G(o-NP) values (0.66 
and 0.71) are nearly the same (0.66) as when no more 
than a few per cent form H02-. Nor is there any

evidence that 0 2 • ~ reacts with the • OH adduct to form 
a phenol.8'11

meta and para Isomers. The virtual constancy of the 
yields of m-nitrophenol and p-nitrophenol means that 
all of these products arise from such reactions as (2), 
and their precursors do not undergo dismutation or 
recombination reaction to any great extent. There is 
however a slight effect, the yields being about 12% 
higher in the presence of dichromate than in its absence. 
This indicates that even at the low dose rates used there 
are some residual bimolecular reactions reducing the 
yields. Alternatively, these differences might be due 
to additional and unknown reactions in the presence 
of the strong oxidizing reagent dichromate.

In deaerated solution (Table I), G(o-NP) and 
(j(to-NP) were about one-fifth of the values found in 
aerated solutions whereas Cr(p-NP) was about one-half. 
This shows that recombination is relatively more im
portant for ortho and meta adducts than for para.

It is reasonable to assume that, in the case of dis
mutation reactions, at least one of the reactants must 
correspond in isomeric configuration to the final product 
of the reaction. An ortho adduct will undergo collision 
with meta or para adducts almost as frequently as with 
its fellow ortho adducts. Assuming that the yields in 
the presence of dichromate reflect the ratios of the 
isomeric precursors present during the irradiation, it is 
possible to obtain from our experimental results a semi- 
quantitative idea of the results of these collisions, al
though there are insufficient data to solve the equations 
uniquely, ortho-ortho collisions give ortho product— 
perhaps at nearly every collision. Collisions involving 
meta or para adducts are much less effective.

Differences in  Behavior. It is apparent that the be
havior of the ortho adduct is different from that of the 
meta or para adducts and that there are also minor dif
ferences between the latter adducts.

The polarographic and electron spin resonance stud
ies of Corvaja, Farnia, and Vianello14 on nitrophenol 
radical anions are relevant to our irradiated system be
cause the protonated forms of the nitrophenol-electron 
adducts are isoelectronic with the nitrobenzene-hy
droxyl radical adducts.

Our radiolytic results are in qualitative agreement 
with their observations, the ortho adduct undergoing 
both dismutation and recombination reactions more 
readily than do either meta or para adducts. Al
ternatively or additionally, the unimolecular decom-

(12) R. W . Matthews and D. F. Sangster, to be published.
(13) W. T. Dixon and R. O. C. Norman, Nature, 196, 891 (1962).
(14) C. Corvaja, C. Farnia, and E. Vianello, Electrochim. Acta, 11, 
919 (1966).
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position of the ortho adduct may be particularly slow. 
The spatial configuration of the ortho adduct is such 
that the hydrogen of the OH group is close to the 
oxygens of the N 02 group allowing it to form a six- 
membered ring by hydrogen bonding. This would be 
expected to confer stability and reduce the likelihood 
of unimolecular decomposition thus allowing bi- 
molecular reactions to proceed.

Reaction 2 in the paper of Corvaja, et al.,14 suggested 
that one of the products of radiolysis might be o- 
nitrosophenol. We therefore irradiated a solution 
of nitrobenzene at high dose rate (25 krads/min). 
These conditions would be expected to be the most 
favorable for such a bimolecular reaction. The light 
absorption at 472 myu, where alkaline solutions of o- 
nitrosophenol exhibit a maximum,15 16 could be com
pletely accounted for by the known concentrations of 
the three isomeric nitrophenols. There is therefore no 
evidence for the formation of nitrosophenol under our 
experimental conditions.

■OH Radical Balance. The radiolytic yield of pri
mary -OH radical at this pH is 2.4. The nitrophenol 
product yield in the presence of 0.1 m M  dichromate 
totals 2.02. This means that 84% of the • OH radical 
reactions are accounted for. The remainder may be 
due to • OH radical attack at either the C-l position or 
nitro group and reactions giving products other than 
nitrophenols such as dialdehydes, dimers, and peroxide 
species.

Partial Rate Constants. It is usually assumed that, 
once interfering reactions have been eliminated, the 
isomeric product distribution reflects faithfully the ex
tent of attack by the reagent on the different ring 
positions of the aromatic substrate. If this is taken as 
valid, we are able to calculate the reaction rate con
stants at the three different isomeric positions for hy
droxyl-radical attack on the nitrobenzene molecule, 
free of any interference from dismutation or recombina
tion reactions.

Taking Gon = 2.4, the total reaction rate constant7 
Jc-OH+nitrobenzene = 1.9 X 109 M-1 SeC-1 and G(o-NP) =
1.03, G(m-NP) = 0.48, and G(p-NP) = 0.51, one ob
tains the following absolute rate constants in units of 
109 M ~ l s e c 1 for total attack at two ortho positions 
0.81, two meta positions 0.40, and one para position 
0.40. -OH radical reactions unaccounted for total 
0.30. The corresponding rate in unsubstituted ben
zene is 0.63 at each ring position (units 109 M ~ l sec-1).

Other Hydroxylating Reagents. Other authors have 
reported isomeric ratios for the nitrophenols formed in 
the hydroxylation of nitrobenzene using radiation16 
or chemical reagents17-19 such as Fenton’s reagent. 
The oxidizing species in the radiolysis of aqueous solu

tions is uncharged,20 and there are very good reasons for 
claiming that it is the hydroxyl radical.21

Comparison of isomeric ratios and rates of attack 
can be used to indicate if the hydroxyl radical is the 
attacking species in the various chemical systems.

The dose rate used by Loebl, Stein, and Weiss16 is 
about 2.2 krads/min so their o-nitrophenol yield will not 
reflect the extent of attack at the ortho position. Under 
the experimental conditions used for Fenton’s reagent 
by Loebl, Stein, and Weiss17 and by Norman and 
Radda,18 the steady-state concentration of ortho adduct 
would be expected to be much higher than in our radi
olysis experiments. This means that almost all the 
o-nitrophenol found by them probably came from a 
dismutation mechanism and must be allowed for by 
doubling their ortho yield. The total reaction rate 
relative to benzene noted by Norman and Radda is 
0.14 which is much less than fc.oH+nitrobensene/ 
fc.oH+benzene = 0.39/1.2 reported by Matthews and 
Sangster1 and a more recent unpublished measurement 
0.5/1.2 made by us. After we had completed the ex
perimental part of this work, the paper by Hamilton, 
Hanifin, and Friedman19 appeared. The isomeric ratios 
thejr obtained, 2:1:1, is in striking agreement with our 
result. However, the reaction rates relative to benzene 
of anisole 1.4, chlorobenzene 0.6, and nitrobenzene 0.6 
for their catalytic system are not in good agreement with 
our radiolytic values1 phenol 0.9, chlorobenzene 0.9, and 
nitrobenzene 0.4.

The evidence shows that the hydroxyl radical is not 
the reactive entity in any of the chemical hydroxylating 
reagents.

■OH Reaction Characteristics. Important from the 
point of view of the reaction characteristics of the 
hydroxyl radical are the 2 m : p and 2o: p product ratios 
of 1:1 and 2:1, respectively, which we have found.

The 2 m : p ratio of about unity and the lower reaction 
rate compared with unsubstituted benzene are typical 
of a reagent exhibiting some degree of electrophilic 
character. This confirms the observations of Lindsay 
Smith and Norman22 and of Anbar, Meyerstein, and 
Neta.23
(15) J. P. Phillips and F. C. Nachod, Ed., “ Organic Electronic Spec
tral Data,”  Vol. II, Interscience Publishers, Inc., New York, N. Y., 
1960, p 54.
(16) H. Loebl, G. Stein, and J. Weiss, J. Chem. Soc., 2704 (1950).
(17) H. Loebl, G. Stein, and J. Weiss, ibid., 2074 (1949).
(18) R. O. C. Norman and G. K. Radda, Proc. Chem. Soc., 138 
(1962).
(19) G. A. Hamilton, J. P. Friedman, and P. M. Campbell, J. Am. 
Chem. Soc., 88, 5266 (1966); G. A. Hamilton, J. W. Hanifin, and 
J. P. Friedman, ibid., 88, 5269 (1966).
(20) A. Hummell and A. O. Allen, Radiation Res., 17, 302 (1962).
(21) C. J. Hochanadel, ibid., 17, 286 (1962).
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The 2o :p  ratio of 2 shows no selectivity between these 
positions and is the ratio expected from such a highly 
reactive reagent as hydroxyl radical. This is in agree
ment with the high absolute reaction rates found.
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(22) J. R. Lindsay Smith and R. O. C. Norman, J. Chem. Soc., 2897 
(1963).
(23) M. Anbar, D. Meyerstein, and P. Neta, J. Phys. Chem., 70, 
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Donor Properties of Diethers

by A. F. Garito and B. B. Wayland

John Harrison Laboratory of Chemistry and Laboratory for Research on the Structure of Matter, 
University of Pennsylvania, Philadelphia, Pennsylvania 19104 (Received April 17, 1967)

The equilibrium constants and thermodynamic values for 1:1 adduct formation of 1,4- 
dioxane, 1,3-dioxane, 1,1-dimethoxymethane, and 1,2-dimethoxyethane with iodine are 
reported. The donor properties of these diethers are discussed in terms of the effects of 
the two equivalent donor sites present.

Introduction

The donor properties of basic solvents containing 
a single ether oxygen have been extensively investi
gated.1-4 With the exception of dioxane, little has 
been reported on the donor properties of solvents 
containing two ether oxygens. The bases 1,4-dioxane, 
1,3-dioxane, 1,1-dimethoxymethane, and 1,2-di- 
methoxyethane have recently received wide attention 
as nonaqueous solvents, particularly as media for 
polymerization reactions. The interest in these bases 
as nonaqueous solvents prompts us to report the donor 
properties of these bases as measured by the thermo
dynamics of adduct formation with iodine.
Experimental Section

Reagents and Solutions. Reagent grade iodine was 
sublimed before use. Reagent grade phenol was dis
tilled and sublimed once. The bases (Fisher reagent 
grade) were refluxed and distilled over Na metal im
mediately before use. Fisher Spectroanalyzed carbon 
tetrachloride was used without further purification. 
All solutions were prepared and used within a 1-hr

period. No change in the electronic spectra of the 
solutions was observed over a 24-hr period.

Apparatus. Spectroscopic measurements were made 
with a Beckman DB spectrophotometer with a fluid- 
thermostated cell compartment. The temperature 
was measured by inserting a thermocouple directly 
into the cell. The temperature was maintained con
stant within ±0.1°. The solution concentrations 
were corrected for volume changes due to any change 
in temperature.

The phenol O-H frequency shifts were measured on a 
Perkin-Elmer 521 infrared spectrometer.

Procedure. The equilibrium constants at 25.0° 
(Table I) were obtained by analytical solution of the 
Rose-Drago equation 1 2 3 4

(1) M. Brandon, M. Tamres, and S. Searles, Jr., J. Am. Chem. Soc., 
82, 2129, 2134 (1960).
(2) R. West, D. L. Powell, M. K. T. Lee, and L. S. Whatley, ibid., 
86, 3227 (1964).
(3) T. M. Barakat, M. J. Nelson, S. M. Nelson, and A. D. E. Pullin, 
Trans. Faraday Soc., 62, 2674 (1966).
(4) W. Gerrard and E. D. Macklen, Chem. Rev., 59, 1105 (1959).
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Table I : Data and Equilibrium Constants for 1 :1 Adducts of the Diethers with Iodine at 25° and X 450 m,u

Donor C'a, M Cb,M

©1 «C — eA K, l./mole

1,1-Dime thoxyme thane 0.006890 0.04460
0.08919

0.106
0.208 573 0.63 ±  0.08

0.2230 0.448
0.4459 0.872
0.8919 1.409

1,2-D imethoxye thane 0.005459 0.04248
0.08496

0.166
0.315 635 1.19 ±  0.08

0.2124 0.692
0.4248 1.160

1,3-Dioxane 0.005366 0.08027 0.191
0.2007 0.455 679 0.71 ±  0.03
0.4013 0.812
0.8027 1.309

1,4-Dioxane 0.005044 0.04087 0.1475
0.08173 0.288 705 1.08 ±  0.05
0.2043 0.642
0.4087 1.092
0.8173 1.658

Table II: Data and Thermodynamic Values for 1 :1 Adducts of the Diethers with Iodine

Temp, K, -A H , A F, -A S ,
Donor C'a, M Cb, M A — A0 eC — €A °C I./mole kcal/mole kcal/mole cal/mole

1,1-Dime thoxy- 0.006889 0.3012 0.488 573 25.2 0.636 0.27 ±  0.02 11.6 ±  0.8
methane 0.006852 0.2996 0.455 29.1 0.594

0.006818 0.2982 0.427 32.6 0.558
0.006787 0.2968 0.403 36.0 0.528 3.2 ±  0.2
0.006756 0.2957 0.380 39.2 0.500

1,2-Dimethoxy- 0.005451 0.2124 0.692 635 25.2 1.182 -0 .1 0  ±  0.02 12.1 ±  0.8
ethane 0.005431 0.2113 0.644 28.8 1.094 3.7 ±  0.3

0.005406 0.2103 0.603 32.2 1.017
0.005356 0.2084 0.530 39.6 0.889

1,3-Dioxane 0.005673 0.2135 0.504 656 24.9 0.736 0.20 ±  0.02 13.1 ± 0 . 8
0.005645 0.2124 0.468 28.5 0.683
0.005617 0.2114 0.437 32.0 0.638
0.005589 0.2104 0.407 35.5 0.595 3.7 ±  0.2
0.005567 0.2095 0.382 38.5 0.559

1,4-Dioxane 0.005043 0.2043 0.642 705 25.0 1.080 3.8 ±  0.3 -0 .0 5  ±  0.02 12.9 ±  0.8
0.005016 0.2032 0.590 29.3 0.991
0.004971 0.2013 0.518 35.9 0.865
0.004948 0.2004 0.485 39.2 0.809

K - 1
CaCb (ec — «a) — C'a — C b +

A  -  A 0

«C — (A

where C a  is the initial acid concentration, CB is the 
initial base concentration, A  — A 0 is the difference in 
the absorbance of a solution of acid at concentration 
Ca and a solution of acid and base at concentrations 
Ca and Cb, and ec — eA is the difference in molar ab- 
sorptivities of the complex (C) and acid (A).

The enthalpy measurements were made from the 
temperature dependence of the equilibrium constants.

A single-solution technique that utilizes the Rose- 
Drago equation was used in the enthalpy calculations.6 
The AH  values determined by the single-solution 
technique are insensitive to small errors in K  and ec — 
tA- The value of AH  is, however, very sensitive to the 
temperature dependence of ec — eA. The absorptivity 
difference (ec — ca) was found to be temperature inde
pendent within experimental error. Several runs were 5
(5) R. L. Carlson and R. S. Drago, J. Am. Chem. Soc., 84, 2320 
(1962).
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made on each iodine-base system, and the measured 
values were found to be within experimental error.

The phenol frequency shift measurements were 
made on CCU solutions containing 0.15 M  phenol with 
several base concentrations. Two well-resolved O-H 
frequencies are observed for these solutions. The 
frequency shift Ar(OH) is the difference in the O-H 
stretching frequency for free and complexed phenol.
Results and Discussion

The equilibrium constants and the thermodynamic 
values for 1:1 adduct formation of diether donors with 
iodine are given in Tables I and II, respectively. The 
equilibrium constants and enthalpies for formation 
of diether adducts with iodine are significantly smaller 
than those of the monoether-iodine adducts. The 
dioxane-iodine thermodynamics have been redeter
mined and found to be in good agreement with previous 
work on this system6 (Table III).

Table III: Comparative Thermodynamic Data for
Formation of Iodine Adducts

Donor Solvent
K ,

l./m ole

- A H ,

kcal/
mole

1,4-(CH2),02 cci4 1.08“ 3.8“

1,3-(CH2),02“ cci4 1.146 
0.71 3.7

CH(OCH3)2“ CCI, 0.63 3.2
(CH2)2(OCH3)2* CCI, 1.19 3.7
(CH2)20 ‘ 7i~C7Hi6 0.94 3.8
(CH2)30 ‘ n-C7H16 3.85 6.4
(CH2),0 ‘ 71-C7H16 2.54 5.3
(CH2)sO‘ 71-C7H16 2.51 4.9
(C2H,)0<* CCU 0.97 4.3

This paper. b See ref 6; temperature 17°. c M. Brandon,
Tamres, and S. Searles, Jr., J .  Am. Chem. Soc., 82, 2129,

2134 (1960). Calculated using the Benesi-Hildebrand equa
tion. Converted from mole fraction to liters per mole. d P. A. 
D. DeMaine, J. Chem. Phys., 26, 1192 (1957). Calculated using 
the Benesi-Hildebrand equation.

The difference in enthalpies of adduct formation 
for the diethers with iodine are small. The equilibrium 
constants are much more sensitive to small differences 
in donor properties and will be used here as a means of 
comparing donor properties.

An acid-base equilibrium involving more than one 
reactive site on the donor molecule is generally com
plicated by competitive equilibria taking place at the 
nonequivalent donor sites. For example, the thio- 
anisole-phenol system involves competition in the 
phenyl 7r-donor site with the sulfide donor site for

adduct formation with phenol, and the measured equi
librium constant of adduct formation for a system of this 
type has been shown to be the sum of the individual 
equilibrium constants associated with each site.7 
Thus, substituent effects reflected in the measured 
equilibrium constant even qualitatively are difficult 
to assess when the substituent itself is a potential donor 
site.

The diether donors used in this study, on the other 
hand, all have two equivalent ether oxygen donor sites; 
thereby, only one type of 1:1 adduct with the reference 
acid is formed. The donor, 1,4-dioxane, has been 
shown to form only a 1:1 and not a 2:1 adduct with 
iodine8 9 and other reference acids,3’4’8,9 so that the 
diethers provide a suitable system to observe the sub
stituent effect of one ether oxygen on a second equiv
alent ether oxygen.

This substituent effect of one ether oxygen on the 
other is immediately evident on comparing the diether- 
iodine equilibrium constants with those of the cor
responding monoethers. To do so requires a statistical 
correction to the measured values.10 11 The diethers, 
having two equivalent donor sites, have twice the 
probability for adduct formation than a monoether. 
For example, the equilibrium constant for the cyclic 
diethers should be on a strict statistical basis just 
twice that of tetrahydropyran,1 2 X 2.5 = 5.0. This 
value is five times greater than that observed. Thus, 
the presence of a second ether oxygen drastically re
duces the donor ability of the diether.

The diethers, within themselves, show this sub
stituent effect. As shown in Table II, the AF  values 
are positive for the diethers in which the oxygen atoms 
are separated by one methylene group, while the AF  
values are negative for those in which the oxygen 
atoms are separated by two methylene groups. Thus, 
as the distance between the oxygen atoms increases, 
the donor ability increases. This effect is not unex
pected from simple inductive arguments, but it has been 
shown that adduct formation of ethers with iodine and 
other reference acids do not involve simple inductive 
effects alone.1-3,11

The possibility exists for these donors to utilize both

(6) R. S. Drago and N. J. Rose, J. A m . Chem. Soc., 81, 6141 (1959).
(7) B. B. Wayland and R. S. Drago, ibid., 86, 5240 (1964).
(8) See O. Hassel and C. R0mming, Quart. Rev. (London), 16, 1 
(1962), and references therein.
(9) S. C. Mohr, W. D. Wilk, and G. M . Barrow, J. A m . Chem. Soc., 
87, 3048 (1965).
(10) J. N. Br0nsted, Chem. Rev., 5, 322 (1928); S. W. Benson, 
J. A m . Chem. Soc., 80, 5151 (1958).
(11) V. I. Gol’danskii, O. Yu. Okhlobystin, V. Ya. Rochev, and 
V. V. Khrapov, J . Organometal. Chem. (Amsterdam), 4, 160 (1965).
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ether oxygens in forming adducts.12 This is more 
likely for the donors 1,1-dimethoxymethane and 1,3- 
dioxane where both oxygens are bonded to a single 
carbon atom. Evidence has been presented for a 
three-body complex of tetramethylene sulfone with 
phenol where both donor oxygens are bonded to a single 
sulfur atom.13 Although this effect may be important 
in hydrogen-bonded adducts, there is no reported 
evidence for its contribution in iodine adducts. The 
use of both ether oxygens in adduct formation is ex
pected to result in unusually large entropy effects.13 
These effects are not apparent in the thermodynamic 
values for the adducts reported in this paper.

The usual correlations between donor ability of the 
diethers and such measurements as nmr proton shifts, 
solubility in halomethane solvents, and phenol OH 
vibrational frequency shifts can be made. The phenol 
frequency shifts for these bases are reported in Table IV. 
These data suggest a similar order of donor ability 
for the diethers toward hydrogen-bonding acids as that 
measured toward iodine. The diamines and disulfides 
show analogous behavior toward reference acids as the 
diethers.9’14

Table IV : Phenol Frequency Shift with the Diethers

¿» (O H ), 
cm '' “

1,1-Dimethoxy methane 221
1,2-Dime thoxye thane 234
1,3-Dioxane 216
1,4-Dioxane 233

0 Phenol concentration is 0.15 M in CCI4. The data reported
are extrapolated to infinite dilution of base, 
in frequency shifts is ±4  cm-1.

Estimated error

Acknowledgments. The authors wish to acknowl
edge the Advanced Research Projects Agency for 
generous support of this research through Contract 
No. SD-69.
(12) For an excellent discussion of this point, see H. Tsubomura and 
R. P. Lang, J. Am. Chem. Soc., 83, 2085 (1961).
(13) R. S. Drago, B. B. Wayland, and R. L. Carlson, ibid., 85, 3125 
(1963).
(14) J. D. McCullough and I. C. Zimmermann, J. Phys. Chem., 66, 
1198 (1962).
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Electron Capture by Nitrous Oxide in Irradiated Alkane and Alkene 

Gases. Subsequent Reactions of the O -  Ion1 2

by John M. Warman
R adiation  Research Laboratories, M ellon  Institute, P ittsburgh, Pennsylvania  (.Received M a y  1, 1967)

The yields of nitrogen formed on irradiation of alkane (C2, C3, C4) and alkene (C3, C4) 
gases containing small amounts (<5%) of added nitrous oxide have been measured. The 
yield of nitrogen, G (N i), for a given hydrocarbon increases with increasing concentration of 
nitrous oxide up to ~2%  above which (7(N2) is approximately constant. This limiting 
yield, G (N2)„, depends upon the hydrocarbon used, being for the alkanes 1.55(re (Ge = 
yield of electrons/100 ev), for propylene and isobutylene ~(?o, and for the 1- and 2-butenes 
~2(rc. These differences in the value of G (N2)co are attributed to subsequent reactions of the 
0 “ ion, formed on electron capture by the nitrous oxide, in the case of the alkane +  N20  
systems with nitrous oxide and in the case of the alkene +  N20  systems with the alkene. 
Rate constant ratios for these reactions have been determined by studying mixed-hydro
carbon +  N20  systems and by the use of carbon dioxide and acetone as competitive 
scavengers of the O-  ion.

Introduction
Nitrous oxide has been used as a specific electron 

scavenger in irradiated liquid2-4 and gaseous5'6 hydro
carbons. In these systems nitrogen is formed by the 
dissociative capture of electrons

kze +  N20  — >■ N2 +  O- (1)
Accordingly the yield of nitrogen, G (N2), should equal 
the number of electrons captured. In both gaseous 
and liquid alkanes, nitrogen yields considerably in 
excess of the known yield of electrons (derived from 
the W  value) have been found. In the gas phase it 
has been suggested5 that this “excess” nitrogen is 
formed by the subsequent reaction of 0 - , formed in 
(1), with nitrous oxide via

0 — -(- N20  ^ N2 -|- 0 2-  (2)
The present work extends the study of nitrogen forma
tion, from gaseous hydrocarbon +  N20  mixtures, to 
other alkanes and to the alkenes. An attempt is made 
to clarify the role of 0~  in nitrogen formation in these 
systems.
Experimental Section

The hydrocarbons (Philips Research grade), nitrous

oxide, carbon dioxide, and sulfur hexafluoride (Math- 
eson) were distilled several times (through a cold 
spiral) on a vacuum line. Acetone (Fisher Scientific 
Spectroanalyzed) was used without further purifica
tion. All reagents were deaerated by a freeze-pump- 
thaw cycle.

The pressure of each constituent of the mixture to be 
irradiated was measured in a known volume prior to 
transfer to a common bulb at —196°. The resulting 
mixture was then warmed to room temperature and ex
panded into a volume containing the radiation vessels. 
The resultant total pressure was -~630 mm. The 
vessels were Pyrex cylinders of volume 160 cm3 4 and 
length 20 cm.

A 2000-curie Co60 source was used to irradiate the 
samples. The products which were noncondensable 
at —196° were transferred to a gas buret by means of a
(1) Supported in part by the U. S. Atomic Energy Commission.
(2) G. Scholes and M. Simic, N ature, 202, 895 (1964).
(3) W. V. Sherman, J. Chem. Soc., Sect. A , 5, 599 (1966).
(4) S. Sato, R. Yugeta, K. Shinsaka, and T. Terao, B ull. Chem . Soc. 
Japan , 39 , 156 (1966).
(5) G. R. A. Johnson and J. M . Warman, N atu re, 203, 73 (1964).
(6) G. R. A. Johnson and J. M . Warman, Trans. F araday Soc., 61, 
512 (1965).
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single-stage diffusion pump and a Toepler pump. After 
pressure-volume measurement, the gas composition 
was determined mass spectrometrically.

Dosimetry was based on (t(C2H4 H2) = 1.317
The energy absorbed by a gas mixture was taken to be 
the sum of the energies absorbed by all constituents of 
the mixture, using the relevant partial pressures and 
stopping powers.7 The average dose rate in the present 
experiments was ~ 2  X 1013 ev/cm3 sec. G values were 
calculated from the slopes of linear yield-dose plots 
(product yields at at least four different total doses 
were measured). The highest total dose used was 2 X 
1017 ev/cm8. G values are given in the text in terms 
of Ge (the yield of electrons per 100 ev absorbed) as 
calculated from the relevant W  value (energy required 
to form one ion pair). The W  values7 for the hydro
carbons used lie within the range 23.9 ±  1.0 ev cor
responding to Ge — 4.20 ± 0.17.
Results and Discussion

A Ikane +  N 20  Mixtures. The formation of nitrogen, 
on irradiation of propane gas containing small amounts 
of nitrous oxide, has been shown to be due to the dis
sociative capture of electrons by the nitrous oxide,6’6 
reaction 1. The capture of electrons is presumed to 
compete with their disappearance by electron-ion 
recombination, e +  X +, where X +represents the positive 
ion or ions present at the time of recombination. Ac
cording to the above competition the yield of nitrogen, 
G(N2), should vary with the concentration of nitrous 
oxide, [N20], according to

GTO .  — ^  (A)
1 +  [N20]

where Ge is the yield of electrons, given by 100/W, and 
A is a function of the rate constants for ion recombi
nation and electron capture and the rate of formation 
of ions. According to (A), a plot of Ge/G(N2) vs. 
1/ [N20  ] should be a straight line of slope A . This linear 
behavior has been observed in the case of propane6 
and also in the present work for ethane, n-butane, and 
isobutane, Figure 1. According to the above mecha
nism, the yield of nitrogen when all electrons are cap
tured by N20  should be equal to the yield of electrons, Ge. 
This maximum yield, C?(N2)„, given by the reciprocal 
of the intercept in Figure 1 is, however, found to be 
considerably greater than Ge, being for the four alkanes 
studied 1.556re. This has previously been attributed 
to the subsequent reaction of 0~ with N20 ,6 reaction
2. If reaction 2 represented the sole fate of O-  ions, 
then one should observe G(N2) = 2Ge. That the 
experimentally determined value, G(N2) = 1.556'e, is

Figure 1. Dependence of the reciprocal nitrogen 
yield, from irradiated alkane (600 mm) +  N20 mixtures, on 
the reciprocal nitrous oxide concentration for ethane (■), 
propane (V), n-butane (•), and isobutane (O).

lower than this can be explained if reaction 3, which 
has been found to occur concurrently with reaction 2 
in the mass spectrometer,8 also occurs in the present 
systems with fc2/fc3 = 1.2. The reaction between O-

O- +  N20  - X  NO +  NO- (3)
and C02, reaction 4, has been found to be fast.9’10 * Ac-

kc02O- +  C02 — ►  C03-  (4)
cording to the above mechanism for nitrogen formation, 
the addition of C02 to the alkane +  N20  systems should, 
then, result in a competition between C02 and N20  
for O-  thereby decreasing <7(N2), in the limit to Ge 
when all O-  ions are scavenged by the C02. C02 was, 
in fact, found to decrease C?(N2), Figure 2, even for 
[C02]/[N20] as low as 0.02, to a limiting value of Ga. 
C02 is not known to react with the free radical or ionic 
species produced in hydrocarbon radiolysis. The 
effect of C02 on (t(N2) from alkane +  N20  mixtures 
therefore strongly supports the postulate that the re
action of O-  with N20  is responsible for the “excess”
(7) G. G. Meisels, J. Chem. Phys., 41, 51 (1964).
(8) B. P. Burtt and J. Henis, ibid., 41, 1510 (1964).
(9) W. L. Fite and J. A. Rutherford, Discussions Faraday Soc., 37, 
192 (1964).
(10) J. L. Moruzzi and A. V. Phelps, J. Chem. Phys., 45, 4617
(1966).
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Figure 2. Effect of carbon dioxide (• ) and 
acetone (O) on the yield of nitrogen from a propane 
(600 mm) +  NjO (25 mm) mixture.

Figure 3. Dependence of the yield of nitrogen on 
concentration of nitrous oxide in ~600 mm of 
propylene (O), isobutene (■), 1-butene (•), cis-2-butene 
(» ), and frims-2-butene (C).

yields of nitrogen (i.e., (?(N2) >  Ge) found in these
systems.

Alkene +  N 20  M ixtures. The addition of small

Figure 4. Effect of added carbon dioxide and sulfur 
hexafluoride on the yield of nitrogen from an alkene (600 mm) 
+  N20  (25 mm) mixture. The alkene and additive, 
respectively, are: (B) C3H6, C 02; (A)  1-C4H8, C 02;
(•) m -2-C 4Hg, C 02; (O) irans-2-C4H8, C 02;
( + )  C3H6, SF6; (X )  irems-2-C4Hs, SFs-

amounts of N20  to irradiated alkenes is found to yield 
nitrogen as for alkane +  N20  mixtures, Figure 3. The 
yield of nitrogen increases with increasing N20  con
centration below approximately 2%, and above this 
concentration it is nearly constant. A plot of 1/(7(N2) 
vs. 1/[N20] is linear for all of the alkenes studied 
in accordance with eq A. The limiting nitrogen 
yields, however, differ considerably from that found for 
the alkanes and from alkene to alkene. Thus for 
propylene and isobutene Gr(N2)m ~  Gc whereas for 1- 
butene and the 2-butenes (?(N2)„ ~  2Ge. The ad
dition of 0.2% SF6 (an efficient electron scavenger) to 
the systems C3H6 +  N20  (4%) and iran,s-2-C4H8 +  N20  
(4%) inhibited the formation of nitrogen, Figure 4, 
indicating the electron to be the primary precursor of 
nitrogen in both cases. Since the simple alkenes 
(having negative electron affinities) cannot capture 
electrons, the primary process in nitrogen formation 
must be reaction 1 as in the alkane +  N20  systems. 
The observation that (?(N2)„ for propylene and iso
butene is ~  Ge indicates that the subsequent reactions,
(2) and (3), of O-  with Ff20  are not occurring in these 
systems. The most obvious explanation of this is
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that the 0~ ion can react preferentially with the solvent 
alkene to form species which do not further react with 
N20  to form nitrogen

O-  +  D — *■ (DO)-  (5)
where D represents propylene or isobutene and (DO) ~ 
the product or products of the reaction of O-  with 
propylene or isobutene. The value of G(N2)„ ~  2Ge 
found for 1-butene and the 2-butenes can then be 
explained by a reaction analogous to reaction 5 but 
the product (s) of which can subsequently react with 
N20  to form N2

O-  +  E —> (EO)- (6)
(EO)~ +  N20  —> (E02)_ +  N2 (7)

where E represents 1-butene or 2-butene. Accord
ingly, on the addition of C02 to the latter systems, 
G(N2) should decrease, owing to competition between 
reactions 4 and 6, and tend toward Ge with increasing 
C02 concentration. This is found to be so, Figure 4. 
The addition of C02 to the propylene +  N20  system 
should not markedly affect G(N2) since neither reaction 
4 nor reaction 5 leads to nitrogen formation. This is 
also found to be so, Figure 4.

The possibility that the “excess” nitrogen formed in 
the alkene systems is due to deactivation of metastable 
excited species by nitrous oxide cannot be completely 
ruled out on the basis of the present data

RH* +  N20  —> N2 +  0  +  RH
However, if this were the case, then, in order to explain 
the above results, the relative efficiencies for quenching 
of these species would have to give an alkene :N20: 
C02:SF6 ratio of 1:-—'102:-—'10®:-—-105. This is to be
compared with the relative efficiencies for deactivation 
of metastable Hg (3Pi) atoms which are found to be in an 
alkene:N20  :C02 ratio of 1:0.5:0.1.u Also the pre
requisite that the yield (or nature) of such metastable 
species should differ markedly between propylene or 
isobutene and 1-butene or 2-butene would seem un
likely.

Mixed-Hydrocarbon +  N 20  M ixtures. The above 
discussion has been concerned with substantiating the 
occurrence of reactions of the O-  ion in the systems 
studied and the effect of these reactions on the yield 
of nitrogen from irradiated hydrocarbon +  N20  mix
tures. A more detailed study of the variation of the 
nitrogen yields, resulting from these reactions, should 
enable one to obtain kinetic data pertaining to the re
actions which as well as being of intrinsic interest might 
also shed light on the nature of the reactions involved.

Figure 5. Dependence of the yield of nitrogen on partial 
pressure of propylene in the mixture propylene +  propane 
(total pressure 600 mm) +  N20  (25 mm) (□). Above results 
plotted as G e/ ( G (N2) — Ge) vs . [C3H 6]/[N20 ] which according 
to eq C (see Discussion) should be linear (A).

The yield of nitrogen, from propane +  propylene 
mixtures (total pressure ~600 mm) containing ~4%  
N20, was measured for varying partial pressures of 
propylene, Figure 5. In these systems competition 
between propylene, reaction 5, and N20, reactions 2 and 
3, for O ~ should occur. The resulting decrease in G (N2) 
with increasing [C3H6]/[N20] ratio should obey the ex
pression

G ( N2) = Ge 1 +
k2 ki &c,Ht[C3H6]
~~kt h fc2[N20] J

(B)

obtained from a steady-state treatment of reactions 1, 
2, 3, and 5. Substitution for k2/ks = 1.2 from above 
then gives

G(N2) =  Ge 1 + 1
1.83 + ftc,H,[C3H e]

k2 [N20  ] _
(C)

According to (C) a plot of GC/(G(N2) — Ge) vs. [C3H6]/ 
[N20] should be a straight line of slope h-„u,/k2. Such
(11) R. J. Cvetanovic, Progr. Reaction Kinetics, 2, 55 (1964).
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Figure 6. Dependence of the yield of nitrogen on 
mole fraction of propylene in the mixture propylene +  
1-butene (total pressure 600 mm) +  N20 (25 mm).

a plot is shown in Figure 5 from which fc2//cclHt = 4.5 
and hence fa / fc c ,H , = 3.6.

The yields of nitrogen, from propylene +  1-butene 
mixtures (total pressure ~600 mm) containing 4% 
N20, were measured for different partial pressures of 
propylene, Figure 6, in order to determine the rate 
constant ratio fa-ctH8Ac8H8- A steady-state treatment 
of the competition involved, i.e., between reactions 5 
and 6, gives as the predicted dependence of G (N2) on 
[C3H6]/[1-C4H8]

G(N2) = Gt 1 + _______ 1_______ -
- fecaHatCsHg]

fa-C^Jl-CdU].
(D)

Under the conditions of these experiments the reaction 
of O-  with N20  takes place to a small but not negli
gible extent (e.g., in propylene alone plus 4% N20, 
approximately 20% of the O-  ions will undergo re
action with N20). The inclusion of reactions 2 and 3 
in the kinetic scheme is therefore necessary and results 
in a modification of (D) giving
G(N2) = Ge X

fa[N2Q] fci-c,H8[l-C.iHs]
 ̂ I______ fa,H,[C8H6j_____ faj8H8 [G3U-6]_____  .

x (fa +  f a ) [ N 2Q ]  , fcl-C4H8 [l-C«Hg] ( }
fa:8H8[C8H6] fccjHstCsHe] -

When the values for h / kClas and fa/fcc8H8 determined 
above are substituted in (E), the rate constant ratio 
fa-cuHsAciH, remains the only unknown. The value of 
fci-c,H8A'C„H6 giving the best fit to the data in Figure 6 
was then determined by trial and error. This value 
was found to be fa-c,H8/fcc8H8 = 2.0. Using this value 
in (E), the curve in Figure 6 was computed.

Competitive Reactions Involving C 0 2. The use of C02 
as a scavenger of O-  ions has been discussed in the first 
two sections. From the decrease in G(N2) on addition 
of C02 to the 1-butene and 2-butene +  N20  systems, 
Figure 4, it is possible to obtain values for the rate 
constant ratios fa.CiH8/fa:o2 and fa.c4HsAcor The com
petition involved is that between reactions 4 and 6, a 
steady-state treatment of which gives as the dependence 
of G (N2) on [C02] for 1-butene

G (N 2) = G, 1 + 1______ “
kço^C O i]

fa-CtH8[C4H8]_
(F)

According to (F) a plot of Ge/(G (N 2) — Ge) vs. [C02]/ 
[1-C4H8] should be a straight line of slope S =  k c o j  
fa.c ,h s- Such a plot of the results in Figure 4 for
1-butene is linear and gives S  = 196. When the con
tribution of reactions 2 and 3 (i.e., those involving
O-  +  N20) are taken into account, the slope of the 
above plot is modified to

„ _  _______ 1_________kco2
. . fa[N20] fci.c,H8 (G)

fa-CtHsUAklHs]
The value for fc2/fa-cuH8 is, from above, (fa/fa^H.) X 
(faWfa-c.H8) = 2.25, and, since [N20]/[1-C4H8] in 
the present experiments is 0.04, then S  = (1/1.09) X 
(fccOi./fa-GYHs). The true value of /eco,/fa-c,H8 is there
fore 180. This value was used to compute the curve 
for 1-butene shown in Figure 4 and gives fa/fao2 = 
(fc2/ fa-c4H8)(fa-can/kcoi) =  0.013. Since for the 2- 
butenes the value of fa/fa.c4h8 is not known, a process 
of successive approximations is necessary to derive 
fajoj/fa-CYHa from the slope S of a plot of Ge/ (G (N2) — 
Ge) vs. [C02]/[2-C4H8] derived from the results in 
Figure 4. Thus, if S  is taken as a first approximation 
to /ccoa/fĉ CiHa, then fa/fa_c4h8 is given by (k2/kCo2)S  
which on substitution in the expression for the slope

g  _  _______ 1________ kcot
- . fa[N20] kuc jHs

ki-Ci hs [2-C4H8 ]
gives a second approximation to fcco2/fa-c4H8- The 
final, constant value of faWfa-cun obtained was 400 
which was used to compute the curve shown in Figure 
4 for the 2-butenes.

A  cetone A s an 0 ~  Scavenger. It was found that when 
acetone was added to the propylene +  4% N20  sys
tem, G(N2) increased, tending to a value of 2Ge with 
increasing acetone concentration, [AO], Figure 7. 
It was thought that this was possibly due to the re
action of O-  with acetone (in competition with its
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Figure 7. Dependence of the yield of nitrogen, from 
the mixtures C3H6 (600 mm) +  N20 (25 mm) (□) 
and i-C4H8 (600 mm) +  N20 (25 mm) (■), on the 
concentration of added acetone.

reaction with propylene) to give species which could 
further react with N20  to form nitrogen, i.e.

0~ +  AO —> (AO,)" (8)
(AO,) -  +  N20  —►  (AOs) “ +  N2 (9)

According to this competition G(N2) from a mixture of 
propylene +  N20  +  acetone should depend upon the 
concentration of acetone according to

1 I J \ /
_ +  fcA0 [AO ] .

A plot of G'e/(G(N2) — Ge) vs. [C3H6]/[AO] derived from 
the results in Figure 7 is shown in Figure 8. The 
linear behavior found is to be expected if (H) were 
obeyed but is somewhat fortuitous since a slight cur
vature would be expected due to the occurrence of the 
reaction of O-  with N20 in this system. When this 
is taken into account, a value for kAo/kciRs = 190 is 
obtained. A similar though less pronounced increase 
in (7(N2) was observed on addition of acetone to the 
isobutene +  4% N20  system, Figure 7. A plot of 
Ge/(G(Na) — Ge) vs. [ACiHsl/tAO] as for propylene is 
shown in Figure 8. From the slope of this plot kAo/ 
ki-CiH8 = 42.

Summary o f K inetic Data. The values for the rate 
constant ratios, kx/kY, obtained above by direct 
competition between reactants X and Y for the O-  ion 
are listed in Table I. The error limits indicated are 
estimated and represent the values outside of which

Figure 8. Plots of the points in Figure 7 as Ge/(fi(N2) — Ge) 
vs. [alkene]/[acetone] which according to eq H (see Discussion) 
should be linear for propylene (O) and isobutene (□).

Table I : Rate Constant Ratios, kx/kY, Determined by Direct 
Competition between Two Reactants, X  and Y, for the O- Ion

X Y J c x /k Y

N20  (—N2 +  0 2-) N20 (—NO +  NO-) 1.2 ±  0.15
N20 (—Ns +  Os-) c 3h 6 4.5 ±  0.9
1-C4H8 c 3h 6 2.0 ±  0.3
COs 1-C4Hs 180 ±  20
COs 2-C4H8 400 ±  40
(CH3)2CO CsH9 190 ±  30
(CH3)sCO f-C4Hs 42 ±  6

calculation and experiment would disagree considerably. 
A sounder determination of errors is not possible owing 
to the differing errors incurred in each G value and the 
magnification of these errors in the kinetic plots (e.g., 
see Figures 2 and 5 where the error limits, indicated by 
the vertical lines through the points, are calculated 
standard deviations of the mean). For ease of com
parison, the rate constants for the reactions proposed 
relative to fcc,Hs = 1.0 have been derived from the 
relevant rate constant ratios of Table I and are listed 
in Table II.

The internal consistency of the values in Table I was 
tested by deriving the ratios k2/kco t, h /k c o „  k2/ k Ao, and 
h/kAO by combining the relevant ratios in Table I. 
These values were then used to compute the expected 
dependence of G (N2), from an alkane +  4% N20  
mixture, on concentration of added C02 and acetone.
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Table II: Rate Constants for O-  Reactions Relative to the 
Rate Constant for Reaction of O” with Propylene

Reactant
(X ) kx/kciHt

N 20  (— N 2 +  O r )  4 .5
N 20  (— N O  +  N O -)  3 .7
C 3H 6 1 .0
t-CJTg 4 .5
1- C 4H 8 2 .0
2- C 4H 8 0 .9
(C H 3)2CO 190
C 0 2 360

The respective computed curves are shown in Figure 
2 and agree well with the experimental points.

Possible Reactions. As noted above the reactions 
of the O-  ion with carbon dioxide and nitrous oxide 
have been previously observed and the product ions 
characterized by mass spectrometry. The postulated 
reactions of O-  with acetone and the alkenes have not 
been observed in the mass spectrometer. Suggestions 
as to the specific reactions involved are mere specu
lation and as such will not be dealt with at length.

It has been suggested12 that, in part, the formation 
of mass 57 ions in the negative ion mass spectrum of 
acetone could be due to proton-abstraction reactions 
of the general type

R - +  CH3COCH3 —> RH +  CH8COCH2-
Possibly the reaction of O-  with acetone is of this type. 
The OH radical so formed would react exclusively 
with the hydrocarbon which is present in large excess 
in the present systems. The formation of nitrogen

would then be due to reaction of the ion CH3COCH2-  
with N20  possibly via the reaction

o h 3c o c h2-  +  N20  — » c h 3c o ch2o -  +  N2
The comparative stability of the allyl anion suggests 

the possibility that attack of O-  on the alkenes also 
involves proton abstraction, e.g.

(Ha
0 -  +  >C-CH2cnf

CHs
°~ + ) C=C\

W H

ch3
A

H2C7 TCH2
+  OH

_/> “ C\
H H

+ OH

Why the product of this reaction should further react 
with nitrous oxide, to form nitrogen, in the case of 1- 
butene or the 2-butenes but not in the case of propylene 
or isobutene is not obvious. The presence of a four- 
carbon chain in the former as opposed to a three- 
carbon chain in the latter suggests that the possibility 
of butadiene formation from the former may be re
sponsible for preferential reaction, e.g.

H2cv ch;
> - <

K  H
+  N20 — *

H2C“CH“CH“CH2 + N2 + 0H~
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Infrared Study of Poly-L-proline in Aqueous Solution1

by Charles A. Swenson and Robert Formanek
Department of Biochemistry, University of Iowa, Iowa City, Iowa (.Received M ay 4* 1967)

Infrared spectra were measured for aqueous solutions (H»0 and D20 ) of form II poly- 
L-proline in the fundamental region as a function of temperature. The temperature 
range includes the region where a reversible phase transition is known to occur. The 
spectral changes in the carbonyl absorption as this temperature range is approached are 
interpreted as a breakdown of solute-solvent interactions which result in destabilization 
of the solute in the solution phase. Simultaneously, there occurs a change in the C -H  
bending absorption which is interpreted as a small conformational change. Both of these 
absorptions show apparent isosbestic behavior as a function of temperature. A van’t 
Hoff AH° of 60 ±  10 kcal/mole (residue) was estimated for the over-all process from the 
temperature dependence of the carbonyl absorption.

Introduction
Infrared spectroscopy in the fundamental region has 

been shown to be useful in elucidating the conformations 
of various proteins and synthetic polypeptides in ori
ented and unoriented dry films.2’3 These studies have 
led to the assignment of some of the bands, notably 
amide I and amide II, to various conformations.4 5’6 
Few studies of this type have been carried out in 
aqueous solutions (H20  or D20 ) primarily because of 
experimental difficulties arising from the large extinc
tion coefficient of water throughout the region of in
terest. A considerable amount of specific information 
can be gained from such a study, some of which cannot 
be obtained in any other way. In the present com
munication we report the results of an infrared study of 
solute-solvent interactions for the peptide poly-L- 
proline in aqueous solution.

Poly-L-proline is of interest because of its similarities 
with the structural protein collagen which has proline 
as its second most abundant amino acid. It is well 
suited as a model for an infrared study because of its 
limited capabilities for hydrogen bonding. Inter- and 
intrapeptide-chain hydrogen bonding cannot occur 
as it can act only as a base in this interaction. Thus a 
study of hydrogen bonding with the solvent can be car
ried out and interpreted without the usual complica
tions. In spite of the lack of intramolecular hydrogen 
bonds, the conformation of polyproline in solution might 
be expected to be semirigid due to the existence of a

resonance stabilized imide peptide linkage and a 
pyrrolidine ring in the structure. These restrictions 
leave the polymer with rotational freedom only at the 
C„-—0 = 0  linkage, and this is thought to be hindered.6 
Thus very few conformations are available to the poly
mer in aqueous solution. Poly-L-proline is known to 
exist in two forms, designated I and II, which differ in 
their configuration at the imide linkage.7 Crystallo
graphic analysis has shown that form II is a left-handed 
helix with &\\-trans imide linkages and a repeat distance 
of 3.1 A. Form I is a right-handed all-cfs helix with a 
repeat distance of 1.9 A.8 Forms I and II can be inter- 
converted in solution by simply changing the solvent.9

When an aqueous solution of poly-L-proline is heated 
to 55°, precipitation occurs. This process is com
pletely reversible and is analogous to the heat precipita

(1) This research was supported by a grant from the National 
Science Foundation, GB 4385.
(2) A. Elliott and E. J. Ambrose, Nature, 165, 921 (1950).
(3) M. Beer, G. B. B. M. Sutherland, K. N. Tanner, and D. L. 
Wood, Proc. Roy. Soc. (London), A249, 147 (1959).
(4) T. Miyazawa and E. R. Blout, J. Am. Chem. Soc., 83, 712 
(1961).
(5) S. Krimm, J. Mol. Biol., 4, 528 (1962).
(6) W. F. Harrington and P. H. von Hippel, Advan. Protein Chem., 
16, 1 (1961).
(7) F. Gomick, L. Mandelkem, A. F. Diorio, and D. E. Roberts, 
J. Am. Chem. Soc., 86, 2549 (1964).
(8) W. Traub and U. Shmueli, Nature, 198, 1165 (1963).
(9) I. Z. Steinberg, A. Berger, and E. Katchalski, Biochem. Biophye. 
Acta, 28, 647 (1958).
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tion observed with tropocollagen.10 Structurally there 
is also a similarity; X-ray crystallographic studies 
have shown that the conformational arrangement of 
poly-L-proline, form II, is the basis for the structure of 
collagen.10 Our purpose for this study was to investi
gate the interactions of polyproline with the solvent 
as the precipitation temperature is approached and 
relate them to the stability of the solution phase and/or 
changes in the conformation.

Experimental Section
Poly-L-proline (mol wt 34,000) was obtained from 

Mann Research Laboratories (Lot R  1416). It existed 
entirely in form II as judged from the absence of the 
band at 965 cm-1 in the infrared spectrum of the solid. 
Two other lower molecular weight samples were also 
investigated. One was obtained from New England 
Nuclear (mol wt 1500), and the other was prepared in 
this laboratory (mol wt 2000). These two samples 
were predominantly form I and were converted to form 
II by dissolution in anhydrous formic acid prior to 
study. All the samples, after conversion to form II, 
had identical solid-state infrared spectra and were com
pletely soluble in cold water. Although all three 
samples were investigated, the data reported here are 
almost exclusively on the Mann sample.

Solutions in water and deuterium oxide were pre
pared by weighing the dry polyproline. Complete 
dissolution was effected in a few minutes by cooling to 
about 0°. A concentration of 0.5% was used for most 
of these studies; however, a limited number of experi
ments were performed with concentrations as low as
0.1% and as high as 5%.

Spectra were recorded with a Perkin-Elmer Model 521 
spectrometer at a spectral slit of approximately 4 cm-1. 
The monochromator and the sample chamber were 
purged with dry air. This reduced atmospheric ab
sorption and prevented the cells from sweating at low 
temperatures. The sample cells were thermostated by 
circulating water through a coil which was in thermal 
contact with the cell windows. The cell and water 
jacket were insulated from the surroundings by a layer 
of styrofoam. A thermistor in thermal contact with 
the cell window was used to monitor the temperature in 
the range 0-70°.

Two matched cells with CaF2 windows and optical 
paths of 0.05 mm were used. The reference cell con
tained pure solvent. For the region 1700-1500 cm-1 
the solvent was D20 , and for the region 1550-1300 
cm-1, H20  was used. D20  would have been the solvent 
of choice for all of our studies except for the fact that 
HDO, which is difficult to eliminate entirely, absorbs

at 1450 cm-1 and complicates the interpretation of 
changes in the band shapes in this region.

Results
The infrared spectrum of a 0.5% (w/v) solution of 

poly-L-proline form II is shown in Figure 1. Both 
water and deuterium oxide were employed as solvents 
to cover the spectral region of interest. The concentra
tion was varied from 0.1 to 5% with no apparent 
changes in the details of the spectrum. It is notable 
that the spectra obtained in solution are slightly 
sharper than those obtained in the solid phase. No 
absorptions due to bands characteristic of form I at 
965 and 1365 cm-1 were observed.11 It is possible 
that these bands, which are often used to distinguish 
between form I and form II, are characteristic only of 
the solid-state spectrum. Several intense bands are 
present in the spectrum of polyproline in aqueous solu
tion. Only two of these can be assigned with any de
gree of certainty; the band at 1624 cm-1, which is 
predominantly a carbonyl-stretching motion, and the 
band at 1456 cm-1, which is predominantly a C -H  
bending motion of the pyrrolidine ring.12

A variation in the solution temperature causes no ob
servable effects on the spectrum until the precipitation 
temperature is approached. All the bands are then 
observed to change; the effects on most bands are 
changes in intensity with little or no shifting of the ab
sorption frequencies. Large changes in intensity and 
frequency are observed to occur in the carbonyl and the 
C-H  bending regions. Two new bands appear in these 
regions: one on the high frequency side of the original 
carbonyl absorption, and one on the low frequency side 
of the C-H  bending absorption. In both cases the 
new band increases in intensity as the temperature is 
raised with simultaneous decreases in the original band. 
The isosbestic behavior of these two bands is shown in 
Figures 2 and 3.

Preliminary observations concerning the precipitation 
of the polymer showed the rate of heating to be critical. 
The nature of the precipitation has recently been stud
ied carefully by Ciferri and Orofino so that further de
tails need not be presented here.13 The important 
point to note is that equilibrium is established only 
very slowly in aqueous poly-L-proline solutions at or 
near the precipitation temperature. Thus the curves

(10) A. Veis, “ The Macromolecular Chemistry of Gelatin,”  Aca
demic Press Inc., New York, N. Y ., 1964.
(11) (a) E. R. Blout and G. D. Fasman, Recent Advan. Gelatin Glue
Res., Proc. Conf. Univ. Cambridge, 122 (1958); (b) J. Kurtz, A.
Berger, and E. Katchalsky, ibid., 131 (1958).
(12) F. A. Miller, “ Organic Chemistry,”  H. Gilman, Ed., Vol. 3, 
John Wiley and Sons, Inc., New York, N. Y ., 1953, p 143.
(13) A. Ciferri and T. A. Orofino, J. Phys. Chem., 70,3277 (1966).
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Figure 1. Infrared spectrum  of a 1.0%  aqueous solution of 
poly-L-proline in a 0.05-m m  C aF2 cell 31°. Solvents:
D 20 ,  1800-1530 cm ” 1; H „0, 1550-1000 cm "1.

Figure 2. Spectra of the carbonyl region as a 
function of temperature: curve a, 45°; 
curve h, 53°; curve m, 65°.

shown in Figures 2 and 3 may not represent equilibrium 
values of the absorbance. In order to obtain them, a 
standard rate of heating of l° /h r  was adopted. We 
attempted to approach the l° /d ay  used by Ciferri and 
Orofino; however, the evaporation of solvent from the

F REQUENCY
Figure 3. Spectra of the C -H  bending region as a 
function of temperature: curve a, 45°; curve b,
52°; curve c, 57°; curve d, 67°.

cells when maintained at these temperatures would not 
permit precise measurements.

Reversal of the precipitation or the spectral changes 
associated with it could not be achieved by cooling 
to room temperature. However, complete reversal 
occurs in a few minutes upon cooling to 0-5°, in agree
ment with earlier observations.13 Only a very slight 
turbidity could be seen in the cells at the highest tem
perature during the time span of our study. If the 
solution was permitted to remain for 24 hr or longer at a 
temperature in the range of precipitation, precipitate 
was noted at the bottom of the cell. Spectra of this 
dried precipitate confirmed the earlier observation 
that intraconversion of form II-form I does not occur 
upon heating.13

Two other observations are notable. The precipita
tion temperature seemingly was dependent on con
centration. At the higher concentrations it was ap
parently decreased by several degrees. No attempt was 
made to study this effect further. We also noted that 
the precipitation temperature in D20  was several de
grees lower than in water for equal concentrations of 
polymer.

Discussion
The temperature effect shown by the carbonyl ab

sorption is typical of hydrogen bonding.14 N-Methyl

(14) G. C. Pimentel and A. L. McClellan, “ The Hydrogen Bond,”  
W. H. Freeman and Co., San Francisco, Calif., 1960.
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lactams which are suitable models for poly-L-proline 
show similar frequencies for th e  free and bonded states. 15 16 

Since inter- and intrachain hydrogen bonding cannot 
occur for poly-L-proline, the observed changes are a 
measure of this interaction between carbonyl and the 
solvent D20. The temperatures at which an appreci
able fraction of these hydrogen bonds are broken in 
D20  coincides qualitatively with the range of tem
peratures where precipitation is known to occur in 
water. 13 At these temperatures the equilibrium may 
involve polyproline molecules which exist as an amor
phous solid or a microcrystalline solid in suspension, in 
addition to those in true solution. The solid phase 
could exist even though no precipitate was discernible 
in the cell during the experiments. In spite of these 
various possibilities the experimental results suggest 
that the interaction of the carbonyl with the solvent is 
directly related to the stability of the solution phase. 
The results shown in Figure 2  were very reproducible as 
long as the rate of heating was duplicated. We were 
thus tempted to calculate the AH °  for this process 
in spite of the large hysteresis effects known for the 
reverse process, which indicates that the system is slow 
to achieve equilibrium. 13 In Figure 4 is shown a plot 
of In K  vs. 1JT. The equilibrium constants were cal
culated assuming two states as indicated by the spec
tra. The concentration of hydrated carbonyl, a, at a 
given temperature was calculated from the peak height 
of the band at 1624 cm-1, assuming that the peak height 
at 30° represented the fully hydrated specie. Unhy
drated carbonyl concentrations were then calculated by 
the difference, 1 — a. The equilibrium constant, K , 
is then a / ( 1  — a). The overlapping bands were 
visually separated for this analysis.

A value of 60,000 ±  10,000 cal/mole (residue) was 
obtained for AH °  from the slope. Although this AH °  is 
only suggestive of the true energy due to the above indi
cated limitations, it still deserves comment. It is not 
likely to be AH °  for the phase transition, as that is first 
order. The magnitude 60 kcal/mole (residue) is too 
large for just a dehydration of the carbonyl. This 
AH °  could be associated with nucleation and/or some 
cooperative intramolecular process.

Occurring simultaneously with the changes in the car
bonyl absorption are changes in the C-H bending ab
sorption of the pyrrolidine ring. These changes 
parallel exactly the behavior of the carbonyl absorption. 
Since the C-H vibration is not directly affected by hy
drogen bonding, the frequency shift results either from 
a nonspecific solvent effect, an inductive effect, or a 
conformational change. Solvent effects for C-H vibra
tion are not generally this large. 16 Furthermore, a sol
vent effect such as raising the temperature would be

- J -  X I 0 3

Figure 4. Van’t Hoff plot for the carbonyl region.

expected to give rise to a gradually shifting frequency, 
not the isosbestic behavior observed here. An in
ductive effect is possible; however, the C-H bond is 
rather far removed from the carbonyl. It is also pos
sible to explain the experimental observations in terms 
of a conformational change which occurs as the solvent 
interaction with the carbonyl group is decreased. 
Since the structure of polyproline is very rigid, the 
conformational change may be a slight rotation at the 
Ca—0 = 0  bond, the only bond in the backbone with 
free rotation. At present we are not able to distinguish 
between these two possibilities.

This infrared study of poly-L-proline in aqueous solu
tion has permitted the observation of some specific 
solvent-solute interactions for this macromolecule. 
Poly-L-proline, form II, in aqueous solution is likely to 
be a semirigid helix rather than a folded structure, and 
thus the solvent is able to interact with a large frac
tion of the peptide groups. Some of these interactions 
involve the solvent and the peptide carbonyl. They 
are easily broken by heating, presumably as part of 
some intramolecular cooperative process. These hy

(15) O. E. Edwards and T. Singh, Can. J. Chem., 32, 683 (1954).
(16) W. West, Ed., “ Techniques of Organic Chemistry,”  Vol. IX . 
“ Chemical Applications of Spectroscopy,”  Interscience Publishers, 
Inc., New York, N. Y., 1956.
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drogen bonds between the solvent and the peptide car
bonyl seem to be important for maintaining the balance 
of forces in favor of a stable solution form.

Acknowledgment. The authors wish to thank Mrs. 
Mary Clemmer for her assistance with the experimental 
work and the preparation of the manuscript.

The Thermal Decomposition of Nitronium Perchlorate1 2

by J. N . Maycock and V. R. Pai Vemeker

Research Institute for Advanced Studies (R IAS ), Martin Marietta Corporation, 
Baltimore, Maryland 21227 (Received May 8, 1967)

The thermal decomposition of nitronium perchlorate has been studied in the temperature 
range 100-160° by isothermal constant-volume techniques and by mass spectrometry. 
Kinetic analyses have been performed for all the major decomposition species, e.g., O2 

NO, and Cl2. The activation energy is found to be 15 ±  1 kcal mole-1. This is found 
to be in good agreement with the activation energy derived from E  = hveo/e where hv is 
the absorption edge and e0 and e are the high- and low-frequency dielectric constants of 
the solid.

Introduction
The solid-state chemistry of the perchlorates is very 

important owing to their effectiveness as solid oxidizers. 
Considerable information is available relating to the me
tallic perchlorates,26 but the only nonmetallic perchlorate 
which has received considerable attention is ammonium 
perchlorate.2b'3 Another nonmetallic perchlorate of 
interest is nitronium perchlorate, whose decomposition 
between 70 and 112° has been studied by Cordes4 5 and 
at 65° by Marshall and Lewis.6 The kinetic analysis 
performed by Cordes fitted the Mampel6 theory of 
solid-state decompositions remarkably well. As a 
result of this kinetic analysis he postulated that the 
rate-controlling step in the decomposition was the 
transference of the anionic electron to the nitronium 
ion with subsequent gas phase reactions to produce 
N02, CL, C102, NO3CI, and 0 2. This can be repre
sented by

CIO4-  —►  C1(V +  e-  
e-  +  N 02+ —■ *» NO2

with the subsequent gas phase reactions being

CKV —> CJO2 +  O2

NO2 +  CIO2 — ► N 0 8 +  OC1 

OC1 +  NO2 — >  NO3CI 

20C1 — ► Cl* +  0 2

The isothermal decompositions of Marshall and Lewis 
have been interpreted such that nitronium perchlorate 
(NO2CIO4) decomposes into nitrosonium perchlorate 
(NOCIO4) and oxygen with subsequent decomposition 
of the nitrosonium perchlorate.
(1) Supported by the TJ. S. Army Missile Command, Huntsville, 
Ala., Contract No. DA-01-021-AMC-12596(Z).
(2) (a) R. D. Stewart, “ Perchlorates,”  J. C. Schumacer, Ed., Ameri
can Chemical Society Monograph, Reinhold Publishing Corp., New 
York, N. Y., 1960, p46; (b) L. L. Bircumshaw and T. R. Phillips, J. 
Chem. Soc., 4741 (1957).
(3) A. K. Galway and P. W. M. Jacobs, Proc. Roy. Soc. (London), 
A254, 455 (1960).
(4) H. F. Cordes, / .  Phys. Chem., 67, 1693 (1963).
(5) M . D. Marshall and L. L. Lewis, Advan. Chem. Ser., 54, 82 
(1966).
(6) K. L. Mampel, Z. Physik. Chem., A187, 235 (1940).
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NO2CIO4 — ►  NOCIO4 +  V2O2 
NOCIO4 — ►  NO2 +  CIO2 (CI2 +  O2) +  V2O2

Both of these reaction schemes are derived from 
analysis of the condensed decomposition products and 
both investigators have observed remarkably large 
induction periods.

In this paper, results will be presented for the decom
position of NO2CIO4 whereby the experiments have 
been performed in a conventional closed volume system 
and also for time-of-flight mass spectrometric direct 
inlet decompositions such that the gaseous products 
formed are continuously being analyzed. The kinetic 
analyses have been performed using both the Prout- 
Tompkins equation7 and the more general kinetic 
analysis technique of Jacobs and Kureishy.8
Experimental Section

Commercial grade nitronium perchlorate (Callery 
Chemical Co.) was used initially in the as-received 
form for some exploratory runs. However, the irre- 
producibility of the isothermal data with this material 
necessitated the standardization of all future material. 
The problem was undoubtedly the extreme hygros- 
copicity of the nitronium perchlorate. To eliminate 
this problem, all transference operations of material 
from the stock batch to the sample containers were 
performed in a drybox having a stream of pure, dry 
nitrogen passing through it. Even with this precaution 
it was found by differential thermal analysis (D.T.A.) 
that all samples invariably absorbed a certain amount of 
water. But by using D.T.A. and mass spectrometric 
analyses it was found that complete removal of water 
and products of hydrolysis could be accomplished by 
pumping on each individual sample for a period of 18 
hr in a vacuum line maintained at 10_4 torr. Samples 
undergoing this treatment then gave reproducible data.

The isothermal decompositions were studied by 
means of a conventional constant-volume high-vacuum 
apparatus previously described,9 the course of the re
action being followed by an ionization gauge and a 
Pirani gauge. Simultaneously, the course of the re
action was followed by bleeding the gaseous products 
through a Varian 951-5100 adjustable leak valve having 
a minimum leak rate of 1 X 10-9 torr l./sec into a 
Consolidated Electrodynamics 21-613 residual gas 
analyzer. Using this technique we could either run 
complete mass sweeps or, as was more often the case, 
gate on the oxygen, 0 2, peak and follow its growth as a 
function of time. The use of the residual gas analyzer 
enabled us to determine the molecular species formed 
during decomposition. Owing to the complexity 
of this decomposition we have also followed the

isothermal decompositions with a Bendix Model 14 
time-of-flight mass spectrometer where we have been 
able to gate simultaneously on five different chemical 
species as a function of time. Again all samples under
went the pumping treatment prior to the isothermal 
decomposition data being obtained. Specifically we 
constructed a very simple, all-glass vacuum decompo
sition line which was attached to a variable leak on the 
inlet port of the Bendix mass spectrometer. The 
arrangement is shown diagrammatically in Figure 1.

The actual decomposition line was maintained at a 
pressure of approximately 10 ~3 torr and the main 
flight tube at 10 ~7 torr. At each experimental con
stant temperature, e.g. 100°, the preliminary procedure 
was to take a complete mass spectrum every minute 
for the complete duration of the run, the mass spectra 
being recorded by a Honeywell Visicorder. As a 
further check the spectrum was continuously displayed 
on an oscilloscope. All actual recorded runs were 
performed using an ionization voltage of 65 eV. 
Having established the fundamental mass spectrum, we 
then repeated the isothermal decompositions by gating 
simultaneously and continuously on five different mass 
species. This procedure allowed the establishment 
of the partial pressure vs. time curves for any spectral 
species. These isothermal decompositions have been 
studied in the temperature range 100-160°.
Results

After the elimination of the instrument background 
species, a typical mass analysis of the total decompo
sition products is given in Table I.

Figure 1. A  diagrammatic display of the constant-volume 
apparatus connected via a variable leak to 
the Bendix time-of-flight mass spectrometer.

(7) E. G. Prout and F. C. Tompkins, Trans. Faraday Soc., 40, 488 
(1944).
(8) P. W. M. Jacobs and A. R. T. Kureishy, J. Chem. Soc., 910, 
4718 (1964).
(9) J. N. Maycock, V. R. Pai Verneker, and L. Witten, J. Phys. 
Chem., 71, 2107 (1967).
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Table I : Mass Species from the Thermal Decomposition 
of Nitronium Perchlorate at 140°

Peak height, 
current X 109

m/e amp Identification
14 1.6 N
16 10.2 O
28 0.2 n 2
30 13.3 NO
32 17.8 o 2
35 7.6 Cl36
37 2.8 Cl37
46 5.5 n o 2
51 1.7 OOP5
53 0.8 OOP7
67 1.4 C102
70 6.9 Cl235-36
72 4.8 Cl236-37
74 1.2 Cl237 -  37

The identification of the species has been based on 
the precalibrated cracking patterns for Cl2, N2, 0 2, NO, 
N20, N 02, and the oxides of chlorine. An important 
feature of these products is that we did not find any 
evidence of N 0 3C1 as suggested by the Cordes4 

mechanism and also no evidence of the parent or frag
ments of NOCIO4 as suggested by the low-tempera
ture study of Marshall and Lewis.6 From Table I and 
the cracking patterns mentioned above, it is apparent 
that the only gaseous decomposition products are 0 2, 
Cl2, OC1, C102, NO, and N02. All the pressure-time 
curves, Figure 2, both obtained in the conventional sys
tem and by the mass spectrometer gating method ex
hibited the usual sigmoid characteristics as observed 
by Cordes. 4 In the temperature range investigated 
the residue was either very small (~5%) or nonex
istent above approximately 1 2 0 °.

The kinetic data produced from the time-of-flight 
mass spectrographic study were initially in the pressure 
vs. time form since we gated on the 0 2, Cl2, and NO 
peaks simultaneously as a function of time. These data 
have been reduced into a fractional decomposition (a ) as 
a function of time form. Kinetic analysis of the a -t  
data has been tried using the Prout-Tompkins7 

equation. As will be seen from Figure 3 a plot of log 
a/ ( 1  — a) vs. time gives a reasonably good straight 
line. This type of analysis has been used for 0 2, Cl2, 
and NO over the temperature range 100-160°. From 
these plots the rate constants k have been calculated 
and are presented for the three decomposition species 
as a function of temperature in Figure 4. By inspec
tion of this figure it is apparent that the data for all 
three species agree reasonably well if possible experi-

Figure 2. Pressure-time plot for the production of 
oxygen (o), chlorine (•), and nitric oxide (<0) from the 
thermal decomposition of nitronium perchlorate at 160°.

TIME (MINS)

Figure 3. Log a vs. t analysis (•) and log a/( 1 — a) 
vs. t analysis (O) for the production of 0 2 from the 
thermal decomposition of nitronium perchlorate at 120°.

mental error is accounted for. A line drawn through 
these points gives a value of 14.3 kcal mole- 1  for the 
activation energy of thermal decomposition of nitro
nium perchlorate.
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Figure 4. Relationship between log k (rate constant) and 
10*/T (°K-1) for 0 2 (A), Cl, (0 ), and NO (o).

The major difficulty in using the above analytical 
method is the uncertainty in the applicability of the 
Prout-Tompkins equation7 to the experimental data. 
We have therefore reanalyzed the oxygen data using 
the Jacobs-Kureishy technique8 whereby the rate 
equation can be expressed in the general form

f (a )  = kt

k being the rate constant and a n, a n+i values of the frac
tional decomposition (a ) at times tn and fn+i. Thus, 
one sees that

E(otji+l) E(<X7,) — k (tn+1 £ft)
and for a different temperature, but the same values 
of a  then

F(<*n+i) — F ( a n) — k '(tn+i — tn')

and hence a plot of log (tn +1 — tn) against T ~ y should 
be linear with a slope of 2.303/2. The data for the 
production of oxygen have been analyzed in this manner 
and gives an activation energy of 16.12 kcal mole-1.
Discussion

After careful consideration of various molecular 
cracking patterns to be expected from the species 
produced during a thermal decomposition of nitronium 
perchlorate, it is apparent that the main species are 
0 2, NO, and Cl2. We would like to propose the fol
lowing, possible decomposition reactions which take 
place in the thermal degradation of nitronium per
chlorate.

CIO* •—►  CIO4 ' +  e-  (conduction band)
CIO4 ' —> C102 +  0 2 solid phase 

e-  +  N 02+ —> N02

The resultant gases, N02, 0 2, and C102 then undergo 
possible gas phase reactions in the following manner

C102 +  N 0 2 —> NO +  0 2 +  CIO
20C1 —►  0 2 +  Cl,

whereby the following complete reaction scheme can 
be written as

2N02C104 = 502 +  Cl2 +  2 NO
The traces of OC1 and C102 as observed mass spec- 

trometrically are undoubtedly intermediate products 
as shown in the proposed mechanism for the decom
position of nitronium perchlorate.

Owing to the complexity of the decomposition it is 
felt that the Jacobs-Kureishy8 treatment of the ki
netics is more valid than the approach using the 
Prout-Tompkins7 equation. A survey of the activa
tion energies obtained by these two different approaches 
is given in Table II.

Table II : Activation Energies (Least-Squares Calculation) 
for the Thermal Decomposition of Nitronium Perchlorate

1. Jacobs-Kureishy method
O2 data E = 16.12 kcal mole-1

2. Prout-Tompkins method
02 data E = 16.11 kcal mole“ 1
Cl2 data E — 14.43 kcal mole“ 1
NO data E = 15.14 kcal mole“ 1

The activation energy for all these products is the 
same, i.e., 15 ± 1 kcal mole-1. Cordes,4 on the other 
hand, finds the activation energy to be 26 kcal mole-1. 
This difference is too great to be an experimental error. 
Upon replotting the Cordes data, using the Jacobs- 
Kureishy type of analysis, we find that his log t vs. 
l/ T  data exhibit a break at about 1 0 0 ° such that the 
activation energy above 100° is of the order of 15 kcal 
mole- 1  and below 100° it is of the order of 25 kcal 
mole-1. Hence the observed divergence of data ap
pears to be due to a possible wrong usage of the Mampel 
theory. An estimate within 10% of the activation 
energy can be made from the relationship E  = hve0/ e 
where hv is the absorption edge and e and e0 are the 
static and high-frequency dielectric constants of the 
solid. We have measured the absorption edge of ni
tronium perchlorate9 (3400 A) and although the dielec-
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trie constants are not known, these can be estimated 
from the ultraviolet and infrared absorption of the 
material.

Prom the dispersion theory of optics it is possible 
to show that the refractive index, n, of a material can 
be expressed by

ri1 -  1 = Yu
qe *N

vit(vo2 —  v2)

where e and m are the charge and mass of the electron, 
q the number of active electrons per molecule (ion), N  
the atomic density, vo the characteristic frequency of 
oscillator, and v the variable frequency. As the ex
pression stands it is only applicable to electronic 
transitions, i.e., va will be an ultraviolet frequency. 
To include effects at longer wavelengths where nuclear 
motion will become important, the formula will be

2 _  , y _ _ q e ^ N _ _  y . qeW
-  v2) -  v2)

vv and vr being the ultraviolet and infrared frequencies 
and M  the mass of the ion. The low-frequency dielec
tric constant e will therefore only involve the infrared 
frequency since the ultraviolet term will be negligible. 
Using the X-ray data of Truter, et al.,10 11 we have cal
culated the atomic density of nitronium perchlorate to 
be 0.83 X 1022. Assuming a value of 1 for q

_  0.83 X 1022 X (4.8 X 10~10)2
Co ~  +  9 X 10-28 X 3.142 X (0.88 X 1016)2
e0 ~  1.87

Our calculation of e, the static dielectric constant, is 
probably more approximate than that for eo since the 
most intense infrared absorption band known for ni
tronium perchlorate is found by Nebgen, et a l.,11 to be

at 1100 cm-1. This band is the asymmetric Cl-0 stretch 
of the C104~ ion. Probably a more appropriate fre
quency would be the one corresponding to the motion 
of the N02+ lattice against the C104_ lattice. Ac
knowledging the shortcoming of this calculation we have 
calculated the static dielectric constant, e, to be 13.3. 
Hence

1 87
E  «  3.65 X -t— = 0.514 ev = 11.8 kcal mole-1I0 .0

This value is in reasonably good agreement with our 
activation energy derived experimentally.

Thus one can say that the activation energy for the 
thermal decomposition is 15 kcal mole-1 and is the 
same for 0 2, NO, and Cl2. Although we did not ob
serve NOCIO4 mass spectrometrically, Marshall and 
Lewis’ work using Raman spectroscopy positively 
shows that it is formed at 65°. However, Rosolovskii 
and Rumyantsev12 * repert that the major product in the 
decomposition of NOCIO4 above 90° is N 02C104. 
From our recalculation of Cordes4 data and the Mar
shall and Lewis6 data concerning the formation of 
NOCIO4, it is a possibility that the decomposition of 
N02C104 goes via two different mechanisms, one above 
100° and the other below 100°. Further work on the 
low-temperature decomposition is in progress and will 
be reported later.
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Assignments of the Electronic Transitions

in the Methoxy-Substituted Benzenediazonium Cations

by Earl M. Evleth1 and Robert J. Cox
IB M  Research Laboratory, San Jose, California (Received May 17, 1967)

The visible-ultraviolet absorption spectra of benzenediazonium, 2-, 3-, 4-methoxybenzene- 
diazonium, 2,4-, 2,5-, 2,6-, 3,4-dimethoxybenzenediazonium, and 2,3,5-, 2,4,5-, 2,4,6-,
3,4,5-trimethoxybenzenediazonium cations were measured in the 200-450-mpi region. 
The assignments of the electronic transitions of these materials were made possible through 
the use of molecular orbital theory. An excellent quantitative correlation between the 
calculated and observed values of the transition energies is obtained. The assignments 
of the ’La and 'Lb transitions are in qualitative agreement with those previously assigned 
for other “strongly substituted” benzenes.

Introduction
Although a number of experimental studies have 

been reported on the spectroscopic properties of 
diazonium and diazo compounds,2-22 a systematic 
theoretical treatment of the electronic structures of 
these materials has not been reported. The diazonium 
moiety (■—N+=N) is reported to be the most electron- 
withdrawing substituent known;21 an observation in 
agreement with expectations considering both the 
net positive charge of the substituent and the inter
action of its ir electrons with the aromatic nucleus. 
The diazonium moiety represents a strongly per
turbing substituent on aromatic systems and in this 
manner resembles the nitro group.23 Experimentally, 
aromatic diazonium cations do not exhibit the n-7r* 
transitions which complicate the analysis of the spec
tra of aromatic nitro compounds.23 The strong inter
action of electron-donating groups (methoxy, di- 
methylamino) with benzenediazonium cation (I) is 
shown by an inordinately high shift in the N = N  
stretching frequency on substitution.3’6-22 This, in 
combination with the high photosensitivity24-27 and 
variable chemical reactivity,22-28 has prompted us to 
investigate the electronic absorption spectra of a num
ber of structurally related aryldiazonium cations. 
We have analyzed the observed spectral properties 
of these materials within several theoretical frame
works.

Experimental Section
The syntheses of the aryldiazonium fluoroborates 

investigated here are reported elsewhere.22 The vis- 1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18
(1) University of California at Santa Cruz, Santa Cruz, Calif.
(2) E. A. Boudreaux, H. B. Jonassen, and L. J. Theriot, J. Arri
chenti. Soc., 85, 2039, 2896 (1963).
(3) R. H. Nuttall, E. R. Roberts, and D. W. A. Sharp, Spectrochim. 
Acta, 17, 947 (1961).
(4) A. Wohl, Bull. Soc. Chim. France, 6, 1319 (1939).
(5) K. B. Whetsel, G. F. Hawkins, and F. E. Johnson, J. Am. Chem. 
Soc., 78, 3360 (1956).
(6) A. F. Gremillion, H. B. Jonassen, and R. J. O’Connor, ibid., 81, 
6134 (1959).
(7) L. S. Gray, V. A. Fassel, and R. N. Kniseley, Spectrochim. Acta, 
16, 514 (1960).
(8) E. S. Lewis and H. Suhr, J. Am. Chem. Soc., 80, 1367 (1958).
(9) E. S. Lewis and M. D. Johnson, ibid., 82, 5399 (1960).
(10) A. Hantzseh and J. Lifschitz, Chem. Ber., 45, 3011 (1912).
(11) L. C. Anderson and J. W. Steedly, Jr., J. Am. Chem. Soc., 76, 
5144 (1954).
(12) L. C. Anderson and B. Manning, ibid., 77, 3018 (1955).
(13) M. Aroney, R. J. W. Le Fevre, and R. L. Werner, J. Chem. 
Soc., 276 (1955).
(14) R. J. W. Le Fevre, J. B. Sousa, and R. L. Werner, ibid., 4686 
(1954).
(15) W. von E. Doering and C. H. De Puy, J. Am. Chem. Soc., 75, 
5955 (1953).
(16) M. J. Amrich and J. A. Bell, ibid., 86, 292 (1964).
(17) J. D. C. Anderson, R. J. W. Le Fevre, and I. R. Wilson, J. 
Chem. Soc., 2082 (1949).
(18) L. C. Anderson and M. J. Roedel, J. Am. Chem. Soc., 67, 955 
(1945).
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ible-ultraviolet absorption spectra of the diazonium 
salts were determined in spectral grade acetonitrile 
(Matheson Coleman and Bell) on a Cary Model 14 
spectrophotometer. All solutions were prepared in 
actinic glassware, and subsequent dilutions and han
dling were done in such a way as to protect the ma
terials from photodecomposition. Beer’s law was 
obeyed in all cases over the concentration' ranges 
tested.

Theoretical Computation. Initial attempts at SCF- 
CI calculations on benzenediazonium cation (I) 
(vide infra) proved unsuccessful.29 As will be shown, 
Hiickel molecular orbital calculations were successful. 
These calculations were conducted on an IBM 7094 
using a f o r t r a n  IV program described elsewhere.30 
The computational application of Hiickel theory is 
well discussed in standard texts.31'82 The major 
problem in the application of the theory to polyatomic 
systems containing heteroatoms is the assignment of 
the Coulomb and resonance parameters, h and k, 
as defined by Streitwieser.33 The values of the h and k 
parameters used here are listed in Table I. These

Table I : Coulom b and R esonance Param eters

Atom
Coulomb

parameter Bond
Resonance
parameter

type h type k

N  (diazo, 8) 1 .0 N - N  (7 -8 ) 2 .0
N  (diazo, 7) 2 .5 C -N  (1 -7 ) 0 .7
C (1) 0 .4 C -C  (all) 1 .0
O (m ethoxy) 2 .0 C - 0  (m ethoxy) 0 .7

parameters arbitrarily assigned with the exception of 
the h and k values for the —N +=N  moiety. These 
were assigned by conducting several calculations using 
various values for hi, hs, kiH until a reasonable pair of 
relative excitation energies were obtained for the first 
two electronic transitions in benzenediazonium cation
(I).

N?

Discussion and Results
Table II contains the measured spectral char

acteristics of compounds I-XII. Graphical repre
sentations of the visible-ultraviolet spectra of these 
materials are given in Figures 1, 2, and 3. Also listed 
in Table II are the calculated energies for the lowest

Figure 1. U ltrav io let-v isib le  spectra of the unsubstituted  
and m onosubstituted m ethoxybenzenediazonium  cations:
—  —• — , benzenediazonium  fluoroborate;
. . . . ,  3-m ethoxybenzenediazonium  fluoroborate;
-  . -  2-m ethoxybenzenediazonium  fluoroborate;
---------- , 4-m ethoxybenzenediazonium  fluoroborate.

two electronic transitions and their respective transi
tion moments, squared. The symmetry assignments 
given in Table II will be discussed later. Visual com
parison of the spectral features of compounds I-XII 
shows that all but two of the materials possess two 
absorption maxima in the region above 250 m/i. Ad- 19 20 21 22 23 24 25 26 27 28 29 30 31 32 33

(19) C. B. Moore and G. C. Pimentel, J. Chem. Phys., 40, 342, 329, 
1529 (1964).
(20) L. L. Leveson and C. W. Thomas, Tetrahedron, 22, 209 (1966).
(21) E. S. Lewis and M. D. Johnson, J. Am. Chem. Soc., 81, 2070 
(1959).
(22) R. J. Cox and J. Kumamoto, J. Org. Chem., 30, 4254 (1965).
(23) For a discussion, see J. N. Murrell, “ Theory of Electronic 
Spectra of Organic Molecules,”  John Wiley and Sons. Inc., New 
York, N. Y „  1964, pp 186, 187.
(24) J. dejonge, R. Dijkstra, and G. L. Wiggerink, Rec. Trav. Chim., 
71, 846 (1952).
(25) C. F. Goodeve and L. J. Wood, Proc. Roy. Soc. (London), A166, 
342 (1938).
(26) R. Moraw and J. Munder, “ Kolliquim uber Wiss. Photo
graphie,”  Section IV, II Zurick 1961, J. Kosar, “ Light-Sensitive 
Systems,”  John Wiley and Sons, Inc., New York, N. Y ., 1965, pp 
194-320.
(27) J. G. Calvert and J. N. Pitts, Jr., “ Photochemistry,” John 
Wiley and Sons, New York, N. Y., 1966, pp 472, 473.
(28) H. Zollinger, “ Azo and Diazo Chemistry,”  Interscience Pub
lishers Inc., New York, N. Y ., 1961.
(29) E. M . Evleth, unpublished results.
(30) E. M. Evleth, J. A. Berson, and S. L. Manatt, Tetrahedron 
Letters, 42, 3087 (1964); J. A. Berson, E. M. Evleth, and S. L. 
Manatt, J. Am. Chem. Soc., 87, 2901 (1965).
(31) A. Streitwieser, Jr., “ Molecular Orbital Theory for Organic 
Chemists,”  John Wiley and Sons, Inc., New York, N. Y ., 1961.
(32) K. B. Wiberg, “ Physical Organic Chemistry,” John Wiley and 
Sons, Inc., New York, N. Y ., 1964, pp 65-103.
(33) Reference 31, Chapter 4.
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Table II : U ltrav io let-V isib le Spectra of M ethoxy-Substituted  D iazonium  C ations“

-Experimental-
Benzenediazonium r̂oax -----------------Calculated-

derivative (mji) Log e Et* i* t 2C Sym metry4*

I U nsubstitu ted 296 3 .2 8 1 .3 3 7 0 .1 9 'B , ' U
261 4 .0 9 1 .4 6 6 1 .0 8 *Ai 'La

II 2-M ethoxy 356 3 .6 9 1 .2 3 3 0 .2 9 AB 'L b
264 4 .0 9 ' 1 .4 6 4 1 .0 0 A 'L a

III 3-M ethoxy 350 3 .3 6 1 .211 0 .2 7 AB 'Lb
275 3 .8 0 1.441 0 .9 5 A 'La

IV 4-M ethoxy 313 4 .3 9 1 .324 1 .1 9 JAi 'La
1 .3 4 7 0 .1 5 'B i 'L b

231 3 .8 9
V 2,4-D im ethoxy 350 sh 4 .0 2 1 .2 3 9 0 .3 7 AB

300 4 .3 4 1 .335 0 .9 9 A
232 3 .8 6
206 4 .2 2

V I 2,5-D im ethoxy 405 3 .6 9 1 .121 0 .3 6 AB 'Lb
272 3 .9 3 1 .4 4 7 0 .8 9 A 'La
220 4 .2 6

V II 2,6-D im ethoxy 380 3 .6 6 1 .170 0 .2 2 'B i 'Lb
296 4 .1 6 1 .4 3 5 1 .06 'A i 'La

V III 3,4-D im ethoxy 348 4 .0 7 1 .183 0 .5 6 A
305 4 .0 2 1 .333 0 .7 5 A
240 4 .1 5
212 4 .0 4

IX 2,3,5-Trim ethoxy 410 3 .4 8 1 .0 6 2 0 .2 7 B 'Lb
307 3 .7 7 1 .358 0 .9 0 A 'La
231 4 .2 5

X 2,4,5-T rim ethoxy 377 3 .9 6 1.111 0 .5 1 A
308 4 .1 9 1 .329 0 .8 2 A
240 4 .0 2
218 4 .0 9

X I 2,4,6-Trim ethoxy 340 3 .6 9 1 .1 8 0 0 .1 7 'B t 'Lb
301 4 .5 6 1 .3 2 0 1 .1 7 'A , 'La
208 sh 4 .2 7

X II 3,4,5-Trim ethoxy 1 .162 0 .1 6 'B 2 'Lb
356 4 .1 1 1 .2 0 4 1 .0 8 A , 'La
220 4 .2 3
202 4 .2 1

« Fluoroborate salts in acetonitrile. 6 Calculated transition energy in 0 units, first two calculated transitions. c Square of the com 
puted transition m om ent, angstrom units. d C2v sym m etry sym bol and P la tt nom enclature assignm ent, see D iscussion for an explan
ation of the sym bols, A, B , and A B , upper state sym m etry given in all cases.

ditional bands appear in the region below 250 mg; these 
will not be discussed further. In Figure 4 is shown a 
plot of the observed versus the calculated transitions. 
An adequate correlation (coefficient = 0.97) is obtained 
from a least-squares plot of this data. The slope yields 
a spectroscopic value for /3 (the resonance parameter) of 
33,650 cm-1.

The reasonable agreement between the observed 
and calculated spectral features of compounds I-XII 
is not particularly enlightening. Correlation curves 
of this type do not present a systematic understanding 
of the effect of structure on spectra but possibly dem
onstrate the adequacy of the theoretical method.

The first question to answer, however, is why the 
Hiickel calculations are successful at all in quantita
tively correlating the spectral features of these ma
terials. It is generally accepted, although most 
certainly not true,34 35 that Hiickel calculations are un
able to yield adequate spectral correlations. The 
methods developed by Pariser and Parr (ASMO- 
CI)38 and Pople (SCF-CI)36’37 have yielded adequate
(34) Reference 31, Chapter 8.
(35) R. Pariser and R. G. Parr, J. Chem. Phys., 21, 466, 767 (1953).
(36) J. A. Pople, Trans. Faraday Soc., 49, 1375 (1953).
(37) J. A. Pople, Proc. Phys. Soc. (London), 68A, 81 (1955).
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Wavelength, mf t .

Figure 2. Ultraviolet-visible spectra of the disubstituted 
methoxybenzenediazonium cations :
---------, 2,6-dimethoxybenzenediazonium fluoroborate;
. . . 2,4-dimethoxybenzenediazonium fluoroborate;
-  . -  2,5-dimethoxybenzenediazonium fluoroborate;
---------, 3,4-dimethoxybenzenediazonium fluoroborate.

Figure 3. Ultraviolet-visible spectra of the trisubstituted 
methoxybenzenediazonium cations:
———•, 3,4,5-trimethoxybenzenediazonium fluoroborate;
. . . 2,4,6-trimethoxybenzenediazonium fluoroborate;
-  . -  2,4,5-trimethoxybenzenediazonium fluoroborate;
---------, 2,3,5-trimethoxybenzenediazonium fluoroborate.

results in the analysis of the spectral features of planar 
organic molecules. The essential accomplishment of 
these methods has been due to the introduction of 
configuration interaction under appropriate param
eterization.88-40 The major consequences of the 
inclusion of electron repulsion terms are that (i) a 
separation of the singlet and triplet states is predicted 
and (ii) degenerate or close-lying states of the same 
symmetry are split. This latter phenomena is par
ticularly important under conditions where the pairing 
rule is obeyed.38 39 40’41 The inadequacy of the Hiickel method

Figure 4. Correlation plot of the first two calculated 
electronic transitions vs. the observed electronic 
transitions of the aryldiazonium salts shown in Table II.

in correlating spectral properties is particularly evident 
where the pairing rule is obeyed;38 i.e., the polyacenes. 
If configuration interaction is not of importance in 
determining the relative intensities and positions of 
the electronic transitions from the ground state to the 
first or second excited states, simple Hiickel theory 
may be useful in spectral interpretation.42 Preliminary 
SCF-CI calculations on benzenediazonium cation (I) 
were carried out but yielded poor quantitative pre
dictions of the first two transitions.29 It was deter
mined that configuration interaction was of little im
portance in lowering the calculated SCF energies of 
the first two excited states. Both transitions were 
nearly “pure,” i.e., the configurational weights were 
over 90% of a single excited-state SCF wave function. 
In addition the symmetries of the first two transitions 
were in the same order as predicted from the Hiickel 
calculations (Table II). In the Hiickel calculation 
the degree of the splitting of the transitions of a sub
stituted benzene over the identical case for benzene 
(degenerate in the Hiickel approximation) is dependent 
on the magnitude of the Coulomb and resonance pa
rameters of the substituent.43 Under such circum
stances configuration interaction plays a diminished 
role and adequate spectral correlations can be antici
pated using simple Hiickel theory.42 This is ap
(38) R. Pariser, J. Chem. Phys., 24, 250 (1956).
(39) Y . L ’Haya in “ Advances in Quantum Chemistry,”  P. O- 
Lowdin, Ed., Academic Press, New York, N. Y ., 1964, Vol. 1, pp 
203-240.
(40) I. Fischer-Hjalmars in “ Molecular Orbitals in Chemistry, 
Physics, and Biology,”  P. O. Lowdin and B. Pullman, Ed., Academic 
Press, New York, N. Y ., 1964, pp 361-383.
(41) A. D. McLochlan, Mol. Phys., 2, 361 (1959).
(42) N. M . Atherton and J. N. Murrell, Ann. Kept. Chem. Soc., 61, 
197 (1964).
(43) C. R. Sandorfy, "Electronic Spectra and Quantum Chemistry,”  
Prentice-Hall, Englewood Cliffs, N. J., 1964, p 217.
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parently the case with the substituted benzenedia- 
zonium cations.

The main difficulty with a purely computational ap
proach to spectral analysis is that it is unable to pro
vide a systematic understanding of the spectral prop
erties of a number of structurally related materials. 
Systematic spectral analyses have been provided 
from three main sources: (i) resonance theory,44’46
(ii) free electron theory,46 and (iii) charge-transfer 
calculations.47-48 Too few valence-bond calculations 
have been done on organic molecules with regard to 
spectral analysis45 to test the validity of resonance 
theory. As a consequence resonance arguments have 
no computational support.

Of the few charge-transfer resonance structures 
shown below for benzenediazonium cation (I), la, 
lb, and Ic can be considered “traditional.” There 
is no compelling reason to exclude Id and Ie from a 
truncated set of important valence-bond structures. 
In any case there is no noncomputational method of 
either assigning the weights or relative importance of 
these and other structures in the ground and particu
larly the excited states of I.49

I la lb Ic Id Ie

In the case of the monosubstituted methoxyben- 
zenediazonium cations both II and III absorb at 
lower energies than IV. Traditional resonance argu
ments would compel using structures Ha, Ilia, and 
IVa to rationalize this observation. The charge- 
transfer caclulations of Murrell47 on aminonitroben- 
zenes indicate that charge-transfer interactions of 
the donor or acceptor with the benzene ring are of 
more importance than with one another, especially 
in the case of IV. In addition, although the weaker 
intensity of II vs. IV can be explained on the basis 
of the shorter transition dipole, the weak intensity of 
III is anamolous in resonance terms. Also traditional

IVa
N  Vi =  356 mjj 350 313

spectral resonance arguments usually disregard other 
low energy transitions.

The systematic application of free electron theory 
has lead to the assignments of the two lowest energy 
transitions in benzene and substituted benzenes.46’60 53 54'61 
The weak 254-mu band in benzene has been assigned 
as being 4Lb •*- 7A. The stronger 204-m/x band has 
been assigned as being 4La •*- 7A. Visual comparison 
of the known absorption spectra for the monosubsti
tuted benzenes shows that the labeling of the two 
lowest energy electronic transitions as being La or Lb 
has general validity. For monosubstituted benzenes 
the molar extinction coefficient of the La transitions 
are in a region between 6000 and 13,000.M’62 The Lb 
transitions, when observed, are much weaker, in the 
region between several hundred and 3000. For 
mildly perturbed systems, such as anisole, the energy 
shifts of the La and Lb transitions from their values 
in benzene are small.60 As the number and charge- 
transfer characteristics of the substituents change, 
the La and Lb purity of the observed transitions be
come tainted by contributions from higher benzene 
transitions and charge-transfer structures of appro
priate symmetry.47 Stevenson has shown60 that the 
spectral features of 191 substituted benzenes, pre
viously experimentally investigated by Doub and 
Vandenbelt,53 are adequately treated as perturbations 
of the La and Lb transitions in benzene. In all but 
ten cases the La and Lb transitions could be assigned 
on the basis of their different intensities.

Table II contains the assignments of the electronic 
transitions for compounds I-XII. Of these ma
terials, compounds I, IV, VII, XI, and XII have 
C2v symmetry.64 For molecules having C2v symmetry 
the t - t * electronic transitions are polarized in the 
plane of the molecule and either along the molecular 
axis (4Ai ■*- 4Ai) or perpendicular to it (*Bi *Ai).
(44) G. W. Wheland, “ Resonance in Organic Chemistry,”  John 
Wiley and Sons, Inc., New York, N. Y ., 1955.
(45) Reference 43, Chapter 9.
(46) J. R. Platt, J. Chem. Phys., 17, 484 (1949); see also “ System- 
atics of the Electronic Spectra of Conjugated Molecules,”  J. R . 
Platt, Ed., John Wiley and Sons, Inc., New York, N. Y ., 1964.
(47) M. Godfrey and J. N. Murrell, Proc. Roy. Soc. (London), A278, 
57 (1964).
(48) See K. Kimura and S. Nagakura, Mol. Phys., 8, 117 (1965), 
and references cited therein.
(49) For a recent discussion read E. Heilbronner, ref 39, pp 329- 
359.
(50) P. E. Stevenson, J. Mol. Spectry., 15, 220 (1965).
(51) P. E. Stevenson, J. Chem. Educ., 41, 234 (1964).
(52) J. Petruska, J. Chem. Phys., 34, 1120 (1961).
(53) L. Doub and J. M. Vandenbelt, J. Am. Chem. Soc., 69, 2714 
(1947); 71,2414 (1949); 77,4535 (1955).
(54) Neglecting the symmetry of the O-CHs group.
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These transitions correspond to, respectively, the La 
and Lb transitions of the perturbed benzene model. 
The other molecules shown have Ca symmetry and 
strictly speaking all excited 7r-electron states have 
the same symmetry. We have taken the liberty of 
assigning these transitions as being A, AB, or B. A and 
B are assigned on the basis of whether the computed 
squared transition moment acquired 70% or more of 
its strength from the x  or y  component of the transition 
moment. Transitions having approximately equal 
contributions of the x  and y  components were assigned
AB. In this way a direct comparison of the molecules 
having C2v and Cs symmetry can be made.

Based on their weak intensities the low-energy 
transitions of compounds I, II, III, VI, VII, IX, and 
XI are assigned as being Lb. This is agreement both 
with the polarization (B or AB) and weak computed 
squared transition moments obtained from the Hückel 
calculations. Conversely the second electron transi
tions of these materials are significantly stronger and 
are assigned as being La transitions. Compounds 
IV and XII only exhibit a single strong transition 
in the region above 250 mp. These transitions are 
assigned as being La transitions on the basis of their 
intensities. The Hückel calculations indicate that the 
La and Lb transitions of these materials are nearly 
degenerate. The rationalization is that the weaker 
Lb transition is buried beneath the La transition. 
In some strongly perturbed systems, particularly the 
pa?-a-disubstituted benzenes, Lb transitions have not 
been observed60'62 and are presumably buried beneath 
the stronger La transitions. The charge-transfer 
calculations by Murrell47 on the 2-, 3-, and 4-amino- 
nitrobenzenes and the SCF-CI calculations by Lab- 
hart66 on 4-dimethylaminonitrobenzene also indicate 
a computed near degeneracy of the La and Lb tran
sitions.

The three remaining materials, V, VIII, and X, 
exhibit two transitions in the region above 250 my 
having reasonably strong intensities (e >  9000). 
On the basis of intensity it is not possible to assign 
these as being either perturbed La or Lb transitions. 
The computed weaker intensity of the low-energy 
transitions (and certainly the AB character of the 
transition for V) would lead toward the Lb assignment 
for V, VIII, and X. The theoretical expectation is 
that the La and Lb interpretation will lose its meaning 
at a strongly perturbed stage. This is apparently the 
case for these latter three compounds. In Figure 5 
is shown a comparison of the computed and observed 
positions of the La and Lb transitions for compounds
I-XII. This figure graphically demonstrates that 
the low-energy transitions of V, VIII, and X are
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Figure 5. Platt diagram of the experimental and 
computed 'Ai-’Lb and IAi- 'L . electronic transitions.

systematically related to the other Lb transitions. 
The lack of symmetry (C8) in these compounds coupled 
with a para-substituted electron-donating substituent 
gives rise (vide infra) to a strong red shift of the La 
transitions of I. This in turn will give rise to a 
closing of the energy gap between these transitions. 
A possible explanation is that this, coupled with the 
low symmetry of these substances will, conceptually, 
give rise to a mixing of the La and Lb transitions and 
thus increase in the intensity of the Lb transition by 
borrowing from the adjacent La transition.

A  Qualitative Interpretation o f the Spectra o f I - X I I .  
Neither the Hiickel calculations nor the free electron 
theory interpretation gave a qualitative understanding 
of the effect of methoxy substitutions on the spectra of
I. Perturbation theory is able to predict the effects 
of the substitution of methoxy groups on I. This 
requires knowledge of the wave functions in the 
ground and the excited states of I. Shown in Figure 6 
are the calculated 7r-electron densities for I in the 
ground and La and Lb excited states as obtained by 
the Hiickel approximation. In the ground state 
there is a slight positive charge at the ortho and para 
positions. In the Lb excited state the ortho and meta 
positions have a much higher positive charge than in 
the ground state while the para position shows a 
slight gain in electron density. The electron dis
tribution of the La state is quite different in that the 
para position has a much higher positive character, 
the meta position a slightly greater positive charge, 
and the ortho position is essentially unchanged with 
regard to the ground-state electron distribution. 
These different changes in electron density at the 
ortho, meta, and para positions in going from the ground 
to the Lb and La states have great significance with 55
(55) H. Labhart and G. Wagnere, Helv. Chim. Acta, 46, 1314 (1963).
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N 1 .2 4 6  
N 1 .5 9 7

Figure 6. Computed electron densities of the ground 
and the first two excited states of I.

regard to the possible effect of methoxy substitution 
on the position of electronic transitions between these 
states. Since the electron demands of the benzene 
ring system are higher in the excited states than the 
ground state, it would intuitively be predicted that 
the presence of electron-donating substituents would 
have a greater stabilizing effect on the excited states 
than the ground state. This would give rise to a 
shift of the La and Lb transitions of methoxy-sub- 
stituted benzenediazonium cations to lower energies 
(red shift) as compared to I. Simple perturbation 
theory shows that the energy Zm of a particular molec
ular orbital, m, will change on the substitution of a 
single atom, S (methoxy oxygen in this case), to a new 
energy E ' according to the expression66

E'm = (amr2/3rs2)/(Em — «»)
where amT2 is the coefficient, at the molecular orbital m 
at the position of substitution, r; /3rs is the resonance 
integral between r and s, and aB the Coulomb parameter 
of s.

The change in the energy separation between two 
molecular orbitals, m and n, E 'm and E 'n, on substitu
tion of S will be

jpt jpr (amr2drs2)E  m -  E  „  -  —
■&m

(Qnr̂ rs2)
E n — as (1)

which, in the Hiickel approximation is equivalent to 
the change in the transition energy A E T(n_m). Collect
ing all constant terms

EE  —,Yl) E :rOj'l j.2 E , 7 7 ; ; ( 2 )
The constants K m and K n can be estimated from the 
experimental shifts of the La and Lb transitions (see 
Table II) and the computed values of a 1. For the 
simple case of monosubstitution on benzenediazonium 
cation into the ortho, meta, and para positions, six 
equations are generated. Using computed values 
for a2 for the lowest unoccupied and two highest oc
cupied molecular orbitals (from which the theoretical 
data shown in Table II were calculated for I), eq 3-5
ortho

E E T(Lb transition)
(0.048) -  i fb(0.250) = 4700 cm“1

EE  transition) (3)
Z m (0.048) -  Ifa(0.044) = 400 cm“1

meta

EE f  (Lb transition) =
lfm(0.000) -  Z b(0.250) = 5700 cm"1

EE La transition) = (4)
Z m (0.000) -  Z a(0.108) = 1900 cm"1

para

E E  Lb transition) =
K m (0.054) — Zb(0.000) = not observed

E E La transition) = (5)
Z m(0.054) -  Z a(0.338) = 6400 cm“1

are found. Z a and Z b are the values of Z n for the 
La and Lb transitions. The resultant five equations 
and three unknowns are not suitable for regression 
analysis. In addition the broad nature of the ab
sorption bands prevents an accurate evaluation of the 
shift in these transitions and the coefficients con
nected with Z m are small, preventing an accurate 
estimate of this quantity. Average values of 20,000 
cm-1 are computed for both Z a and Z b. Using a 
value for ft, of —16,000 cm-1 and the experimental 
values for E m — Za and Zm — E h of 38,300 and 33,800 
cm-1, respectively, Z m is calculated to be in the order 
of 5000-5500 cm-1. Using these values for Z a, 56
(56) M. J. S. Dewar, .7. Am. Chem. Soc., 74, 3341 (1952).
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K h, and K m the calculated shifts of thè Lb and La 
transitions for (i) II are —4800 and —700 cm '1,
(ii) III are —5000 and —2200 cm-1, and (iii) ÌV are 
+300 and —6500 cm-1, respectively. Except for the 
unobserved Lb transition of IV all these computed 
values are within several hundred cm-1 of the ob
served values. This at very least shows the consist
ency of the argument.

An interesting qualitative aspect of eq 3-5 is that 
they demonstrate that the Lb transitions are mote 
strongly affected (red shifted) by ortho and meta sub
stitutions of methoxy substituents than the La transi
tions. Conversely, the La transitions are primarily 
red shifted by para substitution, meta substitution 
having a mild effect. The effects of di- and trisub
stitution of methoxy groups are not additive. The 
effects are accumulative, however. Compounds II, 
III, VI, VII, and IX represent a family in which no 
para substitution occurs. The Lb transition in all 
these materials gradually moves to lower energies. 
para substitution has the effect of suppressing the

degree of red shift of the Lb transition while enhancing 
the La transition in multiply substituted systems.67

Conclusion. The Hiickel calculations and the free 
electron theory interpretation has made it possible to 
assign the Lb and La transitions of I, II, III, VI, Vll, 
IX, and XI. Only the La transitions were observed 
in IV and XII, the weaker Lb transition presumably 
buried under the stronger band systems. Both the 
observed transitions in V, VIII, and X were too strong 
to be classified as Lb. This is presumably due to a 
breakdown in the model that assumes that the spec
tra of these materials can be treated as perturba
tions of benzene. An additional perturbation model 
was constructed which is able to rationalize the effect 
of substitution on the spectra of benzenediazonium 
cation (I).

(57) The referee showed in his comments that the application of 
eq 9, ref 49, yielded a fair correlation between the observed and 
calculated positions of the 'La transitions of compounds II, III, and 
V through X II.
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Oxidation Kinetics of Polydimensional Silicon Monoxide

by W. Hertl

Technical Staffs Division, Corning Glass Works, Corning, New York (Received May 17, 1967)

The oxidation kinetics of polydimensional SiO powder was studied in the temperature 
range 715-910°. The diffusion rate constants were calculated with a modified form of the 
Ginstling-Brounshtein equation. This modification allows one to obtain the specific 
diffusion constants in a system containing a wide spectrum of particle sizes. The rate
determining step of the reaction is the diffusion of molecular oxygen through the product 
silica (cristobalite) sheath formed on each reactant particle. Up to about 250 torr of 
oxygen, the rate increases linearly with increasing oxygen pressure; above 250 torr of 
oxygen, the increase in rate with increasing oxygen pressure is less, due to saturation of the 
surface or limiting solubility of oxygen in silica. The rate constants are in good agreement 
with published oxygen diffusion constants.

Introduction

Oxygen diffusion in silica has been studied by several 
techniques, which include permeation measurements,1 
isotopic exchange,2’3 and kinetic studies of the oxida
tion of silicon4'5 6 7 8 and silicon carbide.6-8 Widely di
vergent activation energies for oxygen diffusion have 
been reported. Motzfeldt9 critically reviewed the work 
done on these systems by converting the initial rates of 
the published data to rate constants. Assuming the 
rates are controlled by oxygen diffusion through silica, 
he shows that the experimental data are consistent 
throughout the temperature ranges covered. The rate 
dependence on the oxygen pressure, however, could not 
be conclusively determined due to meager data.

The air oxidation kinetics of SiO was studied in this 
laboratory and an oxygen diffusion activation energy 
obtained equal to 24 kcal.10 However, that study did 
not yield an oxygen pressure dependence nor a value 
for the oxygen diffusion rate constant.

This paper describes the oxidation kinetics of particu
late SiO over a range of ambient oxygen pressures from 
25 to 710 torr in the temperature range 715-910°. 
The variation in particle size within the reactant mix
ture (0.5 to 45 fi) is also taken into account in analyzing 
the data to obtain the diffusion rate constants.
Experimental Section

1. Materials. Silicon monoxide for the oxidation 
experiments obtained from Linde Division of Union 
Carbide Co. was —325 mesh, select grade. The cation

impurity level, determined by emission spectrographic 
analysis, was less than 0.1%. In the temperature 
range at which the oxidation experiments were carried 
out this silicon monoxide neither vaporizes nor dispro- 
portionates measurably.11 The particle size distribution 
is given in Figure 1. X-Ray analysis of the oxidized 
silicon monoxide showed that the product silica formed 
was cristobalite. Matheson Co. extra dry oxygen was 
used without further purification.

2. Procedure. SiO charges weighing 0.600 g were 
used for each experiment. The SiO powder was placed 
in an alumina tray (25 X 14 X 4 mm) which was sus
pended via a platinum chain from the balance pan of an 
Ainsworth recording analytical balance (Type RZA- 
AU-1). The suspended charge was enclosed within a
2-in. i.d. 96% silica glass muffle, and the entire system

(1) F. J. Norton, “ Transactions of the Eighth National Vacuum 
Symposium and Second International Congress on Vacuum Science 
and Technology,”  The Macmillan Co., New York, N. Y ., 1961, p 8.
(2) E. W. Sucov, J. Am. Ceram. Soc.. 46, 14 (1963).
(3) E. L. Williams, ibid., 48, 190 (196S).
(4) P. J. Burkhardt and L. V. Gregor, Trans. A IM E, 236, 299 
(1966).
(5) B. E. Deal and A. S. Grove, J. Appl. Phys., 36, 3770 (1965).
(6) G. Ervin, J. Am. Ceram. Soc., 41, 347 (1958).
(7) P. J. Jorgensen, M . E. Wadsworth, and I. B. Cutler, ibid., 42» 
613 (1959); 43,209 (1960).
(8) R. F. Adamsky, J. Phys. Chem., 63, 305 (1959).
(9) K . Motzfeldt, Acta Chem. Scand., 18, 1596 (1964).
(10) W. W. Pultz and W. Hertl, J. Am. Ceram. Soc., 50, 202 (1967).
(11) W. Hertl and W. W. Pultz, ibid., 50, 378 (1967).
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Figure 1. Silicon monoxide particle size distribution 
given as Stokes equivalent spherical diameter 
from sedimentation time in water.

was connected to a conventional glass vacuum rack. 
A platinum-wound tube furnace was mounted on a 
vertical track running along the muffle, allowing the 
furnace to be raised (and lowered) about the muffle. A 
monitoring thermocouple was mounted on the muffle 
opposite the point where the charge was suspended.

To carry out an experiment, the entire system was 
evacuated to at least 1 0 - 2  torr, the furnace was raised on 
the track to the point where the suspended charge was 
within a constant temperature zone of the tube furnace, 
and the desired pressure of oxygen was then added to the 
system. Due to the large volume of the system, no 
significant pressure changes were noted during the 
course of an oxidation experiment. The weight changes 
due to the oxidation of SiO to Si02 were automatically 
recorded on a strip chart.

Some preliminary runs at 940° with a different batch 
of SiO showed that the presence or absence of added 
argon to the oxygen atmosphere had no effect on the 
oxidation rate. Blank runs in 100 torr of argon pres
sure showed no weight change due to volatilization.
Derivation of Rate Equation

When a spherical particle oxidizes to form a non
volatile oxide sheath, there are several steps in the 
oxidation process which can be rate determining. 
When the rate-determining step is the diffusion of oxy
gen through the oxide sheath, the rate at any time is 
given by Fick’s law

dn/dt = —A D (dc/dx) (1)
where dn/dt is the number of molecules transported in 
unit time across the oxide sheath of thickness dx, A  is the 
area across which diffusion is taking place, D  is the dif
fusion coefficient, and dc is the oxygen concentration 
differential across dx. It is assumed that the oxygen 
concentration at the silica-silicon monoxide interface is

substantially zero; i.e., the oxidation reaction (SiO +  
V20 2 = Si02) is faster than the diffusion process. Ac
counting for spherical geometry, the increasing thick
ness of the oxide sheath, and the decreasing surface area 
of the reacting surface as the reaction proceeds, eq 1 

may be integrated to obtain
1 -  2/ 3<* -  (1 -  a) 7 3  = kt/R* (2)

where a  is the fraction of total reaction in time t, R  
is the initial radius of the spherical particle, and k is the 
rate constant. The constant k is proportional to the 
diffusion coefficient, and in this case, includes the term 
dc. Then, k is here defined as a diffusion constant for a 
given ambient oxygen pressure and has the units 
(length) 2 (time)-1. Equation 2 is commonly known as 
the Ginstling-Brounshtein equation. 12 This equation 
neglects the difference in molar volumes of the reactant 
and product. This will not significantly affect the ac
curacy if the product to reactant volume ratio is less 
than about 2 ; 13 for SiO oxidizing to Si02 it is 1.35.

Due to the term for the initial particle radius (R) on 
the right-hand side of eq 2 , it is clear that the equation 
in this form will not yield a true value for k in a system 
containing a spectrum of particle sizes. However, 
since each particle reacts independently, the following 
analysis of the system can be carried out when the size 
distribution of particles is known. Rearrange eq 2  as

R2{ 1 -  2/ 3a -  (1 -  a)Vi] = kt (3)
At any given time during the course of oxidation there 
will be a range of a values, depending on the size of the 
individual particle; the value of a decreases with in
creasing R. If a value of on is assigned to those par
ticles which have radius Ri, eq 3 can be solved for kt. 
For a given value of kt the a corresponding to each R  is 
uniquely determined. Thus, with this value of kt one 
takes a value of R2 and calculates to what a this corre
sponds, say a2. This is carried out for all values of R  
in the mixture. The average a  (a) for this mixture at 
the given kt value must then be

i
^2ntai = a

0

where n t is the weight fraction of the mixture which has 
reacted to the extent a t. This procedure is repeated for 
various assignments of ai until a table is built up of a 
vs. kt values. It is the quantity a which is experi
mentally observed. Table I gives the mean radius of

(12) A. M. Ginstling and B. I. Brounshtein, J. Appl. Chem. USSR, 
2 3 ,  1327 (1950). A similar analysis had also been made by G. 
Valensi, Compt. Rend., 201, 602 (1935).
(13) R. E. Carter, / .  Chem. Rhys., 34, 2010 (1961); 35, 1137 (1961).
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Table I: Calculation of a and kt Value“ (Each Fraction
Contains 10% of the Total Amount of Material)

Mean
radius,

Fraction a

i 0.91 0.6700
2 2.17 0.3187
3 3.40 0.2101
4 4.65 0.1558
5 6.00 0.1218
6 7.40 0.0993
7 9.00 0.0819
8 10.65 0.0695
9 12.35 0.0600

10 15.90 0.0468 
a = 0.1834

“ kt = 0.0627 m2-

Table II: Partial List of ä vs. kt Values Generated by 
Computer for SiO Size Distribution Given in Figure 1

kt, kt, kt,
& M2 a V2 a M2

0.0074 0.00008 0.1771 0.05799 0.5281 1.21475
0.0225 0.00078 0.1898 0.06787 0.5723 1.61595
0.0377 0.00222 0.2030 0.07916 0.6086 2.04715
0.0480 0.00364 0.2166 0.09215 0.6513 2.66972
0.0584 0.00544 0.2384 0.11576 0.7099 3.82911
0.0689 0.00767 0.2625 0.14665 0.7512 4.99361
0.0795 0.01034 0.2911 0.19125 0.8019 6.93011
0.0903 0.01349 0.3251 0.25911 0.8618 10.51392
0.1067 0.01922 0.3512 0.33125 0.9122 16.09944
0.1179 0.02378 0.3783 0.41885 0.9503 23.8140
0.1293 0.02898 0.4169 0.56782 0.9779 35.2327
0.1408 0.03492 0.4485 0.71443 0.9880 44.8416
0.1526
0.1647

0.04165
0.04930

0.4839 0.91066 1.0000 84.2700

each of the ten size 1fractions used for the cal-
culation. Also given are the calculated values of a t, 
a, and kt for an arbitrarily assigned value of «i = 0.6700.

The complete table of a vs. kt values were generated 
on a computer at a intervals of about 0.01. Fraction 1 
(R — 0.91 m) was completely reacted when a reached 
0.3178. At this point a2 (the next larger size fraction) 
was 0.5750. Values of a* = 1.000 and = 0.5750 
were assigned and the procedure repeated by assigning 
values to a 2 until it also reached 1.000, and so on. 
Part of the table of a vs. kt values (rounded off to five 
figures) generated by the computer is given in Table II.
Results

Reaction curves for the runs at 810 and 715° at 
various ambient oxygen pressures are shown in Figures 
2 and 3.

Figure 2. SiO weight gain, AW, vs. time at 810° for 
various ambient oxygen pressures. Charge weight, 0.600 g; 
100% reaction would give a weight change of 219 mg.

Figure 3. SiO weight gain, AW, vs. time at 715° for various 
ambient oxygen pressures. Charge weight, 0.600 g.

The data for two runs carried out at 910° were plotted 
(Figure 4) using the generated a vs. kt values given in 
Table II. The values of kt for the experimentally ob
served a are plotted against the time for that a. The 
slope of this plot gives the value of k (eq 2). Due to 
the long times needed (weeks) to obtain a large degree 
of oxidation (60%), only the higher pressure run was 
carried out to large a. The vertical lines on the points 
in Figure 4 indicate the limits of a ±1.0% error in a. 
The data fit a straight line to within the limits of ± 1.0% 
accuracy, at least out to a value of a = 0.6 (i.e., 60% 
reaction). The values in Table II can thus be con
fidently applied to runs with lesser extents of conver
sion. This is done in Figures 5 and 6 for runs at 810
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t (min)

Figure 4. Plot of kt vs. t for two runs at 910°: •, 706 
torr of oxygen; O, 74 torr of oxygen. Vertical lines indicate 
±  1.0% error limits in per cent conversion. Units of k are /x2/min.

and 715°. That the data fit the modified form of eq 2 
shows that the reaction is indeed diffusion controlled.

The positive intercepts on the plots (Figures 4,5, and
6) are probably due either to the surface roughness of 
the particles causing the reaction to proceed initially 
faster, or a not sufficiently small size interval at the 
smaller end of the size distribution, giving an ap
parently faster initial reaction. A calculation of the 
particle size from a BET surface area measurement 
(1.4 m2/g) yields an apparent average diameter of only
2 ji.

The values of k obtained for various ambient oxygen 
pressures are summarized in Table III. Figure 7 is a 
plot of log k vs. log (PoJ where (P<;h) is the ambient

Table III: Values of Calculated Rate Constant, k (/P/min), 
at Various Temperatures and Pressures

k  X 10«
715°———. 

Po2 torr
.— — T  = 
k  X 10«

810°——. 
jPOj torr

„---- T  =
k  X 10«

910»«---- .
POj torr

5.10 75 61.2 710 153 706
6.70 121 61.9 709 31.5 74
8.90 175 56.0 572

13.8 300 49.8 449
16.2 449 42.0 336
21.0 703 25.7 176

17.6 118
12.9 76
7.0 26.5

“ The slopes used for the values at 910° are those up to 15% 
reaction, so as to be consistent with the slopes measured at 
810 and 715°.

Figure 5. Plot of kt vs. t for runs with various ambient 
oxygen pressures at 810°. Units of k are /P/min.

Figure 6. Plot of kt vs. t for runs with various ambient 
oxygen pressures at 715°. Units of k are ¿P/miri.

oxygen pressure. The slopes of these plots give the 
oxygen pressure dependence of the diffusion process. 
For the runs at 715 and 810°: (a) the rate is directly
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Figure 7. Plot of log k (Table III) vs. log Po2 
at 715 and 810°.

proportional to the oxygen pressure in the range 25 to 
250 torr. A best fit to the points gives a power de
pendence between 0.80 and 0.90, however, rather than
1.00. (b) The rate dependence on pressure falls off
in the range 250 to 710 torr.
Discussion

A pressure power dependence of 1.0 is expected when 
molecular oxygen is the diffusing species, and 0.5 when 
an oxygen atom or ion is the diffusing species. It is 
assumed here that molecular oxygen is the diffusing 
species, although it is possible that there is a contribu
tion due to oxygen atoms which form when a chemi
sorbed oxygen molecule dissociates on the surface.

In Figure 8 are given Arrhenius plots of k for runs at 
high pressures (710 torr) and at low pressures (75 torr). 
The measured activation energies are (a) 23.1 ±  1.5 
kcal for the 75-torr runs; (b) 23.2 ±1 .0  kcal for the 710- 
torr runs. Since the activation energies are essentially 
equal for the high- and the low-pressure region, the 
same species must be diffusing through the silica. If 
diffusion of a different species were to become rate con
trolling, the observed activation energies would depend 
on the ambient oxygen pressure. Therefore, when pro
ceeding from low to high oxygen pressures, only the ef
fective concentration gradient across the silica sheath 
changes. In the low-pressure region, the oxygen con
centration gradient is determined principally by the 
ambient oxygen pressure; in the high-pressure region 
the outer part of the silica becomes saturated.

At the experimental temperatures used oxygen is not 
physically adsorbed on the silica surface. The diffusing 
oxygen molecules must, however, first adsorb on the 
surface and then dissolve in the silica. At sufficiently 
high pressures (in this case greater than about 250 torr) 
either the amount of oxygen chemisorbed on the surface 
approaches saturation, or the concentration of oxygen

1000/T ("Kl

Figure 8. Arrhenius plot of k (Table III) measured at 
high pressure (~700 torr) and low pressure ( ~75 torr).

Figure 9. Comparisons of diffusion rate constants:
O, this work in cristobalite; •, Norton,1 permeation 
in vitreous silica; ■, Williams,3 isotopic oxygen exchange 
in fused silica; □, Deal and Grove,5 silicon oxidation.

dissolved in the outer layer of silica is no longer directly 
proportional to ambient oxygen pressure. Since the 
solubility of oxygen in silica increases with increasing 
temperature,1 it is obviously not behaving like a perfect 
gas going into solution. Hence, one would not expect 
Henry’s law to be obeyed over a wide pressure range. 
Thus, the concentration gradient across the silica 
sheath tends to become independent of the ambient 
oxygen pressure. Saturation would only occur in the 
outermost layers, since oxygen is constantly diffusing 
inward to the reaction interface.

Due to equipment limitations it has not been possible 
to verify that the rate becomes completely oxygen in
dependent at pressures higher than 1 atm.

It is of interest to compare the rate constants ob
tained here with the reported literature values for oxy
gen diffusion in fused silica. Motzfeldt9 has converted
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Norton’s1 permeation constants at 1 atm to rate con
stants in units of cm2/hr. These are plotted in Figure 
9, along with Williams’3 diffusion constants measured by 
isotopic exchange and Deal and Grove’s4 parabolic rate 
constants of silicon oxidation in dry oxygen. In Fig
ure 9 are also plotted the constants obtained here 
(converted to cm2/hr and divided by a stoichiometric 
factor of 2) for the runs carried out in the vicinity of 1 
atm.

The good agreement between the rate constants ob
tained here with the published oxygen diffusion con
stants confirms that the reaction is oxygen diffusion 
controlled and illustrates a method for obtaining the 
diffusion constants in a reactant mixture containing a 
wide spectrum of particle sizes.

Acknowledgment. The author wishes to thank Mrs. 
Janet Johnson for programming and generating the a vs. 
kt table.
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Gas-Phase Photolysis of Cyclohexane and Benzene in the Far-Ultraviolet Region

by Robert R. Hentz and Stefan J. Rzad
Department of Chemistry and the Radiation Laboratory,1 University of Notre Dame, Notre Dame, Indiana 46556 
{Received May 22, 1967)

The gas-phase photolyses (at 1-70 torr) of cyclohexane and of benzene were studied with 
the Xe and Kr resonance lamps. It is concluded that the primary quantum yield for 
cyclohexane conversion is unity over the range 1-70 torr. Four major primary dissocia
tions of excited cyclohexane are proposed with products and approximate quantum yields 
as follows: (1) H2 +  c-C 6H i0*, </>(Xe) = 0.48, 4 > (K r)  = 0.27; (2) H +  c-C 6H h , </>(Xe) = 
0.07, «/»(Kr) = 0.09; (3) H2 +  X, </>(Xe) = 0.19, </>(Kr) = 0.21; (4) C2H4 +  CH2C2H4CH2, 
</>(Xe) = 0.15, 4>(Kv) =  0.43. Pressure dependence of the quantum yields of c-C 6H i0, 
C2H4, and 1,3-C4H6 confirms the secondary decomposition c-C 6H i0* -*• C2H4 +  1,3-C4H6 
in competition with collisional deactivation. Essentially all H are assumed to form H2 
by abstraction from c-C6H12; such primary products as X, c-C6Hn, and CH2C2H4CH2 are 
assumed to participate in “polymer” formation (observed as an intensity reducing deposit 
on the cell windows). In benzene photolysis with the Xe and Kr lamps, yields of simple 
decomposition products are higher than in photolysis at 1849 A; e.g., </>(C2H2) is 0.083 and 
0.067 at 1 torr of benzene with the Xe and Kr lamps, respectively, as compared to a re
ported value of </>(C2H2) = 0.013 in 1849-A photolysis of 0.08 torr of benzene. Polymer 
is a major photolysis product and, at equal pressures, «/>( — C6H6) appears to be considerably 
larger than in 1849-A photolysis. In Xe-lamp photolysis, a suppression of quantum 
yields occurs with increase in pressure that is similar to that occurrent in 1849-A photolysis. 
In Kr-lamp photolysis, there is no effect on measured quantum yields of a change in ben
zene pressure from 1 to 66 torr; the implications of such a result are discussed. Presence 
of 3% NO in 1 torr of benzene reduces yields of polymer and certain other products but 
has no effect on yields of H2, C2H2, and vinylacetylene.

Introduction
The behavior of yields in radiolysis of benzene-cyclo

hexane mixtures,2 in both the liquid3 and gas phases,4 
has been interpreted in terms of a “protective” effect2 
of benzene on the radiolysis of cyclohexane. In the 
liquid phase, evidence has been adduced for the con
clusion that the predominant contribution to such a 
“protective” effect is nonchemical and attributable to 
an interaction between benzene and a precursor of the 
major decomposition modes of cyclohexane.5 Al
though the evidence is less compelling, nonchemical 
interactions appear to contribute significantly to the 
“protective” effect in the gas phase as well.4

Burton recently has reviewed evidence for the con
clusion that energy transfer in a cyclohexane system 
cannot involve excitation transfer from single excited 
(neutral) cyclohexane molecules,6 owing to rapid

decomposition of such excited molecules (r «  10“13 sec). 
Such a conclusion has been implicit in the emphasis on 
ionic interpretations of sensitization7 * and “protective”
(1) The Radiation Laboratory of the University of Notre Dame is 
operated under contract with the U. S. Atomic Energy Commission. 
This is AEC Document No. COO-38-529.
(2) The work of J. P. Manion and M. Burton, J. Phys. Chem., 56, 
560 (1952), is the prototype for many subsequent studies.
(3) The most recent study is that of J. F. Merklin and S. Lipsky, 
ibid., 68, 3297 (1964).
(4) J. M. Ramaradhya and G. R. Freeman, Can. J. Chem., 39, 1769 
(1961); J. Blachford and P. J. Dyne, ibid., 42, 1165 (1964); L. M. 
Theard, J. Phys. Chem., 69, 3292 (1965).
(5) P. J. Dyne and W. M. Jenkinson, Can. J. Chem., 39, 2163 
(1961); J. A. Stone and P. J. Dyne, Radiation Res., 17, 353 (1962).
(6) M. Burton, Mol. Cryst., in press; the term “ single excited 
molecules” is used to make a distinction from collective excitations 
which could be involved in the liquid.
(7) R. R. Hentz, D. B. Peterson, S. B. Srivastava, H. F. Barzynski,
and M. Burton, J. Phys. Chem., 70, 2362 (1966).
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effects in radiolysis of cyclohexane systems, both in the 
gas phase4 and in liquids8 (except perhaps at very high 
additive concentrations). In principle, it should be 
possible to assess the role of single excited cyclohexane 
molecules in the “ protective” effect by study of the 
gas-phase photolysis of benzene-cyclohexane mixtures 
with both the X e  and Kr resonance lamps. The X e  
resonance lamp provides lines of 1470 A (8.4 ev) and 
1295 A (9.5 ev), the latter having an intensity 2 %  of 
that at 1470 A ; the Kr lamp emits lines at 1236 A  
(10.0 ev) and 1165 A (10.6 ev), the latter with an in
tensity 28%  of that at 1236 A .9 Cyclohexane (ioniza
tion potential =  9.88 ev10) is not ionized by light of the 
X e lamp, and benzene (ionization potential =  9.24 
ev10) is ionized to a negligible extent. On the other 
hand, the Kr lamp should produce appreciable ioniza
tion in both benzene and cyclohexane. Thus, photoly
sis of the pure gases and their mixtures with the X e  
lamp permits the study of processes peculiar to excita
tion alone; use of the Kr lamp should provide informa
tion on superimposed ionic processes. Motivated by 
such considerations, the present study of quantum 
yields in photolysis of benzene and of cyclohexane with 
the X e and Kr resonance lamps was undertaken as a 
prelude to study of the mixtures.

Doepker and Ausloos11 have reported a study of the 
photolysis of cyclohexane with X e and Kr lamps. 
Emphasis was on elucidation of the decomposition 
modes; quantum yields were not determined. Pho
tolysis of benzene with Kr and X e lamps has not been 
reported.

Experimental Section
Materials. Cyclohexane, specified as 99.97%  pure, 

was obtained from James Hinton. Such cyclohexane 
contained no significant impurities detectable by gas 
chromatography with a flame-ionization detector; 
therefore, it was used without further purification. 
The benzene used was Fisher Certified reagent; it was 
purified with an Aerograph Autoprep Model A-700 
using a 3/ 8 in. X  12 ft column which was packed with 
20 wt %  /3,/3'-oxydipropionitrile on 60-80 mesh Chromo- 
sorb W  and operated at 70°. Benzene of purity better 
than 99.99 mole %  was obtained. Nitric oxide, ob
tained from Matheson, was purified by low-temperature 
distillation. Matheson Research grade carbon dioxide, 
specified as better than 99.995 vol. %  pure, was used 
for actinometry without further purification.

Light Sources and Photolysis Cells. The air-cooled 
electrodeless discharge lamps9 were constructed from 
full-length inner 45 /50 standard-taper joints with an 
upper tube of 4 cm o.d.; the lower tube was reduced to 
~ 1 .5  cm i.d., and, about 1.5 cm below the ground glass,

a 2-mm LiF window (obtained from Harshaw Chemical 
Co.) was attached by means of a Pt-AgCl seal. The 
other end of the lamp was joined, about 10 cm above the 
ground glass, via a graded seal to a quartz finger which 
contained four channel-ring B a -A l-N i getters (size 
U -ll)  supplied by the Kemet Co.

Such lamps were evacuated to 10-6 torr for 48 hr at 
350°. After flashing the getter, either 1 torr of 10%  
X e in He or 0.3 torr of K r12 was introduced and the 
lamp was sealed. The discharge was initiated with a 
Tesla coil and sustained with a 2450-Mc sec-1 , 100-w 
Raytheon Model PG M 10X1, which was operated at 
6 0%  of full power for the X e  lamp and 80%  for the Kr 
lamp. Lamp spectra were checked with a 0.5-m  
Seya-Namioka monochromator and sodium salicylate 
detector.9 Essentially only the resonance lines were 
detected below 2500 A  in both kinds of lamp and with 
relative intensities in agreement with those reported 
by Okabe.9 Emission purity of the lamps did not 
change over the period of the experiments.

Two different photolysis cells were used. For sample 
pressures of 1 and 10 torr, a 3-1. flask was equipped 
with an outer 45 /50  standard-taper joint into which the 
lamps were fitted. The distance from lamp window to 
opposite cell wall was ~ 1 8  cm. A cold finger and a 
two-way stopcock were sealed to opposite sides of the
3-1. flask on a line normal to that of the light path. For 
photolyses at near 70 torr, the lamps were fitted into 
the outer 45/50 standard-taper joint of a 5-cm o.d. 
closed tube which was ~ 1 0  cm in length (exclusive of 
the joint); the cell volume was 190 ml, and the distance 
from lamp window to opposite wall was ~ 8  cm. This 
tube also was fitted with a cold finger and two-way stop
cock.

Sample Preparation and Product Collection. Storage 
bulbs containing 20 ml of the pure benzene or cyclo
hexane were joined to the vacuum line via a Hoke bel
lows valve. The liquids were degassed by the micro- 
still-reflux method.13 In experiments at 1 torr, the 
gases were admitted to the desired pressure into a 
calibrated volume and then were condensed into the 
cold finger of the photolysis cell at 77°K . In experi
ments at higher pressures, the gases were admitted 
to the desired pressure directly into the photolysis cell. 
Pressures were measured at room temperature (~ 2 3 °)

(8) See, e.g., P. J. Dyne, Can. J. Chem., 43, 1080 (1965).
(9) H. Okabe, J. Opt. Soc. Am., 54, 478 (1964).
(10) K. Watanabe, J. Chem. Phys., 26, 542 (1957).
(11) R. D. Doepker and P. Ausloos, ibid., 42, 3746 (1965).
(12) J. J. Sparapany, Appl. Opt., 4, 303 (1965).
(13) W. Van Dusen, Jr., and W. H. Hamill, J. Am. Chem. Soc., 84, 
3648 (1962).
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with a Bourdon-tube gauge obtained from Wallace and 
Tiernan, Inc. All photolyses were at room tempera
ture.

After photolysis, the cell was opened to a series of 
three traps at 77 °K , and noncondensable gases were 
removed and measured with a standard Toepler pump 
and gas buret arrangement. The gases then were 
transferred into a sample bulb for analysis. To facili
tate transfer of less volatile products from the cell into 
the traps at 77°K , the cell and tubing to the first trap 
were warmed with a hand torch after removal of the 
gases noncondensable at 77°K . The photolysis cell 
then was closed, ethyl bromide mush (— 118°) was 
placed on the traps, and a second fraction of volatile 
products was collected for measurement and analysis. 
Measurement of this fraction was made in a calibrated 
volume on the mass spectrometer with a Consolidated 
membrane micromanometer. After removal of the two 
volatile fractions, the condensable fraction was trans
ferred into a capillary at 77°K . During this procedure, 
the traps and connecting tubes were warmed with a 
hand torch. After 1 hr, the capillary was sealed off.

Analyses. The two volatile fractions (noncondens
able at — 196 and at — 118°) were analyzed on a Con
solidated 21-103A mass spectrometer. Identifications 
and determinations were made by comparison with 
fragmentation patterns of known amounts of the pure 
substances.

The condensable fraction was analyzed by gas 
chromatography. Cyclohexene and the cyclohexadi- 
enes were determined on an F & M  Model 609 with a 
flame-ionization detector. Cyclohexadienes were an
alyzed with a 0.25 in. X  10 ft column packed with 20 
wt %  of succinate polyester of diethylene glycol on 
60-80 mesh Chromosorb P and operated at 60° ; cyclo
hexene was separated with a 0.25 in. X  20 ft column 
packed with 17 wt %  /3,/3'-oxydipropionitrile 0n 60-80  
mesh Chromosorb P and operated at room temperature. 
Biphenyl, dihydrobiphenyls, and bicyclohexyl were 
analyzed on an F & M  Model 810 with a flame-ioniza
tion detector; the 0.25 in. X  4 ft column was packed 
with 9 wt %  silicone grease on 60-80 mesh Chromosorb 
P and operated at 165°.

Adinometry. Quantum yields were determined with 
C 0 2 as the actinometer for which <f>(CO) =  1.0 was 
assumed.14 In the 3-1. cell, 15 torr of C 0 2 was used for 
actinometry with the X e  lamp and 70 torr was used 
with the Kr lamp ; in the 190 ml cell, 70 torr of C 0 2 was 
used with both lamps. For the X e  lamp, an intensity 
of 7.1 ±  0.5 X  1015 quanta sec-1 was determined as the 
average of 25 measurements with both cells; no change 
in intensity of the X e lamp occurred over the period of 
the experiments. Intensity of the Kr lamp decreased

with time; e.g., in one series of experiments the intensity 
decreased from 3.1 X  1015 to 2.1 X  1016 quanta sec-1 
over a 23-hr period of operation. Because the maxi
mum photolysis time was only 5 min, no appreciable 
change in lamp intensity occurred during an experi
ment. For most experiments the Kr-lamp intensity 
was near 1.5 ±  0.1 X  1016 quanta sec-1 .

The extinction coefficients of Table I permit an esti-

T able I : Decadic Extinction Coefficients
X,
A

--------------- c, atm
C-C6H120

1 cm -1 (at 25°)- 
CeHe° CO26

1550 208 151
1470 7 .8
1467 408 159
1348 408 286
1236 1 .5
1206 715 306

° The values for c-CeH« and CsHa were obtained by S. Lipsky 
with an Ar lamp and were privately communicated. b Cf. 
ref 14.

mation of the fraction of light absorbed in the distance 
from lamp window to opposite cell wall. Such calcula
tions indicate essentially complete light absorption 
(> 9 9 % ) within the cells in all experiments except the 
Kr-lamp actinometry at 70 torr of C 0 2 in the 190-ml 
cell. In the latter case, 92%  absorption is calculated 
for the 8-cm path length. No significant difference was 
detected between intensities of the Kr lamp measured 
in the 3-1. and 190-ml cells; thus, any incompleteness of 
absorption in Kr-lamp actinometry with the 190-ml cell 
lies within the experimental deviation ( ~  ±  10% ) of the 
intensity measurements.

Photolysis of all hydrocarbon samples produced a 
deposit on the cell windows which reduced the intensity 
being absorbed in the sample during the course of an 
experiment. To provide data requisite for calculation 
of quanta absorbed by the sample, each photolysis 
experiment was comprised of the following sequence of 
steps: (1) photolysis of C 0 2, (2) photolysis of the
sample, (3) photolysis of C 0 2, (4) photolysis of ~ 7 0 0  
torr of 0 2 for 30 min. The last step removed the 
deposit from the windows and restored the intensity 
transmitted into the cell to its original value.16

Results
Polymer Formation and Estimation of Absorbed

(14) B. H. Mahan, J. Chem. Phys., 33, 959 (1960), gives 4>(CO) =
1.1 zk 0.1 at 1470 A and <f>(CO) =  1.2 ±  0.1 at 1236 A ; both values 
are stated to be upper limits.
(15) C/., A. G. Leiga and H. A. Taylor, ibid., 41, 1247 (1964).
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Quanta. The fractional reduction in measured in
tensity as a consequence of 5-min photolyses is shown 
in Table II for a variety of experimental conditions. 
Such values provide a crude relative measure of the 
yield of nonvolatile material or “ polymer.”  Not sur
prisingly, polymer formation is greater in benzene than 
in cyclohexane (assuming comparable values of e for the 
two kinds of polymer) ; however, appreciable polymer 
formation in photolysis of cyclohexane is evident, par
ticularly in photolyses with the Kr lamp and in the 
small cell at 70 torr with the X e lamp. Reduced 
polymer formation from benzene in the presence of 
NO suggests the participation of free radicals in forma
tion of the benzene polymer.

T able II:  Values of I/ha for 5-Min Photolyses

--------I / h ------ -
P, CeHe +

Lamp torr c-C«Hi! CiHfl 3% NO
Xe i 0 .9 5 0 .3 0 0 .6 5
Xe 10 0 .8 9 0 .1 5
Xe 70 0 .6 5 0 .1 5
Kr 1 0 .6 2 0 .3 0 0 .5 4
Kr 10 0 .5 0 0 .3 0
Kr 70 0 .4 5 0 .3 0

“ Ratio of intensity measured after photolysis to that measured 
initially.

Quantum yields were estimated by the use of curves 
(for each set of experimental conditions) such as that in 
Figure 1, where I represents the intensity measured by 
C 0 2 actinometry after photolysis of a sample for a given 
time and 7o is the initial intensity. The number of ab
sorbed quanta was obtained as the product of I0 and the 
area under such a curve for the photolysis time used.

An upper limit for per cent conversion can be esti
mated by use of the initial intensity and the assumption 
that <t> — 1 for consumption of the hydrocarbon. With 
the X e  lamp, per cent conversions so calculated for a
5-min photolysis are 2, 0.2, and 0 .4%  at 1, 10, and 70 
torr, respectively. Corresponding values for the Kr 
lamp are 0.5, 0.05, and 0 .1 %  at 1, 10, and 70 torr, 
respectively.

Cyclohexane. Hydrogen quantum yields are inde
pendent of pressure from 1 to 70 torr in photolysis of 
cyclohexane with either the X e or Kr lamp. Over this 
pressure range, <£(H2) =  0.74 ±  0.02 with the X e  lamp 
and (¿(Hi) =  0.57 ±  0.03 with the Kr lamp. The yields 
of other major products are pressure dependent as 
shown in Table III. Quantum yields at each pressure 
represent the average of two to four determinations.

Figure 1. Actinometry curve for the photolysis of 
66 torr of benzene with the Xe resonance lamp.

An increase in photolysis time from 2 to 5 min did not 
affect the quantum yields of the major products. Thus, 
any photolysis of polymer on the cell windows does not 
seem to affect appreciably the measured product yields.

T able I I I : Pressure Dependence of Quantum Yields in the 
Photolysis of Cyclohexane

p, .--------------------------------------------------------
torr c-C«Hio C2H. 1,3-C.Hi CsHfl

i 0.27
Xe Lamp 

0.38 0.18 0.04
10 0.39 0.24 0.08 0.03
70 0.49 0.10 0.02 0.02

1 0.11
Kr Lamp 

0.60 0.16 0.10
10 0.17 0.53 0.09 0.07
70 0.19 0.48 0.08 0.06

“ Average deviation is ~±0.01 for <f> S 0.1 and ±0.02-0.03 
for <(> > 0.1.

Minor products included CH4, C2H 6, C3H 8, and C4H8 
with individual values of 0 <  0.1 and, at 1 torr, a 
summed value of 0 =  0.07 with the X e  lamp and of <t> =
0.17 with the Kr lamp. Addition of 4 %  NO to 1 torr of 
cyclohexane reduced the yields of such minor products 
but had no significant effect on yields of the major 
products, except for a small increase in </>(l,3-C4H 6).

Benzene. The quantum yields of products that were 
identified in benzene photolysis are presented in Table
IV. Each value is the average of at least two measure
ments. These were the only products detected in 
significant yield other than the polymer. Char
acteristically, the quantum yields of such decomposition 
products are low. Increase in pressure considerably
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T able IV : Quantum Yields" in the Photolysis of Benzene
-----------------Xe lamp------------------> Kr lamp

1 torr 66 torr 1 torr

<£(H2) 0.03 0.015 0.04
<t>( C2H2) 0.083 0.006 0.067
<MC2H4) 0.069 0.009 0.037
*(C3H4)» 0.042 0.005 0.037
<£(C-îH 4 )c 0.046 0.02 0.019
*(c-C6H8)<i 0.024 0.016 0.016
0(C6H5C6H5) 0.023 0.010 0.012
¿(CeHsCeH,)« 0.039 0.005 0.008

<* Average deviation is ~±0.005 for values given to the
second decimal place and ±0.001-0.004 for values given to the
third decimal place. bPropadiene. 0 Vinylacetylene. d Cyclo-
hexadienes. e Dihydrobiphenyls.

depressed all quantum yields in the Xe-lamp photolyses 
(c/., Table IV); surprisingly, however, quantum yields 
obtained in Kr-lamp photolyses at 66 torr were within 
experimental error of those given in Table IV for 1 torr, 
except for an increase in <£(C4H4) to ~0.04 and a small 
decrease in yields of cyclohexadienes and dihydrobi
phenyls. Again, measured quantum yields were con
stant for photolysis times of 3-10 min, which indicates 
no appreciable effect owing to photolysis of the cell- 
window deposit.

In photolysis with either lamp, the presence of 3% 
NO in 1 torr of benzene almost completely eliminated 
C3H4, c-C6H8, (C6H6)2, and CsHsCeHy. The other 
product yields were essentially unaffected by the pres
ence of 3% NO, except for a significant decrease in 
0(C2H4) with the Xe lamp.
Discussion

Cyclohexane. Certain results of this study are 
qualitatively in accord with those of Doepker and 
Ausloos11 and support their conclusion with regard 
to an effect of pressure on one of the major decomposi
tion modes. However, there are some significant dif
ferences between results of the two studies; in addition, 
measurement of quantum yields and observation of 
significant polymer formation reveal aspects of the de
composition not evident in the earlier study.

Doepker and Ausloos11 have suggested that the major 
primary decomposition mode of excited cyclohexane is 
reaction 1, in which the H2 is eliminated predominantly

c-C6Hi2* —> c-CfiH10* +  H2 (1)
from a single carbon atom; the resultant carbene, it is 
suggested, rearranges to a vibrationally or electronically 
excited cyclohexene, c-CoHio*, which is eollisionally 
deactivated or decomposes as in reactions la and lb, 
respectively. The results shown in Table III are in

c-C6Hio* -|- M • >■  c-C6H10 -|- M (la)
c-C6Hio* —*  1,3-C4H6 +  C2H4 (lb)

accord with the assignment of a significant role to reac
tion sequence 1. With either lamp, increase in pres
sure results in an increase in the yield of c-C6Hi0 and a 
complementary decrease in the yields of C2H4 and 1,3- 
C4H6. Also in agreement with Doepker and Ausloos,11 
the ratio <f>(l,3-C4H6) :<f>(c-C6Hi0) is smaller in Xe-lamp 
photolyses (c/., Table III) and more sensitive to pres
sure. However, we find that A of eq I is not zero.

A = 4>(H2) -  <t>(c-C6H10) -  0(1,3-C4H6) (I)
Rather, A = 0.26 and 0.30 for the Xe and Kr lamps, 
respectively.

A portion of the discrepancy, A, can be accounted for 
in terms of reaction sequence 2

c-C6H12* —►  H +  c-CsHu (2)
H +  c-C6H12 — H2 +  c-C6Hu (2a)

Doepker and Ausloos11 17 studied the photolysis of a 1:1 
mixture of c-C6Hi2 and c-CeDi2 at 10 torr; the HD yield 
was essentially the same percentage of total hydrogen 
in the presence of 5% NO as in its absence and 
amounted to ~ 5  and ~8% with the Xe and Kr lamps, 
respectively. We find that 4% NO in 1 torr of c- 
C6Hi2 has no effect on <f>(H2). Several authors16-18 
report that NO catalyzes H atom combination with 
no NO consumption.18 However, even were NO merely 
to catalyze H atom combination, some reduction in 
#(H2) and percentage HD should have occurred if a 
reaction of H with NO competes with reaction 2a. 
Thus, absence of an effect of NO on <f>(H2) and per
centage HD implies either (1) that all hydrogen, in
cluding HD in c-C6Di2- c-C6H12 mixtures, is formed by a 
molecular elimination process or (2) that NO scavenges 
a negligible fraction of the H atoms produced in reaction 
2.

In photolysis of 1:1 mixtures of c-C6H i2 and c-C6D i2, 
formation of 5-8% of total hydrogen as HD cannot be 
attributed to elimination of molecular hydrogen in a 
collision of c-C6H i2* (or c-C6D i2*) with c-GeD 12 (or 
c-C6H i2) ; such an interpretation requires that excited 
cyclohexane have a lifetime of at least '~10-9 sec, which 
is not plausible.6 Reaction sequence 2 may involve 
“hot” H atoms; however, it is also probable that 4-5% 
NO does not compete effectively with reaction 2a for

(16) R. Simonaitis, J. Phys. Chern., 67, 2227 (1963).
(17) M. A. A. Clyne and B. A. Thrush, Discussions Faraday Sac., 33, 139 (1962).
(18) M. A. A. Clyne and B. A. Thrush, Trans. Faraday Soc., 57, 1305 
(1961).
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thermal H atoms in the photolyses at 1-10 torr. With 
the extreme assumption of a reaction volume of only 
1 ml at 1 torr (or 0.1 ml at 10 torr) in Xe-lamp pho
tolyses, reaction 2a with fc2a = 106 M ~ l sec-1 is ~500 
times faster than termolecular H atom combination 
with k =  1010 M ~ 2 sec-1 (for H2 as third body19 20). 
Thus, termolecular scavenging by NO with k ~  1010 
M ~2 sec-1 (again for H2 as third body16-18) must com
pete with reaction 2a for H atoms; a straightforward 
calculation gives 20% of H being scavenged at 10 torr 
and 5% NO. Considering uncertainties in the k’s 
and that H atoms scavenged by NO are combined 
into half as much H2, absence of an observable effect 
of NO on 0(H2) and percentage HD does not preclude 
attribution of the HD yield and an equivalent yield 
of H2 +  D2 to reaction sequence 2.

The minimum percentage of 0(H2) attributable to 
reaction sequence 2 is obtained with the assumption of 
no isotope effect in primary process 2. In such case, 
the values11 of 5 and 8% HD give 10 and 16% of total 
hydrogen via reaction sequence 2 with the Xe and Kr 
lamps, respectively ;20 by subtraction of such a contribu
tion of reaction sequence 2, the discrepancy of eq I is 
reduced to 0.19 for the Xe lamp and 0.21 for the Kr 
lamp. Consequently, our results require a third pri
mary process

c-C6Hi2* —> H2 +  X (3)
in which molecular hydrogen and products other than 
C2H„, c-C 6H io, and 1,3-C4H6 are formed; fa ~ 0.2 for 
both lamps. It is important to note that the foregoing 
considerations are but little affected even if all H atoms 
form H2 by combination on the walls.21 In such a 
case, no inhibition by NO would be observed. Assum
ing no difference in isotope effect for combination 
catalyzed by the walls or by NO, the percentage of total 
hydrogen from reaction 2, and therefore 03, would be 
unaltered; however, 02 would be twice the value given 
by reaction sequence 2, i.e., 0.14 for the Xe lamp and 
0.18 for the Kr lamp.

At 1 torr, the collisional deactivation of as little as 
1% of c-C6Hi2* would require a c-C6Hi2* lifetime of at 
least ~ 1 0 -9 sec; the available evidence6 seems to re
quire that the primary quantum yield for cyclohexane 
conversion, <t>0( — c-C6Hi2), be unity. Because our quan
tum yields are presumably upper limits,14 another pri
mary process that does not yield hydrogen is indicated. 
Doepker and Ausloos11 have suggested primary process 
4, which is followed by rapid decomposition of the

c-C6H12* -—>■  C2H4 T CH2C2H4CH2 (4)
diradical into two molecules of ethylene. Evidence 
cited for instability of the diradical is failure of NO to

affect the ratio H2:C2H4 and the absence of G4H8 and 
c-C4H8 as products in the presence of NO. However, 
such observations may be interpreted equally well as 
evidence for a stable diradical which is scavenged by NO 
or contributes to polymer formation in the absence of 
NO. Further, the results of Table III are made com
patible with the requirement </>0( — C6H12) = 1 by the 
assumption that <t>i = 0(C2H4) — 0(1,3-C4H6). In 
photolyses with the Kr lamp (c/. Table III), 0(C2H4) — 
0(1,3-C4H6) is independent of pressure and has an 
average value of 0.43; the latter value added to 0(H2) = 
0.57 gives 0O( — C6Hi2) = 1. With the Xe lamp, it 
seems likely that 0(1,3-C4H6) at 1 torr is somewhat low 
owing to some H atom and radical scavenging at the 
higher conversion used at this pressure. An observed 
increase in 0(I,3-C4H6) to 0.23 on addition of 4% NO 
at 1 torr of cyclohexane is consistent with such an 
argument. Addition of the average value of 0(C2H4) — 
0(1,3-C4H6) = 0.15 to 0(H2) = 0.74 gives 0o( -C 6H12) = 
0.89. Agreement with <f>o(—C6Hi2) = 1 is satisfactory 
in view of the presence of minor products and uncer
tainties in the actinometry and measurement of yields.

Additional support for a primary process such as (4) 
(that presumably contributes to polymer formation) 
is provided by the results shown in Table II. That 
appreciable polymer is formed in cyclohexane photolyses 
is especially evident in photolyses at 70 torr in the 
190-ml cell (i.e., under conditions most favorable to 
deposition on the cell window). Furthermore, in
tensity reduction is always greater with the Kr lamp 
in accord with <¡>4 — 0.43 for that lamp as compared to 
4>i =  0.15 for the Xe lamp. It is also noteworthy that 
the shorter wavelengths of the Kr lamp favor C2H4 and 
polymer formation (or primary process 4) relative to 
hydrogen formation (c/. ref 11).

In summary, the major primary processes proposed 
for cyclohexane photolysis and their approximate 
quantum yields are
c-C6H12* H2 +  c-CeHio*

0x(Xe) = 0.48, 0i(Kr) = 0.27 
c-C6H12* —►  H +  c-C6Hu

02(Xe) = 0.07, 02(Kr) = 0.09
(19) C. B. Kretschmer and H. L. Peterson, J. Chem. Phys., 39, 1772 
(1963); T. C. Marshall, Phys. Fluids, 5, 743 (1962).
(20) With the X e lamp (5%  H D ), assumption of equal isotope 
effects in primary processes 1 and 2 gives ^11%  as the contribution 
of primary process 2; assumption of no isotope effect in primary 
process 1 gives ~23%  as the contribution of primary process 2.
(21) A rough estimate of the probability of H combination on the 
walls (in competition with reaction 2a) indicates that only combina
tion on the windows need be considered; thus, the contribution of 
such a reaction to conversion of H into H 2 is necessarily less than 50% 
and is probably negligible.
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c-C8Hi2* —> H2 +  X <MXe) = 0.19, fc(Kr) = 0.21 
c-C6H12* — c2h 4 +  c h2c2h 4c h 2

04(Xe) = 0.15, 04(Kr) = 0.43 
It is concluded that <M—C6Hi2) = 1.

Benzene. The photolysis of benzene22-28 at wave
lengths greater than ~1800 A is quite complex. Little 
or no measurable yields of simple decomposition prod
ucts are obtained.22’24’25 The isomers benzvalene and 
fulvene have been detected in photolysis of the liquid 
at 2537 A.23 Photolysis of the vapor at 1849 A yields 
the ubiquitous polymeric material and a benzene iso
mer,24’25 recently identified as fulvene.26 At 1849 A, 
<j)(—CsH6) shows a marked pressure dependence; thus, 
<£(—C6H6) «  l 25 at ^0.09 torr of benzene and falls to 
0.2524 at 1 torr and 0.1024 at 3 torr.

Photolysis with the Xe lamp exhibits certain features 
of the 1849-A photolysis. As might be expected, how
ever, yields of simple decomposition products are higher 
and 0(—C6H6) is greater at corresponding pressures. 
The yields in Table IV can be used for estimation of a 
lower limit to <t>(—C6H6) based on total hydrogen ac
counted for among the measured products. At 1 torr, 
values obtained with the Xe and Kr lamps are <t>- 
(-CeHe) ^ 0.29 ± 0.03 and <f.(-C6H6) 5; 0.16 ±  
0.03, respectively. Such values are to be compared 
with the value of 0( —C6H6) = 0.25 obtained by mea
surement of benzene disappearance in 1849-A photolysis 
at 1 torr;24 because Shindo and Lipsky24 were unable 
to detect significant yields of decomposition products 
such as those in Table IV, the value <f>( — C6H6) = 0.25 
at 1849 A largely represents conversion to polymer and 
benzene isomers. Although benzene isomers were not 
sought in this work, appreciable polymer formation is 
evident in the data of Table II. Thus, it is clear the 
Xe-lamp photolysis yields greater benzene conversion 
than does 1849-A photolysis at corresponding pressures. 
Such conclusions are additionally supported by com
parison of the values for <f>(C2H2) in Table IV with 
<f>(C2H2) ~ 0.013 obtained at 1849 A and ~0.08 torr by 
Foote, et al.25

The suppression of quantum yields with increase in 
pressure in Xe-lamp photolyses (c/. Table IV) is similar, 
though perhaps less pronounced, to that observed at 
1849 A.24-26’27 A mechanism such as that suggested by 
Shindo and Lipsky,24 seems to be required. The 
initially excited state is assumed to convert internally 
with essentially 100% efficiency to a longer lived, 
energy-rich state that does not radiate and does not 
yield the lowest excited singlet or triplet state on col- 
lisional deactivation (see ref 24 for a summary of the 
pertinent evidence). Thus, loss of energy by collisional

deactivation of the energy-rich benzene molecule com
petes with isomerization and decomposition. The 
greater decomposition and conversion yields obtained, 
relative to 1849-A photolysis, with the shorter wave
lengths of the Xe lamp also are consistent with such a 
view.

The absence of an effect of pressure, from 1 to 66 torr, 
on the quantum yields measured in Kr-lamp photolysis 
is striking. In Kr-lamp photolysis, there are three 
possible processes whereby excitation of a benzene 
molecule may lead to its chemical conversion: (1)
rapid decomposition of the excited state in competition 
with ionization,28 (2) reaction of C6H6+ with C6H6,29’30 
and (3) decomposition of C6H6+ on neutralization.31 
The reaction modes and relative yields of the three 
processes, whose total quantum yield is denoted by 
<t>o, must be independent of pressure from 1 to 66 torr. 
The value of 1 — <t>i ~  0.428 gives a lower limit for <f>0. 
Because of the probable importance of ion-molecule 
reactions and because capture of an electron by C6H6+ 
in the gas phase may result in immediate decomposi
tion,32 it appears probable that <t>0 = 1.

In view of the obvious complexity of benzene photoly
sis with Xe and Kr lamps and because the measured 
decomposition products of Table IV may represent 
minor products and in some cases are secondary prod
ucts, presentation of a detailed mechanism for forma
tion of individual products is not warranted at this

(22) W. A. Noyes, Jr.f and D. A. Harter, J. Chem. Phys., 46, 674 
(1967); W. A. Noyes, Jr., W. A. Mulac, and D. A. Harter, ibid., 44, 
2100 (1966).
(23) K. E. Wilzbach, J. S. Ritscher, and L. Kaplan, J. Am. Chem. 
Soc., 89, 1031 (1967).
(24) K. Shindo and S. Lipsky, J. Chem. Phys.. 45, 2292 (1966).
(25) J. K. Foote, M. H. Mallon, and J. N. Pitts, Jr., J. Am. Chem. 
Soc., 88, 3698 (1966).
(26) H. R. Ward, J. S. Wishnok, and P. D. Sherman, Jr., ibid., 89, 
162 (1967); L. Kaplan and K. E. Wilzbach, ibid., 89, 1030 (1967).
(27) Note, however, that F. Mellows and S. Lipsky, J. Phys. Chem., 70, 4076 (1966), report values of 0(H2) =  2.5 d= 0.5 X  10 ~3 and *(H) 
=  0.01-0.02 in photolysis at 1849 A that are independent of pressure.
(28) Evidence for such a process is provided by the observation of 
an isotope effect in the photoionization efficiency of benzene, 
<£i(C6D6)/0i(C6H6) = 1.07, and by the benzene photoionization 
efficiencies of <pi — 0.60 at 10.0 ev and <fii — 0.50 at 10.6 ev; cf., 
J. C. Person, J. Chem. Phys., 43, 2553 (1965).
(29) The little information available on ion-molecule reactions in 
benzene indicates considerable complexity; cf., R. Barker, Chem. 
Ind. (London), 233 (1960), and A. Henglein, X. Naturforsch., 17a, 44 
(1962).
(30) Fragmentation of CeH6+ is not significant at 10.0 or 10.6 ev; 
cf., A. Terenin and F. Vilessov, Advan. Photochem., 2, 385 (1964).
(31) Because at least 103-104 collisions of CeHe + with CiHc occur 
in an ion-electron combination lifetime, neutralization of CeHe* 
may be precluded by its ion-molecule reactions.
(32) From theoretical considerations, J. L. Magee and M. Burton, 
J. Am. Chem. Soc., 72, 1965 (1950), concluded that capture of an 
electron by an isolated complicated molecule ion appears to lead in 
most cases to immediate decomposition.
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stage. It is sufficient to note that such products as 
C3H4, c-C6H8, (C6H6)2, G6H5C6H7, and polymer (whose 
yields are appreciably affected by addition of 3% NO) 
are formed largely via free-radical precursors; free 
radicals also seem to contribute to C2Hi formation in 
photolysis with the Xe lamp. The other measured 
products are formed wholly by molecular elimination. 
Because of the efficiency of benzene as an H atom 
scavenger, k = 5 X 1033 1 M ~ x sec-1 in the gas phase,33 the 
hydrogen yield would be expected to be molecular, as in 
photolysis at 1849 A,27 and not scavengeable by 3% 
NO (see the discussion of H atom reactions in the sec

tion on cyclohexane). The yields of c-C6H8, (C6H5)2, 
and CeHüCeHy (c/., Table IV) suggest a contribution of 
the primary process C6H6* -*■ C6H5 +  H, followed by 
rapid addition of C6H6 and H to benzene and subsequent 
disproportionation reactions of the secondary radicals. 
The quantum yield of such a primary process appears 
to be of the same order as that of other decomposition 
processes in photolyses with the Xe and Kr lamps, and 
somewhat larger than at 1849 A27 (perhaps by a factor 
of ~ 5  with the Xe lamp at 1 torr).
(33) M . C. Sauer, Jr., private communication. K. Yang, J, Am. 
Chem. Soc., 84, 3795 (1962), gives k =  2 X 107 M -1 sec-1.

Heats of Mixing of Nonelectrolyte Solutions.

IV. Mixtures of Fluorinated Benzenes1

by David V . Fenby and Robert L . Scott

Contribution No. 2094 from the Department of Chemistry, University of California, 
Los Angeles, California 90024 (Received May 19, 1967)

The heats of mixing of 34 of the 78 possible binary systems C6Hm F6_m +  C6H„F6_„ have 
been measured; in addition the systems n-propylbenzene +  hexafluorobenzene, n-butyl- 
benzene +  pentafluorobenzene, and n-butylbenzene +  hexafluorobenzene were studied. 
The great variety of results is striking; not only are some of these heats of mixing positive 
in sign and some negative, but nine systems show changes of sign at intermediate composi
tions. These heats of mixing are interpreted as the sums of several contributions, “physi
cal” (positive) and “chemical” (negative).

Introduction
Solutions in which one of the components is an 

aliphatic or alicyclic fluorocarbon have been extensively 
investigated.2 Many of these solutions show very 
much larger positive deviations from ideality than those 
predicted from solubility parameter theory,3 while 
others conform quite well to the theory.2 Here we re
port some extensive studies on parallel aromatic sys
tems.

Benzene and hexafluorobenzene form a solid 1:1 
molecular complex4’5 generally accepted as being due to

charge-transfer interactions, although there is as yet no 
direct evidence for this. Recently, we reported6 the
(1) This work was supported by the U. S. Atomic Energy Com
mission, the National Science Foundation, and Allied Chemical Cor
poration. It is based on part of a dissertation by D. V. Fenby for 
the Ph.D. degree, University of California, Los Angeles, Calif., 1967.
(2) R. L. Scott, J. Phys. Chem., 62, 136 (1958).
(3) J. H. Hildebrand and R. L. Scott, “ Regular Solutions,”  Prentice- 
Hall, Inc., Englewood Cliffs, N. J., 1962.
(4) C. R. Patrick and G. S. Prosser, Nature, 187, 1021 (1960).
(5) W. A. Duncan and F. L. Swinton, Trans, Faraday Soc., 62, 1082
(1966).
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Table I : Materials Used

Material Source, grade
P urity / 
moie % Principal impurities

Benzene a, Speetroquality —99.95
Fluorobenzene a, White Label >99.9
o-Difluorobenzene b >99.5 c 6h 6f
(1,2-Difluorobenzene)
ro-Difluorobenzene b >99.8 o-C6H4F
(1,3-Difluorobenzene ) 
p-T) i fl uoroben zene b >99.8
( 1,4-Difluorobenzene ) 
1,3,5-Trifluorobenzene c ~99.7 C6HF5,1,2,3,5-C6H2F,
1,2,3,4-Tetrafluorobenzene b 96-98 1,2,4,5-C6H2F4
1,2,3,5-Tetrafluorobenzene b 98-99 1,2,4,5-C6H2F4
1,2,4,5-Tetrafluorobenzene b 98-98.5 1,2,3,4-C6H2F4
Pentafluorobenzene c >98.5 1,2,3,5-C6H2F4
Hexafluorobenzene b ~99 C6HF5 and/or C6H6

n-Propylbenzene
c, Anaesthetic
d, Eastman, White

>99.9

n-Butylbenzene
Label 

e, Research ~99.9

“ Matheson Coleman and Bell. b Pierce Chemical Co. 1 Imperial Smelting Corp. Ltd. d Eastman Organic Chemicals. • Phillips 
Petroleum Co.

molar heats of mixing (i.e., the molar excess enthalpies, 
J/E) of benzene with hexafluorobenzene, pentafluoro- 
benzene, and 1,2,4,5-tetrafluorobenzene; the surprising 
differences between these systems (see Figure 1 in ref 6) 
have led us to a systematic examination of the heats of 
mixing of other fluorinated benzenes. There are a 
total of 13 compounds of the type C6HnF6_n which 
together form 78 possible binary systems. We have 
now measured 34 of these and, in addition, the systems 
n-propylbenzene +  hexafluorobenzene, n-butylbenzene 
+  pentafluorobenzene, and n-butylbenzene +  hexa
fluorobenzene. Many of these heats of mixing were 
determined at more than one temperature.
Experimental Section

The calorimeter and procedure have been described 
previously.6 7

Materials. In most cases no attempt was made to 
purify further the materials used. Most of these com
pounds were examined by gas-liquid chromatography 
(glc) which yielded an estimate of the amount of im
purities present and often of their nature. In Table 
I are listed the materials used, the source and grade 
of these materials, the estimated purity (based on 
glc data), and the probable identity of the principal 
impurities. For several compounds more than one 
sample was used during the course of this research; 
except in the case of hexafluorobenzene these were ob
tained from the same source. The several samples of

any particular compound had the same principal im
purity although in a few cases the estimated purities 
were appreciably different (up to 2 mole %). (In such 
cases the range of purity for the various samples is 
given in Table I.)
Results

The results8 were fitted by a least-squares computer 
program9 to the expression mi?E = z2( 1 — — 2x2) n (1)ft = 0
in which x2 is the mole fraction of the second component 
and the hn are constants. Each result was weighted in 
proportion to the reciprocal of the square of the esti
mated deflection-time extrapolation error.7 With the 
exception of the system C6H9 +  C6HF6 (which required 
four parameters), the data for each system could be 
fitted satisfactorily with three parameters; in a few 
cases two parameters would have been just as good. 
Table II gives the parameters h0, hi, h2, and h3 for the 
system Cf,H6 +  CeHFs and the parameters h0, hh and h2 
for all other systems. Also given are the standard de-
(6) D. V. Fenby, I. A. McLure, and R. L. Scott, J. Phys. Chem., 70, 
602 (1966).
(7) J. A. Larkin, D. V. Fenby, T. S. Gilman, and R. L. Scott, ibid., 
70, 1959 (1966).
(8) All the experimental results may be found in tabular and graphi
cal form in the Ph.D. Dissertation of D. V. Fenby (UCLA, 1967), 
obtainable from the UCLA Library or from University Microfilms.
(9) D. B. Myers and R. L. Scott, Ind. Eng. Chem., 55, 43 (1963).
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Table II

W joules Ai/joules h ',/ i  oule.8 fta/joules <r/joule8
System Tem p/°C mole-1 mole-1 mole-1 mole-1 mole-1

c 6h 6 +  c 6h 6f 2 5 .0 1 0 .6  ±  0 .2 - 5 3 . 6  ± 1 . 1 - 1 6 . 5 ±  1 .8 0 .2
CeH 6 -f* 0-C 6H 4F 2 2 5 .0 742 ± 3 89 ± 7 111 ±  17 1 .3

4 0 .0 699 ± 3 124 ± 9 91 ±  19 1 .1
CgHg 7W-C6H 4F 2 2 5 .0 777 ± 6 24 ±  18 17 ±  29 1 ,8

4 0 .0 749 ± 3 19 ±  5 15 ±  15 0 .9
C«H6 +  p -C 6H 4F 2 2 5 .0 270 ± 3 - 2 2 6  ±  11 - 1 1 2  ±  19 1 .6

4 0 .0 248 ± 7 - 1 9 2  ±  15 - 5 1  ± 5 0 2 .5
CgHg “H l^ S -C g lìa F a 2 5 .0 1984 ±  5 224 ±  11 163 ±  30 1 .8

4 0 .0 1915 ±  5 253 ±  19 239  ±  60 2 .2
CgHg +  1 ,2 ,3 ,4 -C 6H 2F 4 2 5 .0 1013 ±  5 512 ±  13 338  ±  28 2 .1

4 0 .0 966 ±  6 445 ±  18 257  ±  39 2 .4
C 6H fl +  1 ,2 ,3 ,5 -C 6H 2F 4 2 5 .0 1480 ±  4 401 ±  10 207  ±  20 1 .5

4 0 .0 1407 ±  7 339 ±  36 166 ±  65 2 .5
CeH 6 ~h l,2 ,4 ,5 -C e H 2F 4 2 5 .0 1193 ±  6 210 ±  12 117 ± 3 1 2 .5

3 8 .7 1116 ± 5 195 ±  13 93 ±  27 2 .0
c 6h 6 +  c 6h f 5 2 5 .3 230  ± 2 578 ± 8 409  ± 8 168 db 19 0 .7

4 1 .7 240  ± 2 562 ± 6 369 ±  14 185 ±  21 0 .6
c 6h « +  c 6f 6 1 0 .1 - 1 7 9 0  ±  320 1676 ±  42 790 ±  45 0 3 .0

2 5 .0 - 1 9 8 4  ±  22 1483 ±  35 1169 ±  77 9 .8
3 5 .0 - 1 8 5 8  ±  18 1394 ±  20 988 ±  43 3 .2
4 5 .0 - 1 7 5 7  ±  13 1342 ±  26 796 ±  64 3 .9

c 6h 5f  -1- p -C 6H 4F 2 2 5 .0 220 ±  1 — 5 ±  3 20 ±  5 0 .5
CgligF -f- l ,3 ,5 -C e H 3F 3 2 5 .0 1000 ±  7 - 3 1  ±  11 2 ±  26 2 .0
CgH sF -}- l,2 ,4 ,5 -C gH 2F 4 2 5 .0 209 ±  1 50 ± 3 15 ± 9 0 .5
C 6H 5F  - f  C 6H F 5 2 5 .0 - 7 0 0  ±  5 166 ± 8 100 ±  15 1 .1
C 6H 6F  +  CeFfl 2 5 .0 - 1 6 8 9  ±  14 603 ±  22 354  ±  55 5 .1
o-C 6H 4F 2 +  m -C 6H 4F 2 2 5 .0 98 ± 2 - 1 3  ±  6 6  ±  12 0 .9
o-C6H 4F 2 4" l,2 ,3 ,4 -C e H 2F 4 2 5 .0 - 3 4 2  ±  6 - 9  ± 6 31 ±  12 1 .0
o-CeH4F 2 - \ -  1 ,2 ,3 ,5-C 6H 2F 4 2 5 .0 - 8 1  ±  2 - 3 8  ± 3 53 ±  6 0 .5
o-C 6H 4F 2 +  .1 ,2 ,4 ,5 -C 6H 2F 4 2 5 .0 - 4 9  ± 2 - 9 7  ± 7 34 ±  12 0 .8
W -C6H 4F 2 4" l , 2 ;3 ,4-C eH 2F 4 2 5 .0 - 2 3 7  ±  1 49 ±  2 37 ± 3 0 .3
w -C eH ^F2 4~ l,2 ,3 ,5 -C e H 2F 4 2 5 .0 - 2 7 9  ±  10 33 ±  20 - 2 1  ± 3 6 2 .9
??i-CgH4F2 4* 1,2 ,4 ,5-C 6H 2F 4 2 5 .0 - 2 3 6  ±  5 37 ± 9 27 ±  18 1 .5
p -C 6H 4F 2 +  1 ,3 ,5 -C 6H 3F 3 2 5 .0 278 ±  3 - 3 0  ± 6 33 ±  13 0 .8
p-C eH 4F 2 4- 1 ,2 ,3 ,4 -C 6H 2F 4 2 5 .0 - 2 0 0  ±  2 77 ± 4 16 ±  11 0 .7
p -C eH 4F 2 4~ 1 ,2,3,5-C 6H 2F 4 2 5 .0 - 2 5 7  ±  3 - 1 7  ± 8 17 ±  12 0 .9
p -C eH 4F 2 4~ 1,2;4 ,5-C 6H 2F 4 2 5 .0 - 4 1 9  ±  7 9 ±  14 47 ± 2 5 2 .2
p -C 6H 4F 2 4- C 6H F 5 2 5 .0 - 7 6 2  ± 3 11 ± 5 55 ±  13 0 .9
p-C eH 4F 2 4~ CgFi 2 5 .0 - 1 0 4 5  ±  8 141 ±  9 107 ±  20 1 .7
l,3 ,5 -C e H 3F 3 4~ l,2 ,4 ,5 -C e H 2F 4 2 5 .0 118 ±  1 55 ±  5 18 ±  10 0 .5
l ,3 ;5-CfiH3F 3 4~ CgH Fs 2 5 .0 —2 .5  ±  1 .6 53 ±  10 32 ±  21 0 .9
l ,3 ,5 -C e H 3F 3 4~ CeFe 2 5 .0 - 1 7 2  ± 3 13 ± 8 21 ±  15 1 .0
l ;2 ,3 ?5-C eH 2F 4 4~ CgHFg 2 5 .0 3 0 .9  ±  0 .3 — 1 5 .5  ±  0 .7 1 0 .0  ± 1 . 4 0 . 1
1,2,3,5-C 6H 2F 4 4 “ CgFg 2 5 .0 28 ± 3 103 ±  6 - 9  ±  13 0 .9
C6H F5 +  CeFe 2 5 .0 - 5 1  ±  1 46  ± 2 - 3  ±  4 0 .3
n-Propylbenzene 4- CeFe 2 5 .0 - 2 2 7 0  ±  14 300 ±  26 272 ±  59 4 .6
n-Butylbenzene 4- C e H F 6 2 5 .0 98 ± 3 - 4 2 5  ±  4 167 ±  10 1.0
n-Butylbenzene 4~ CeFe 2 5 .0 - 1 9 7 1  ±  15 122 ±  26 440  ±  45 2.6

viations of these parameters and the standard deviations 
of the molar excess enthalpies, a, defined in the usual 
way.

((sum of the squared deviations) \ ' / J 
(number of observations) — I (2)

(number of parameters) /

The great variety of curves corresponding to eq 1 
with the parameters listed in Table II (only a fraction 
of which are drawn here, see Figures 1-7) is noteworthy. 
Not only are some of these heats of mixing positive 
(endothermic change) and some negative (exothermic 
change), but nine systems show changes of sign at in
termediate compositions. This sign change occurs
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Figure 1. Heat of mixing of C6H6 +  C6HsF at 25.0°.
curve), 35.0° ( + , -------- ■), and 45.0° (X, ••••)• Also shown
is curve corresponding to the heat of mixing at 25.0° (---------).

-60  e

- io m

Figure 2. Heat of mixing of C6H6 +  Cf,Fe at 
25.0°: O, C6F6 sample 1 (Pierce Chemical Co.);
+ , CeFe sample 2 (Imperial Smelting Corp. Ltd.).

Figure 4. Heats of mixing of C6H6 +  C6HF5 at 25.3°
wheneven the magnitude of (h +  h3) exceeds that of (+ )  and n-butylbenzene +  C6HF5 at 25.0° (o).
(h0 +  (i.e., when [h +  h3\ >  |/t0 +  h2\). The value
of S E at x — 0.5 is simply h0/ 4 ; these values at 25° are A  number of the systems studied have very small 
given in Table III. heats of mixing; this is most strikingly so for C6H6 +
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Table III : H E/Joules M ole-1 at 25° and x  =  0.5 for the Systems C 6HmF 6-m +  C 6H„F8-n

--------- Component 1--------------------
1,3,5- 1,2,3,5-

Component 2 CiHs C.H.F 0 -C 6H4F2 wi-CaHiFa P-C6H4F2 CîH îFs C .H îF, CaHFi

CeH.
aHsF 2.7
o-C 6H 4F 2 186
m -  C6H4F2 194 25
p - c 6h 4f 2 67 55
1 ,3 ,5-C 6H 3F s 496 250 69
1,2,3,4-C6H2F4 253 -8 6 -59 -50
1,2,3,5-C6H2F4 370 -2 0 -7 0 -6 4
1,2,4;5-C6H2F4 298 52 -1 2 -59 -105 29
CeHFs 57 -175 -191 -0 .6 7.7
CeFe -496 -422 -261 -4 3 6.9 -1 3

Figure 5. Heats of mixing o f o-C 6H 4F 2 +  1,2,3,4-C6H2F 4 (O), 
7n-CeH4F 2 -f- 1,2,3,4-Gfi!12l''i ( F ) ,  and 
p-C6H4F 2 +  1,2,3,4-C6H2F 4 ( X )  at 25.0°.

C6H 6F (Figure 1). Runs for this system and for other 
cases in which the heat of mixing is very small involve 
no electrical compensation, and consequently the sign 
of the temperature change unequivocally determines 
the sign of llE.

Morcom10 has determined heats of mixing for C6H 6 +  
C6F6 at 40° while Swinton11 has obtained results at 25, 
40, 55, and 70°. W e have fitted their data to eq 1, 
assigning unit weight to each result. The parameters 
h0, h, hi, their standard deviations, and the standard 
deviations of the molar excess enthalpies, a, are com
pared in Table IY  with our results for C6H 6 +  C6F6 
(Figures 2 and 3). Morcom’s results are in good agree
ment with ours. The parallelism between the curves

Figure 6. Heats of mixing of o-C 6H 1F 2 +  1,2,3,5-C6H 2F 4 (o ) ,  
m-CeH4F 2 -(- 1,2,3,5-C6H 2F 4 (4~), and 
p -C 6H4F 2 -j- 1,2,3,5-C6H 2F 4 ( X )  at 25.0°.

corresponding to Swinton’s data and those correspond
ing to our data is quite striking, both sets showing 
minima at x2 =  0.62, a sign change at low x-i, and 
maxima which decrease with increasing temperature. 
At 25°, however, our results in the neighborhood of the 
minimum are approximately 35 joules mole-1 more

(10) K . W. Morcom, private communication.
(11) F. L. Swinton, private communication.
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T able IV

Wioulea Ai/joules ta/joules a/joules
Ref Temp/°C mole-1 mole-1 mole "l mole-1

M orcom 10 40 -1854 ±  14 1376 ±  31 847 =b 65 6.4
Swinton11 25 -1836 ±  10 1379 ±  23 879 ±  51 5.4

40 -1733 ±  9 1270 ±  17 777 ±  38 4.1
55 -1608 ±  5 1221 ±  9 565 ±  20 2.1
70 -1404 ±  5 1068 ±  10 360 ±  24 2.1

This work 25 -1984 ±2 2 1483 ±  35 1169 ±  77 9.8
35 -1858 ±  18 1394 ±  20 988 ±  43 3.2
45 -1757 ±  13 1342 ±  26 796 ±  64 3.9

Figure 7. Heats of mixing of o-C6H4F2 +  1,2,4,5-CSH2F4 (O), 
m-C6H4F2 -f- 1,2,4,5-C6HjF4 (4*), and 
p-C6H4F2 +  1,2,4,5-C«H2F4 (X ) a t 25.0°.

exothermic than those obtained by Swinton; at 40°, we 
differ by about 20 joules mole-1 . A  few measurements 
using the hexafluorobenzene sample of high purity 
(Table I) yielded results not significantly different from 
those obtained with the less pure sample (see Figure 2), 
so the quality of our material does not seem to be the 
source of the discrepancy.

In general, for all the fluorinated benzenes the princi
pal impurities were very similar to the substance itself 
(see Table I). Therefore, it is very unlikely that these 
will have any appreciable effect on the measured heat of 
mixing. In the case of the less pure samples (< 99  
mole % ) , the principal impurity is always another iso
mer of the same compound.

Discussion
It is apparent that any interpretation of the results 

summarized in Table II must treat the molar heat of 
mixing, I?E, as the sum of several terms differing in sign 
and mole fraction dependence;12 indeed, the systems 
with sign changes virtually require this. W e believe 
that the heat of mixing is made up of contributions from 
at least three different kinds of interactions:

1. A  nonspecific “ physical” interaction, ffpF, typi
cal of mixtures of hydrocarbons with fluorocarbons. 
This should be large and positive2’12.13 and not neces
sarily symmetrical in mole fraction.

2. A specific “ chemical” interaction, f?cE, thought 
to arise from charge-transfer complex formation. This 
should contribute a negative (exothermic) term to llE, 
which should be more nearly symmetrical in mole frac
tion than (1), and whose magnitude will depend upon 
the donor and acceptor strengths of the two compo
nents.13a

3. A specific interaction between matching hydrogen 
atoms and fluorine atoms on adjacent rings.13®

Regular solution theory3 suggests that ffpK should 
fit a volume fraction equation such that the maximum is 
displaced in the direction of solutions rich in the com
ponent of smaller molar volume. This is demonstrated 
strikingly in the comparison of the molar heat of mixing 
of C6H 6 (F  =  89 cm3 mole-1) +  C6HF6 (F  =  110 cm3 
mole-1) with that of w-butylbenzene (F  =  156 cm3 
mole-1) +  CeHFs shown in Figure 4. In the former 
case, the hydrocarbon has the smaller molar volume 
and the maximum in the S-shaped curve appears on the

(12) Cf. the system C7F15H +  (CHs)2CO reported by D. L. Andersen, 
R. A. Smith, D. B. Myers, S. K. Alley, A. G. Williamson, and R. L. 
Scott, J. Phys. Chem., 66, 621 (1962).
(13) A. G. Williamson and R. L. Scott, ibid., 65, 275 (1961).
(13a) N o t e  A d d e d  i n  P r o o f . Professor M. W. Hanna (University 
of Colorado) has suggested to us that the entire ‘ 'chemical”  part of the 
energy may be electrostatic in origin, i.e. quadrupole-quadrupole in
teractions, bond dipole interactions, etc. In this view there is little 
or no stabilization of the complex by charge transfer and our second 
and third kinds of interaction are essentially similar in origin.
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hydrocarbon-rich side; in the latter case, the hydro
carbon has the larger molar volume and the maximum 
in the S-shaped curve appears on the fluorocarbon-rich 
side. This effect is also present, but much less ob
viously, in a comparison of the systems CeH6 +  CgF6 
(F  =  116 cm3 mole-1), n-propylbenzene (F  =  139 cm3 
mole-1) +  C6F6, andn-butylbenzene +  C6F6. Here the 
shift in the minimum to lower mole fractions, x2, with 
increasing molar volume of the hydrocarbon is indica
tive of a shift in the maximum of the nonspecific con
tribution to higher mole fractions, a trend in the pre
dicted direction.

Benzene and hexafluorobenzene form a crystalline 1:1  
molecular complex4-6 which has generally been accepted 
as a charge-transfer complex between the donor C6H 6 
and the acceptor C6F6. It seems reasonable to attribute 
the “ chemical” part of the thermodynamic properties 
of the liquid mixtures to the presence of this complex. 
Swinton and co-workers5’11’14 15-16 have investigated the 
effect of varying the donor species; their results suggest 
an increase in complex formation with increasing 
7r-donor strength, of the hydrocarbon. We interpreted6 
the variations in the magnitudes and temperature de
pendences of HK for the systems C6H 6 +  CiFe, C6H 6 +  
CsHFs, and C6H 6 +  1,2,4,5,-C6H 2F4 in terms of de
creasing complex formation with decrease in the number 
of fluorine atoms in the acceptor. Although these 
thermodynamic measurements are strongly indicative 
of a charge-transfer interaction between benzene and 
hexafluorobenzene, there is at present no convincing 
nonthermodynamic evidence. If such an interaction 
is present in this system, it is plausible that similar in
teractions occur in other systems of the series C6H mF6_ m 
+  CeHreF6_ n although these should on the whole be 
somewhat weaker.

The need for a third contribution to the heat of mix
ing, one dependent upon the arrangement of the hydro
gen and fluorine atoms on the rings, is strikingly evident 
in Figures 5, 6 , and 7 and Table III. These show that 
the matching “ lock-and-key” systems (o-C6H 4F 2 +
1,2,3,4-C6H 2F4, m-C6H 4F 2 -|- l,2,3,5-CeH2F4, and p-Ce- 
H 4F2 +  1,2,4,5-C6H 2F4) have algebraically lower heats 
of mixing. The other “ lock-and-key” systems (C6H 6 +  
C6F6 and C6H SF +  CeHFs) appear to exhibit similar be
havior; e.g., the heat of mixing of C6H 5F +  CsHFs is 
appreciably more exothermic than that of C6H 6 +  
CeHFs although fiuorobenzene is certainly not a 
markedly better ir-donor than benzene. However, the 
argument for these systems is less convincing because 
of the parallel changes in the endothermic contribution, 
jS pE, with varying m — n. The origin of this compara- 
tively small effect is not clear. Conceivably, it could 
be a direct interaction between adjacent bond dipoles

Figure 8. Division of the heat of mixing, /? E, of 
CelF +  0 6F6 at 25.0° into a “ physical”  contribution, 
f f pE, and a “ chemical”  contribution, H cE.

C -H  and C -F  on neighboring molecules. (The net 
dipole moment of the whole molecule is certainly not a 
significant factor. It should be noted that C6H 6, 
p-CeH4F2, 1 ,3 ,5 -C 6H 3F3, l,2,4,5-CeH2F4, and CVFg have 
zero net dipole moments; the other compounds do have 
dipole moments. No correlation is found that can be 
associated with the presence or absence of a net dipole 
moment in the fluorinated benzene.)

Unfortunately, unlike the system C7F 15H  +  ace
tone, 12 the systems C6H mF6_ m +  C6H „F6_ n offer no 
method for quantitative separation of these contribu
tions. There are no spectra from which one can deduce 
an equilibrium constant and heat of formation; there is 
no satisfactory substance to substitute for benzene 
without its electron-donor ability (as C-,F16 substituted12 
for C7F 15H without its hydrogen-bond forming ability). 
In order to estimate SvE, we make the plausible assump
tion (based upon the random probabilities of interac-

(14) W. A. Duncan, J. P. Sheridan, and F. L. Swinton, Trans. Fara
day Soc., 62, 1090 (1966).
(15) W. J. Gaw, Ph.D. Thesis, University of Strathclyde, 1966.
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Table V : H c E ( x  =  0.5)/kjoules Mole 1 for Systems C«HmF 6- m +  C 6HBF6- n

Component 2 CnHt cahF o-CsH4Fi m-C«H4Fa p-CsIRFa ChHjF,

c 6h 6
c „h 5f - 0 .0 4
o-C«H4F2 0.02
m-C6H4F2 0.03 0.03
p-C6H4F2 -0 .1 0 0.01
1,3,5-C6H3Fs 0.12 0.08 0.03
1,2,3,4-C6H2F4 -0 .4 2 -0 .2 5 — 0.23 -0 .2 2
1,2,3,5-C6H2F4 -0 .3 0 -0 .1 9 — 0.24 -0 .2 3
1,2,4,5-C,H2F4 -0 .3 8 -0 .3 3 - 0 .1 8 -0 .2 3 -0 .2 7 -0 .0 1
C6HF5 -0 .9 9 -0 .8 5 -0 .5 7 -0 .1 7
c 6f 6 - 2 .0 1 -1 .4 7 -0 .9 3 -0 .4 2

1,2,3,5-
CdHiF, CtHFj

-0 .0 3
-0 .1 6  -0 .0 5

tions between hydrogen and fluorine atoms on adjacent 
rings) that it is proportional to (m — n)2. On the basis 
of a comparison with a number of hydrocarbon +  
fluorocarbon systems in which there is no complex for
mation, we estimate that H? ‘{x =  0.5) for the system 
C6H 6 +  C6F6 lies between 1 and 2 kjoules mole-1 ; for 
purposes of discussion we assume a value of 1.50 kjoules 
mole-1 . Using this value of 3pK and assuming the 
“ chemical” contribution, HCE, to be symmetrical in 
mole fraction, one obtains the division of HE for the 
system C6H 6 +  C6F6 shown in Figure 8.

Using the assumptions above, one deduces for the 
systems C6H mF6_ m +  C6H BF6_ B that

3 ? E(x =  0.5)/kjoule mole-1 =  0.042(m — n)2

This can be subtracted from the 3 E(x =  0.5) values 
given in Table III to yield the 3 cE(x =  0.5) values 
given in Table IV. Although there is no direct evidence 
(either from electron affinity or reduction potential 
data) to support the idea, one intuitively expects that 
acceptor strength should increase with increase in the 
number of fluorine atoms. For a particular x-donor 
(i.e., column in Table V) the magnitude of HcE(x= 0.5) 
generally becomes more exothermic with increasing 
number of fluorine atoms in the x-acceptor. For a 
particular x-acceptor (i.e., row in Table V) the magni

tude of 3 cE(x =  0.5) generally becomes less exothermic 
with increasing number of fluorine atoms in the x- 
donor. Although this trend is what one would an
ticipate intuitively, it does not follow the ionization 
potentials16'17 which suggest that fluorobenzene and 
p-difluorobenzene should be better x-donors than ben
zene. Although there are a number of exceptions to 
these generalizations, nonetheless in view of the crude 
approximations involved, the trends in Table V  are 
quite impressive.
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The Ionization Potential and Heat of Formation of Thioformaldehyde1

by A. Jones2 and F. P. Lossing

Division of Pure Chemistry, National Research Council of Canada, Ottawa, Ontario, Canada 
(.Received July 3, 1967)

Monomeric thioformaldehyde has been prepared transiently from the pyrolysis of thia- 
cyclobutane and subjected to electron impact in a mass spectrometer. The ionization 
potential is 9.44 ±  0.05 v. From the appearance potential of H 2C S+ ion from thiacyclo- 
butane, A / /t(H2CS+) <  242 kcal/mole. Taken with IP(H 2CS) =  9.44, this leads to 
AUf(H2CS) <  24 ±  2.6 kcal/mole, much lower than previous estimates. Derived bond 
dissociation energies are D (H -H 2CS in CH3S -) =  45, Z>(CH3-H 2CS in CH 3CH2S -) =  
32, and Z>(II2C = S ) ~  124 kcal/mole.

Introduction

Thioformaldehyde, H2CS, is unstable as a monomeric 
species under normal conditions3 and all attempts to 
prepare it have given the cyclic polymer, trithio- 
formaldehyde. At low pressures (ca. 10~3 torr), how
ever, the monomer has an appreciable lifetime and we 
have observed it as a reaction product in the low-pres
sure H g(3Pi) photosensitized decompositions of both 
CH3 SCH3 and CH3SSCH3 . 4 5 A thermochemical analy
sis of these reactions was not possible because of the 
lack of a reliable value for A //f(H2CS(g)). It was the 
aim of this work to obtain a more accurate estimate of 
this quantity and to provide the first direct measure
ment of the ionization potential of H2CS.

Two values for A / /f(H2CS) have been employed in 
the literature. In an electron impact study of sulfur- 
containing compounds, Gallegos and Kiser6 used a 
value of 76 kcal/mole based on appearance potential 
measurements for which H 2CS was one of the neutral 
fragments. This value was amended to 51 kcal/mole 
in later work.6

The method used here was based on appearance po
tential thresholds for the processes

CH2CH2
| | +  e H 2CS+ +  C2H 4 +  2e

c h 2s

AH <  AP(H 2CS)+ (1)

H 2CS +  e — ► H 2CS+ +  2e
AH =  IP(H 2CS+) (2)

The ionization potential measurement in (2) was car
ried out on H 2CS generated at low pressures in a reac
tion stream. It follows that

AHf(H2CS) <  AP(H2CS+) -  IP(H 2CS) +

AHf[(CH2)3S] -  AHt(C2H4) (3)

Experimental Section
The monomeric H 2CS was produced by pyrolysis at 

1000° of thiacyclobutane at low pressure in a fused-silica 
capillary furnace leading to the ionization chamber of a 
mass spectrometer.7 The other main product was 
ethylene. Small amounts of allyl radical and allene 
were also detected. The appearance potential curves 
were compared to those of xenon by a curve-matching 
procedure.7

Results and Discussion
With the furnace at room temperature, measurements 

of AP(H 2CS+) from undissociated thiacyclobutane gave 
an average value of 10.40 ±  0.1 v. With the furnace 
at 1000° thiacyclobutane was about 80%  decomposed,

(1) Issued as National Research Council of Canada No. 9833.
(2) National Research Council of Canada Postdoctorate Fellow, 
1965-1967.
(3) E. E. Reid, ‘ ‘Organic Chemistry of Bivalent Sulfur,”  Vol. I l l ,  
Chemical Publishing Co., Inc., New York, N. Y ., 1960, Chapter 2.
(4) A. Jones, S. Yamashita, and F. P. Lossing, submitted for pub
lication.
(5) E. J. Gallegos and R. W. Kiser, J. Phys. Chem., 66, 136 (1962).
(6) B. G. Hobrock and R. W. Kiser, ibid., 67, 1283 (1963).
(7) R. Taubert and F. P. Lossing, J. Am. Chem. Soc., 84, 1523 
(1962).
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and measurements on the H2CS produced gave IP- 
(H2CS) = 9.44 ±  0.05. The errors quoted represent 
standard deviations of several determinations rather 
than estimates of the absolute error. An attempt was 
made to measure AP(C2H4+) from (CH2)3S, and so ob
tain an independent value of A//f(H2CS) from the 
process

(CH2)3S +  e —> C2H4+ +  H2CS +  2e (4)
The intensity of the m/e 28 peak from thiacyclobutane 
was less than 3% of the base peak, however, and ex
cessive tailing of the C2H4+ curve precluded a reliable 
measurement of AP(C2H4+).

As a check on our measurements, the ionization 
potential of thiacyclobutane was also determined. The 
observed value, 8.8 ±  0.1 v, was in good agreement with 
two previous measurements of 8.9 +  0.155 (by electron 
impact) and 8.64 v8 (by photoionization).

A H t(H tCS) and AU{(£f2CtS+). The appearance po
tential for H2CS+ from (CH2)3S measured in this work,
10.40 ± 0.1 v, is considerably lower than that found 
by Gallegos and Kiser,5 11.8 ± 0.2 v. The difference 
appears to be larger than can be accounted for by the 
difference in the method of comparing the ionization 
efficiency curves for the fragment ion with those for 
the standard gas. Values of AHf(H2CS+) from the 
literature,5’6-9 derived from electron-impact measure
ments on various sulfur compounds, show a spread from 
215 to 252 kcal/mole, but in some cases the assumption 
has been made that the appearance potential includes 
the energy of dissociation of the neutral products as 
well. The present appearance potential and the as
sumption of the simplest dissociation process, reaction 
1, lead to A//f(H2CS+) < 242 kcal/mole, using A,Ht-  
(C2H4) = 12.50 kcal/mole10 and A //f((CH2)3S) = 
14.63 kcal/mole.11'12 Substitution in eq 3 gives 
A//,(ir2CS) < 24 ±  2.6 kcal/mole.

Support for this lower value of A//f(rI2CS) comes 
from a consideration of the observed temperature range 
for the thermal decomposition of thiacyclobutane in the 
reactor, as compared with the temperature range ob
served for other compounds for which activation 
energies of decomposition are known. On this basis, 
the activation energy at high pressure (assuming similar 
decreases in activation energy at low pressure) should 
not be greater than 50-55 kcal/mole for the dissociation

(CH2)3S —> H2CS +  C2H4 (5)
From the relationship between the forward and reverse 
activation energies and the enthalpy for dissociation

E —6 = Ei — AH  (6)
and the experimental estimate of E & ~  50 kcal/mole,

one can estimate E - & for various values of A//f(H2CS). 
For example, a value of A//f(H2CS) = 51 kcal/mole 
would give AH  = 49 kcal/mole and hence E - b ~  1 
kcal/mole. Such a low value for E - 6 seems highly im
probable. For analogous bimolecular association reac
tions, activation energies in the range 20-30 kcal/mole 
are generally found.13 The value of A//f(H2CS) = 24 
kcal/mole found in the present work leads to E -  5 ~  
28 kcal/mole, which seems to be a reasonable value.

It is of interest to calculate from the present data 
the heats of reaction for disproportionation and com
bination reactions of methylthio radicals

2CH3S- — » H2CS +  CH3SH (7)
2CH3S • —> c h 3ssc h 3 (8)

Using Afff(CH,S-) = 30.5 ± 5,14 15 A//f(CH3SH)
— 5.46,12 and Ajfff(CH3S2CH3) = —5.71 kcal/mole,12 
AH-, becomes — 42 ± 8 kcal/mole and AH s becomes
— 67 ±  7 kcal/mole. For the isoelectronic CH30- 
radical the analogous reactions are

2CH30  • —> H2CO +  CH3OH (9)
2CH30- — >  CH3OOCH3 (10)

Using Ai7f(CH30)- = 2 ± 2,16 Atff(H2CO) = -27 .7 ,16 
and Aiï((CH3OH) = —48.0816 kcal/mole, AH 9 is
— 78 ± 2 kcal/mole and AH W is —36.1 ±  1 kcal/mole.16
It can be seen that for CHsO radicals the dispropor
tionation is thermochemically favored, in contrast to 
CH3S for which the combination is favored over dis
proportionation, although by a smaller margin. It is 
interesting to note that the experimentally observed 
relative rates of these reactions are in qualitative agree
ment with the exothermicities: the combination
of methoxyls is negligibly slow compared to the dis
proportionation, whereas the combination of CH3S 
radicals is faster than the disproportionation.4’17

(8) L. D. Isaacs, W. C. Price, and R. G. Ridley in “ The Threshold 
of Space,”  Pergamon Press Ltd., London, 1957, p 143.
(9) B. G. Hobrock and R. W. Kiser, J. Phya. Chern., 66, 1648 (1962); 
67, 648 (1963).
(10) F. D . Rossini, et al., “ Selected Values of Physical and Thermo
dynamic Properties of Hydrocarbons and Related Compounds,”  
Carnegie Press, Pittsburgh, Pa., 1953.
(11) W. N. Hubbard, C. Katz, and G. Waddington, J. Phya. Chem., 
58, 142, 396 (1954).
(12) H. Mackle and P. G. O’Hare, Tetrahedron, 19, 961 (1963).
f 13) See, for example, Table X II-8 in S. W. Benson, “ The Founda
tions of Chemical Kinetics,”  McGraw-Hill Book Co. Inc., New 
York, N. Y., 1960.
(14) H. Mackle, Tetrahedron, 19, 1159 (1963).
(15) J. A. Kerr, Chem. Rev., 66, 465 (1966).
(16) “ Selected Values of Thermodynamic Properties,”  National
Bureau of Standards Circular 500, U. S. Government Printing 
Office, Washington, D. C., 1952.
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Calculations of the endothermicities of the radical 
dissociation processes

RCH2S- —> R- +  H2CS (11)
which are analogous to the well-known alkoxy radical 
dissociations

RCH20 ----->■  R- +  H2CO (12)
have recently been performed by Friswell and Gowen- 
lock17 18 using A#f(H2CS) = 51 kcal/mole. Values re
calculated using A//f(H2CS) = 24 kcal/mole are given 
below, together with (in brackets) the corresponding 
values for reaction 12: R = H, 45 (22); R = CH3, 32 
(13); R = C2H5, 30 (9); R = n-CsH7, 30 (9). The 
heats of formation of alkyl and alkoxy radicals16 and 
the alkylthio radicals14 are taken from the literature. 
Although the thiyl radicals are on this basis less stable 
than the earlier estimates18 indicated, they are still 
considerably more stable than the corresponding alkoxy 
radicals.

The Bond Dissociation Energy D(H2C=S). From 
the equation

H2CS — ►  CH2 +  S (13)
it can be seen that 
D( H2C=S) = A//f(CH2) +

Atff(S) -  A//f(H2CS) (14)
The heat of formation of CH2 is not known precisely. 
A//f(CH2) used here is 86 ±  6 kcal/mole from data 
given by Bell and Kistiakowsky.19 The heat of forma
tion of atomic sulfur, AH’f(S(g)), has been the subject 
of some uncertainty, but a value of 65.9 kcal/mole ap
pears to be now established.12 Substituting these 
quantities in reaction 14 gives Z)(H2C=S) = 124 
kcal/mole with an uncertainty of about 6-8 kcal/mole. 
The analogous dissociation energy D(H2C = 0) is 
173 ±  6 kcal/mole, using AH/O) = 59.520 and A//f-

(H2CO) = —27.7 kcal/mole.15 Although these dis
sociation energies are subject to large errors, the dif
ference D (Ii2C =0) — D(H2C=S) is more precise since 
A7/f(CH2) cancels. From the present data, this dif
ference is 45.6 kcal/mole.

IP(H2CS). The measured value of 9.44 ±  0.05 v 
found in this work is much higher than the value of 6.7 
v derived by Gallegos and Kiser, which was based on 
their initial value of A7Tf(H2CS) = 76 kcal/mole.6 It 
might be noted that IP(H2CO) «  IP(CH3OH), 10.87 
and 10.85 v, respectively.21 Correspondingly, the 
present value for IP(H2CS) is in good agreement with 
that of CH3SH, 9.44 v.21

Peak Ratios in Mass Spectrum of Hi.CS. The ratio 
of peak intensities for the parent, P-1 and P-2 peaks of 
H2CS were measured by stripping contributions from 
undecomposed thiacyclobutane from the spectrum at 
1000°. The ratios were m/e 46 (80%), m/e 45 (100%), 
and m/e 44 (19%). Peaks at lower mass numbers 
were subject to possible interference by other reaction 
products.22
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(17) R. P. Steer, B. L. Kalra, and A. R. Knight, J. Phys. Chem., 71, 783 (1967); P. M. Rao, J. A. Copeck, and A. R. Knight, Can. J. 
Chem., 45, 1369 (1967).
(18) N. J. Friswell and B. G. Gowenlock in “ Advances in Free 
Radical Chemistry," Vol. 2, G. H. Williams, Ed., Logos Press, 
London, 1967, p 27.
(19) J. A. Bell and G. B. Kistiakowsky, J. Am. Chem. Soc., 84, 3417 
(1962).
(20) T. L. Cottrell, “ The Strengths of Chemical Bonds," 2nd ed, 
Butterworth and Co. Ltd., London, 1958.
(21) R. W. Kiser, “ Introduction to Mass Spectrometry, and its 
Applications,”  Prentice Hall, Inc., Englewood Cliffs, N. J., 1965.
(22) N o t e  A d d e d  i n  P r o o f . Reaction 11, with R  =  H, has been 
observed at 925° in this reactor [T. F. Palmer and F. P. Lossing, J. 
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the higher value for A //f (11 2CS).
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The Gaseous Hydroxides of Cobalt and Nickel

by G. R. Belton and A. S. Jordan1
School of Metallurgy and Materials Science, University of Pennsylvania, Philadelphia, Pennsylvania 19104 
{Received April 4, 1967)

Measurements have been made, by means of the transpiration technique, of the volatility 
of cobalt and nickel in mixtures of water vapor, hydrogen, and argon. The volatilization 
reactions and their standard Gibbs energy changes are shown to be Co +  2H20(g) = 
Co(OH)2(g) +  H2(g) AG° = 58,200 -  9.38T cal (1548~1739°K) and Ni +  2H20(g) = 
Ni(OH),(g) +  H2(g) AG° = 58,290 -  6.04T cal (1448-1695°K). These, and previous 
data, when combined with free energy functions based on reasonable structural parameters, 
lead to the following average bond energies for the iron group dihydroxides: Fe-OH, 98.2; 
Co-OH, 91.9; Ni-OH, 91.2 kcal. These energies are shown to be consistent with a pseudo
halide character for the gaseous hydroxides.

Introduction
The enhanced volatility of iron in the presence of 

water vapor has been shown by Belton and Richardson2 
to be caused by the formation of the gaseous compound 
Fe(OH)2. No direct evidence is available in the 
literature, however, for the existence of analogous species 
of the chemically similar transition metals Co and Ni. 
Indeed, Brewer and Elliott3 concluded from experiments 
with solid NiO and water vapor at 1500° that decom
position to the elements was the only important vapori
zation process. In exploratory experiments, however, 
Morey4 did observe an enhanced mobility of solid NiO 
in high-pressure steam (2100 atm) at 500°.

The purpose of the present study has been to es
tablish the existence of the gaseous hydroxides of Co 
and Ni and to obtain thermodynamic data for their 
formation. This has been achieved by using the semi
micro transpiration technique to measure the apparent 
vapor pressures of the metals in mixtures of water 
vapor, hydrogen, and argon which were insufficiently 
oxidizing to permit formation of a condensed oxide. 
A few measurements have been made with nickel under 
conditions in which NiO was the stable phase to help 
establish the number of metal atoms in the species.
Experimental Section

The transpiration apparatus and experimental pro
cedure were essentially the same as have been described 
earlier2'6 except for a small modification caused by reac
tion of the refractory tubes used to contain the metal

specimens. In the case of nickel, a small slip cast 
thoria insert (Zircoa), 0.5 cm in i.d. and approximately 
5 cm in length, was used to contain the spiral wire 
sample. This insert was carefully ground to fit into 
an outer alumina reaction tube and could be readily 
removed for weighing. For each change in experi
mental conditions, the insert was found to change in 
weight; hence, after each such change, the insert was 
subjected to a 5-8-hr saturation run. In subsequent 
experiments the weight of the insert fluctuated about 
a constant value (±3-5 X 10 ~5 g). An insert of the 
same material could not be saturated when a cobalt 
specimen was used, but hot-pressed, thoria (Thermal 
Syndicate Ltd.) could be readily saturated to constant 
weight (±2  X 10-5 g) in about 1 hr. It was later 
found that negligible reaction occurred between oxi
dized nickel samples and the hot-pressed thoria.

Materials. High-purity wire (Johnson, Matthey 
and Co.) approximately 0.25 mm in diameter was used 
in the bulk of the experiments. The cobalt wire had a 
purity of 99.95% and the purity of the Ni wire was in 
excess of 99.99%. A few experiments were carried 
out with wires of lower purity (99.87% Co and 99.98%
(1) Bell Telephone Laboratories, Murray Hill, N. J.
(2) G. R. Belton and F. D. Richardson, Trans. Faraday Soc., 58, 
1562 (1962).
(3) L. Brewer and G. R. B. Elliott, University of California Radia
tion Laboratory Report 1831, 1952.
(4) G. W. Morey, Econ. Geol., 52, 225 (1957).
(5) G. R. Belton and A. S. Jordan, J. Phys. Chem., 69, 2065 (1965).
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Ni) but no difference in apparent volatilities could be 
detected. Experimental specimens which were ap
proximately 25 mm long by 5 mm in diameter were 
constructed of two concentric coils of wire with a few 
short lengths in the center.

In order to obtain the necessary range of water vapor 
pressures and water vapor-hydrogen ratios, seven 
commercially prepared argon-hydrogen gas mixtures 
were used. In all cases the composition was known to 
better than 1%  of the hydrogen content.

Results
It is now well established2 that reliable equilibrium 

vapor pressures can be determined by the transpiration 
technique if the derived pressures can be shown to be 
independent of the flow rate of the transporting gas 
over a substantial range. Several typical sets of data, 
obtained in this work, for the apparent pressures of 
cobalt and nickel are presented in Figure 1. A vapor 
pressure plateau, similar to those illustrated, was ob
tained for each experimental condition. The average 
value of the standard deviations from the equilibrium 
pressures, calculated for those cases (12) showing at 
least five plateau results, was approximately 3 .5% .

Cobalt. The equilibrium pressures for cobalt and the 
relevant experimental conditions are presented in 
Table I, where it will be noted that the data at 1436° 
were taken at two essentially constant water vapor- 
hydrogen ratios and several water pressures. The 
value of carrying out experiments in this way, as an aid 
in separating and identifying volatile species, has been 
pointed out in an earlier paper.8 At constant water- 
hydrogen ratio, that part of the volatility which is in
dependent of the water pressure must be due to the 
neutral vapor pressure of the metal plus any volatile 
oxides. The additional volatility and its functional 
dependence on the water pressure and water-hydrogen 
ratio may then be used to determine the stoichiometry 
of the hydrated species.

In Figure 2, the equilibrium pressures at 1436° are 
shown plotted vs. the water pressure. Within experi
mental error, a linear dependence is shown; hence the 
data were analyzed by the method of least mean 
squares to determine the best values for the intercepts 
and slopes. Each individual measurement was in
cluded in the analysis in order to yield meaningful 
probable errors.

For the data with an average value of pmo/pm =
6.02, the value of the slope is 24.24 (± 0 .6 6 ) X  10-6 atm 
per atmosphere of water vapor and the value of the 
intercept is 3.49 (± 0 .1 8 ) X  10~6 atm. For the data 
at Phjo/ ph, =  10.82, the values are 45.80 (± 1 .6 0 ) X  
10~fi and 3.70 (± 0 .3 0 ) X  10 ~6, respectively. There

FLOW RATE, ml./min. S.T.P

Figure 1. Typical results obtained from transpiration 
experiments with cobalt and nickel. Values of pmo/pm, 
PB20 (mm), and temperature are: A, Co, 9.56, 302.6, 1466°; 
■, Co, 10.87, 237.0, 1427°; •, Ni, 42.9, 307.6, 1422°;
A, Co, 10.80, 109.8, 1436°; O, Ni, 23.6, 374.1, 1390°;
□, Co, 11.55, 336.2, 1275°; X, Ni, 108.0, 400.6, 1175°.

T able I : The Volatility of Cobalt in the 
Presence of Water Vapor

Temp,
°C PH2O/PH2

PH2O,
mm

App 
vapor 

pressure, 
atm  X 10«

1466 9.56 302.6 26.14
1466 9.68 69.9 11.17

1436 10.83 236.2 18.08
1436 10.80 10.82 av 109.8 9.96
1436 10.82 76.4 8.61
1436 5.96 328.7 13.72
1436 6.04 6.02 av 220.9 10.72
1436 6.04 151.4 8.42
1436 6.02 65.5 5.40

1427 10.87 237.0 16.15
1372 10.22 72.3 3.58
1370 10.07 312.1 9.95
1323 11.60 336.2 6.59
1275 11.55 336.2 3.66

are available two experimental studies of the vapor 
pressure of cobalt which are in excellent agreement, the
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Figure 2. Dependence of volatility of cobalt on water pressure 
at constant water-hydrogen ratio at 1436°.

Langmuir study of Edwards, et al.,6 and the Knudsen 
cell work of Saxer.7 These yield, when combined with 
published free energy functions,8 a value of 101,400 ±  
100 cal for AHaMS which in turn gives a value of 3.59 
(± 0 .1 1 ) X  10_6 atm for the vapor pressure of cobalt 
at 1436°. Clearly, the values of the intercepts are 
experimentally indistinguishable from each other and 
from the vapor pressure of cobalt. Accordingly, it is 
assumed in the subsequent interpretation that no sig
nificant oxide contribution exists, this being consistent 
with the recently reported9 vapor pressure of pure 
CoO, at this temperature, of approximately 2.7 X  
10-8 atm.

Assuming that one atom of cobalt is incorporated in 
the hydrated species, the only stoichiometry which is 
consistent with the data within experimental error is 
Co(OH)2. Considering this species, the formation 
reaction in the presence of H2 and H 20  would be

Co +  2H20(g) =  Co(OH)2(g) +  H2(g) (1)

for which

K  =  (p c o (O H ),)  ( p h , ) / ( p h ,o ) 2 ( 2 )

At constant temperature, the apparent pressure of co
balt should be directly proportional to (phso/ ph2)ph,o. 
The necessary linear dependence on water pressure at 
constant water-hydrogen ratio is clearly shown in 
Figure 2, and the ratio of the slopes is 1.89 ±  0.11 for a 
ratio of the values of p^o/ps, of 1.80. Any other single

Figure 3. Temperature dependence of equilibrium constant for 
the reaction Co +  2H20(g) = Co(OH)2(g) +  H2(g).

species would require errors of at least 5 0%  in the 
measured equilibrium pressures.

Values of log K, derived from the slopes at 1436° and 
from the pressures listed in column 4 of Table I after 
deduction of the vapor pressure, are shown plotted 
against 1 /T (°K ) in Figure 3. The best straight line 
calculated by the method of least squares is

log K =
12,720 (±1 8 0 )  

T
+  2.05 (±0 .1 1 ) (3 )

which gives for the standard Gibbs energy change of 
reaction 1

AG° =  58,200 -  9.38T cal (4)

Nickel. The derived apparent vapor pressures of 
nickel and the corresponding experimental conditions 
are presented in Table II. In Figure 4 the data taken 
at 1390° with a value of ptno/pm of 23.6 are shown 
plotted against the pressure of water vapor. There is a 
clearly linear dependence with an intercept at zero 
water pressure which agrees with the vapor pressure 
of nickel, measured by means of an inert transporting 
gas.

The three most recent determinations10 of the vapor 
pressure of nickel, when combined with the published 
free-energy functions,8 yield a value for A / /e29g of

(6) J. W. Edwards, H. L. Johnston, and W. E. Ditmars, J. Am. 
Chem. Soc., 73 , 4729 (1951).
(7) R. K. Saxer, Ph.D. Thesis, The Ohio State University, 1962.
(8) R. Hultgren, R. L. Orr, P. D. Anderson, and K. K. Kelley, 
“ Selected Values of Thermodynamic Properties of Metals and 
Alloys,”  John Wiley and Sons, Inc., New York, N. Y., 1963.
(9) R. T. Grimley, R. P. Bums, and M. G. Inghram, ./. Chem. 
Phys., 45, 4158 (1966).
(10) J. P. Morris, G. R. Zellers, S. L. Payne, and R. L. Kipp, U. S. 
Bureau of Mines, Report of Investigations 5364, Mines Bureau, 
Pittsburgh, Pa., 1957; H. L. Johnston and A. L. Marshall, J. Am. 
Chem. Soc., 62, 1382 (1940) ; G. P. Kovtun, A. A. Kruglykh, and 
V. S. Pavlov, Ukr. Fie. Zhur., 7, 436 (1962).
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Figure 4. Dependence of volatility of nickel on water 
pressure at pmo/pm = 23.6 and 1390°.

Figure 5. Temperature dependence of equilibrium constant 
for the reaction Ni +  2H20(g) = Ni(OH)2(g) +  H2(g).

Table I I : The Volatility of Nickel in the 
Presence of Water Vapor

App
va p or

Tem p, PHiO, pressure,
°C PKiO/PHi m m atm  X  10«

1422 42.9 307.6 12.97
1422 16.0 307.6 7.00
1422 142.0“ 307.6 28.10

1398 53.9 156.4 7.89
1398 53.9 91.6 5.86

1390 23.6 374.1 7.03
1390 23.6 204.0 4.62
1390 23.6 76.4 2.89
1390 53.9 348.0 13.26
1390 Inert Gas6 1.77
1356 80.1 342.0 13.22

1307 82.2 348.0 7.48

1258 81.3 348.0 3.90

1175 108.0 400.6 1.81

“ Above the oxidation limit of nickel. b No significant dif
ference could be detected between purified argon and hydrogen 
containing 3% water.

102,050 ±  490 cal, which gives 1.72 (± 0 .2 5 ) X  10~6 
atm for the vapor pressure of nickel at 1390°. This is in 
agreement with the measured value of 1.77 X  10 ~6 atm 
and the least-mean-square value for the intercept of
1.82 (± 0 .0 9 ) X  10-6 atm. It is concluded that any 
contribution from NiO(g) may be safely ignored in the 
interpretation, and this is consistent with the mass 
spectrometric work of Grimley, Burns, and Inghram11 
on the vaporization of solid NiO. Their work gives,

for unit activity of NiO at 1390°, pNio =  5 X  10-8 
atm. At the reduced activity of NiO in the present 
work, the calculated contribution would be approxi
mately 1.3 X  10~8 atm.

Again, if one metal atom is assumed to be incor
porated in the gaseous species, the only equilibrium 
which is consistent with the data is

Ni +  2H20(g) =  Ni(OH)2(g) +  H,(g) (5)

for which

K  =  (pnkohlK phJ A phîo) 2 (6)

The necessary linear dependence on water pressure at 
constant water-hydrogen ratio has already been shown 
in Figure 4. These same data yield a value for K  of 
4.66 (± 0 .1 2 ) X  10-7 from which one may readily 
calculate that, at the same temperature, with pH>o / 
Ph2 =  53.9 and pH!o =  348 mm, the expected total 
apparent pressure of nickel should be 12.80 (± 0 .3 4 ) X  
10 ~6 atm. The experimentally determined value for 
these conditions (Table II) is 13.26 (± 0 .4 6 ) X  10“ 6 
atm. In view of the similar behavior of iron and co
balt, this is considered to be sufficient evidence for the 
nature of the species.

Values of log K, derived from the data in Table II, 
after deduction of the vapor pressures, are shown 
plotted against 1 /T (°K ) in Figure 5. The best straight 
line is given by

log K =
12,740 (± 2 1 0 )  

T +  1.32 (±0 .13 ) (7)

which gives for the standard Gibbs energy change of 
reaction 5

(11) R. T. Grimley, R. P. Burns, and M. G. Inghram, J. Chem. 
Phys., 35, 551 (1961).
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AG° = 58,290 -  6.04T cal (8)
Although, in view of the stoichiometry of iron hy

droxide,2 it is reasonable to expect a single metal atom 
in the hydrated species of Co and Ni, it was considered 
desirable to obtain experimental confirmation for at 
least one of the species. Accordingly, experiments were 
carried out with nickel at 1422° with the water-hydro
gen ratio adjusted to be well over the oxidation limit 
of nickel.

These experiments were carried out by using es
sentially the same procedure as before except that dur
ing the cooling cycle an argon-hydrogen gas mixture 
was passed over the samples in order to reduce the oxide 
film back to metal. A few preliminary experiments 
were carried out in which the nickel sample was ex
posed to the oxidizing atmosphere for about 1 min be
fore cooling; these indicated that the errors introduced 
by the reduction step were negligible (approximately 
1 X 10~5 g, i.e., <1%). The experimental results are 
presented in Figure 6, and the derived pressure is given 
in Table II.

NiO is well known to form on Ni as a tenacious, non- 
porous layer;12 hence, if equilibrium is assumed at the 
gas-solid interface, the activity of Ni may be readily 
calculated from the water-hydrogen ratio and a knowl
edge of the standard Gibbs energies of formation of 
NiO and H20. The study of Kiukkola and Wagner13 
indicates that the data for NiO in Coughlin14 15 should be 
corrected by —930 cal to yield a value of —21.05 kcal 
for AG° at 1422°. This is in almost exact agreement 
with the value of —21.06 kcal extrapolated from the 
recent equation of Tomlinson and Young.16 Using this 
value and the literature value of H20 ,13 one readily 
calculates the activity of Ni to be 0.70 under the con
ditions of the experiment.

Combination of the above activity with the equilib
rium constant from eq 7 and the partial pressures of 
hydrogen and water vapor yields a pressure of Ni(OH)2 
of 2.57 X 10-6 atm. Addition of the reduced vapor 
pressure of nickel gives a total apparent pressure of 
2.79 X 10~s atm: this is in excellent agreement with 
the measured apparent pressure of 2.81 X 10~6 atm. 
If a similar calculation is performed for the species 
Ni2(OH)2, the expected apparent pressure would be
2.02 X 10~6 atm. This latter value is well outside any 
reasonable experimental uncertainty.

As this interpretation depends strongly upon the 
accuracy of the thermodynamic data, a series of addi
tional experiments was carried out at 1422°. In these, 
the water-hydrogen ratio which caused a distinct 
change in the surface of fresh nickel samples was deter
mined. This gave a value for the oxidation limit of

»o

>
a:< I -------1-------1-------1-------1-------1-------

3 0 0  4 0 0  S C O  6 0 0

FLOW RATE, ml../min. S.TP
Figure 6. Results of transpiration experiments with nickel 
under oxidizing conditions at 1422°.

pmo/pm = 97 ±  1, which compares very well with the 
value of 99 calculated from the above thermodynamic 
data.
Discussion

Errors. The uncertainties in the experimental 
variables are considered to be as follows: temperature, 
±3°; pHso, ±0.5%; weight losses, ±1.5%; gas 
volumes, ±1%. The combined effect of these un
certainties on the apparent pressure is estimated to be 
±5%, this being consistent with the average standard 
deviation from the various plateaus of ±3.5%. In 
the absence of unknown systematic errors, the derived 
probable errors (eq 3 and 7) in the heat and entropy 
terms of the Gibbs energy equations (eq 4 and 8) of 
± 1 kcal and ±0.6 eu would appear to be realistic.

The Iron Group Hydroxides. The heats of formation 
and standard entropies of the iron group hydroxides, 
derived by combination of the literature data8'16 with 
the Gibbs energy equations from this and the previous 
work,2 are summarized in Table III. The relatively 
higher heat of formation of the iron species compared 
to those of the other species closely parallels the be
havior of the gaseous dichlorides,17 suggesting that the 
pseudohalide character noted for the hydroxides of the 
alkalis18 and alkaline earths19 may extend to the transi

(12) O. Kubaschewski and B. E. Hopkins, “ Oxidation of Metals,”  
Butterworth and Co. Ltd., London, 1962.
(13) K. Kiukkola and C. Wagner, J. Electrochem. Soc., 104, 379 
(1957).
(14) J. P. Coughlin, U. S. Bureau of Mines Bulletin 542, XJ. S. Gov
ernment Printing Office, Washington, D. C., 1954.
(15) J. W. Tomlinson and D. R. Young, quoted by C. B. Alcock 
and T. N. Belford, Trans. Faraday Soc., 60, 822 (1964).
(16) “ Joint Arm y-Navy-Air Force Thermochemical Tables,”  Dow 
Chemical Company, Midland, Mich., 1965.
(17) T. L. Allen, J. Chem. Phys., 26, 1644 (1953).
(18) R. C. Schoonmaker and R. F. Porter, ibid., 31, 830 (1959).
(19) F. E. Stafford and J. Berkowitz, ibid., 40, 2963 (1964).
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tion metals. It is of interest, therefore, to derive the 
metal-hydroxyl radical bond energies for comparison 
with the halides.

Table III: Standard Heats of Formation and Standard 
Entropies of the Iron Group Gaseous Hydroxides at 1600°K

A H  i°, s°,
Species kcal e u

Fe(OH)2« 80.9° 105.0'
Co(OH)2 61.6 108.1
Ni(OH)2 61.5 103.9

° Derived from Belton and Richardson (ref 2). Additional 
data for calculations taken from Hultgren, et al., (ref 8) and 
“JANAF Tables” (ref 16).

No structural information is available for these 
gaseous molecules, and furthermore, in view of the high 
partial pressures of water vapor necessary in the forma
tion equilibria, it is unlikely that spectroscopic studies 
can be made by existing techniques. Accordingly, in 
order to derive reasonable bond energies from the ex
perimental data, it is necessary to estimate the struc
tural parameters. The similarity of the experimental 
entropies at 1600°K strongly suggests that the species 
have similar basic structures; hence, estimates were 
first made in the manner of Stafford and Berkowitz19 
and then adjustments were made to give agreement 
between calculated and experimental entropies. The 
initial assignments were made as follows.

(1) A linear configuration was chosen for O-M-O 
in view of the evidence of Büchler, et al.,* 1 2 3 4 20 for the 
linearity of the difluorides of these metals, and the 
hydrogen atoms were assumed to be in plane at 105° in 
a cis configuration.

(2) Brewer, et al.,21 have assigned a bond length of 
1.72 A for the difluorides; this was increased to 1.80 
A for the M -0 distance in view of the known difference 
in bond lengths between solid hydroxides and fluorides.22 
A distance of 0.96 A was selected for the O-H distance.19

(3) The symmetric and antisymmetric HO-M-OH 
stretching frequencies were estimated by applying the 
valence force method23 24 to the stretching force constant 
for NiF2(g) of Milligan, et al.u  This method gave 650 
and 820 cm-1. A value of 3650 cm-1, based on water, 
was selected for the O-H stretching frequencies (2).

(4) The bending vibration for HO-M-OH was 
taken as 82 cm-1 by applying the valence force method 
and the Brewer, et al.,21 estimate of the ratio of stretch
ing to bending force constants for the transition metal 
halides. The two in-plane bending frequencies for the 
OH groups were taken as 1170 cm-1 by applying the

method of Berkowitz, et al.,25 to a comparison with water.
(5) The two out-of-plane torsional vibrations were 

taken as 230 cm-1, similarly to gaseous H2O2.26

The values for the entropies at 1600°K calculated by 
standard methods27 from the above parameters are 
106.5,106.7, and 105.9 eu for the Fe, Co, and Ni species, 
respectively. The electronic contributions were ob
tained, following Brewer and Chandrasekharaiah,28 by 
a direct summation of the significant terms in the parti
tion functions, taking the energy levels for Fe2+, Co2+, 
and Ni2+ from Moore’s tabulation.29 The calculated 
and experimental entropies are in surprisingly good 
agreement, thus demonstrating the reasonableness of 
the structure and the estimating procedure.

In order to obtain free energy functions better re
flecting the experimental data, a change in the molec
ular parameters was made by adjusting the HO-Ni-OH 
bending vibration for the nickel species to give agree
ment with the experimental entropy. The derived ratio 
for stretching to bending force constants was then as
sumed to hold for the other species, and the three 
HO-M-OH vibrational frequencies adjusted accord
ingly to give agreement with the measured entropies. 
The assumed molecular parameters and derived free- 
energy functions are presented in Table IV.

The average bond energies M-OH, derived by the 
usual combination of thermochemical cycles and third- 
law calculations, are presented in Table V, the other 
data necessary to the calculations being taken from 
Hultgren, et al.,* and the “JANAF Tables.” 16 In
cluded in the same table are the single bond energies 
for the dichlorides and difluorides derived from Allen17 
and Brewer, et al.21

An assessment of the uncertainties in the derived 
bond energies is difficult, but on the basis of the in-
(20) A. Büchler, J. L. Stauffer, and W. Klemperer, J. Chem. Phys., 
40, 3471 (1964).
(21) L. Brewer, G. R. Somayajulu, and E. Brackett, Chem. Rev., 
62, 111 (1962).
(22) S. S. Batsanov and G. B. Bokii, Zh. Strukt. Khim., 3, 716 
(1962).
(23) G. Herzberg, “ Infrared and Raman Spectra of Polyatomic 
Molecules,”  D. Van Nostrand Co., Inc., New York, N. Y ., 1945.
(24) D. E. Milligan, M. E. Jacox, and J. D. McKinley, J. Chem. 
Phys., 42, 902 (1965).
(25) J. Berkowitz, D. J. Meschi, and W. A. Chupka, ibid., 33, 533 
(1960).
(26) R. L. Miller and D. F. Hornig, ibid., 34, 265 (1961).
(27) G. N. Lewis, M. Randall, K. S. Pitzer, and L. Brewer, “ Thermo
dynamics,”  McGraw-Hill Book Co., Inc., New York, N. Y., 1961.
(28) L. Brewer and M. S. Chandrasekharaiah, University of Cali
fornia Radiation Laboratory Report UCRL 8713 (1959).
(29) C. E. Moore, “ Atomic Energy Levels,”  Vol. 2, National Bureau 
of Standards Circular 467, U. S. Government Printing Office, 
Washington, D. C., 1952.
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Table IV : Estimated Molecular Structure Parameters Used to
Calculate the Free-Energy Functions of the Hydroxides

Fe Co Ni

re (M-O), A 1.8 1.8 1.8
re (O-H), A 0.96 0.96 0.96
O-H (2), stretch, cm-1 3650 3650 3650
M-OH, stretch, cm-1 605 365 650

770 460 820
O-M-O, bend, cm-1 210 125 222
M-O-H (2), bend, cm-1 1170 1170 1170
MO-H (2), torsion, cm-1 230 230 230
M-O-H angle, deg 105° 105° 105'
Electronic fef (1600°K), -5 .75 -5 .54 -4 .89

eu
Fef (1600°K), eu -82.56 -83.50 -81.50

sensitivity of the results to a number of manipulations 
of the structural parameters, e.g., assuming a trans 
configuration or free internal rotations of the OH 
groups, it is the authors’ opinion that the values should 
be correct to about ±2 kcal, at least in comparison 
to the halides.

Table V : Average Bond Energies, 0°K, of Fe, Co, and 
Ni Difluorides, Dihydroxides, and Dichlorides"

Fe Co Ni

M-F, kcal 114.3 110.8 109.3
M-OH, kcal 98.2 91.9 91.2
M-Cl, kcal 94.9 85.3 86.0

“ Data for dichlorides and difluorides derived from Allen17 
and Brewer, et al,21

Thus it appears that treating the gaseous hydroxides 
as pseudohalides is a useful concept, and consistently 
with this, the bond energies may be taken to be ap
proximately midway between the fluorides and chlo
rides.
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The Influence of Pressure on the Velocity 

Constants of Bimolecular Ionic Reactions 

in  Aqueous Solution

by E. A. Moelwyn-Hughes
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The bimolecular velocity constant for ionic reactions 
at zero ionic strength can be represented by the equa
tion1

In h ° =  In Z2° -  ~  
R T

gAZBt2
D rkT (1)

where Z° is the standard binary collision frequency in a 
solvent of dielectric constant D  at temperature T.

Concerning E n, the nonelectrostatic component of the 
activation energy, little is known. The electrostatic 
component, zaZu^/D t, is given by the electro valencies, 
z, the electronic charge, e, the dielectric constant, D , 
and the distance apart of the centers of the charges 
in the activated complex. By treating Z°, E n, and r as 
temperature independent, eq 1 has been shown ade
quate to explain high and low values of the preexpo
nential term in the Arrhenius equation, In fc2° = In A 2° 
-  E a/RT. We have2

A2° = z f e - ZimtlL/kDr (2)
where L  = — (5 In D / à T )P. The object of this commu
nication is to find to what extent eq 1 may account for 
the variation of with respect to pressure at constant 
temperature.
(1) J. A. Christiansen, Z. Physik. Chem., 113, 35 (1924); G. Scat- 
chard, Chem. Rev., 10, 229 (1932).
(2) E. A. Moelwyn-Hughes, Proc. Roy. Soc. (London), A155. 308 
(1936).
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By differentiating eq 1 and making use of the equa
tion

we obtain for the molar volume of critical activation 
the expression

zaZb^ N qV/d jn r \  / d In I)

D r L\ 5P ) T +  \  dP

where N 0 is Avogadro’s number. A rough estimate of 
the first term on the right-hand side may be made 
by assuming Z2° to be proportional, directly or inversely, 
to the viscosity of the solvent. For water at 30°, the 
contribution to AFC is —1.15 or +1.15 cc, respectively. 
Nothing is known about (dE n/dP)T except that it may 
be considerable. If the reacting ions and the complex 
formed from them are all spherical, with evenly dis
tributed charges, it is possible in principle to evaluate 
the term (d In r/dP )T in terms of the partial ionic com
pressibilities, /3i, as Hamann3 has shown in the case of 
the ionization of ammonium hydroxide. None of the 
reacting species to be considered approaches such a 
simple electrostatic model and we remain in ignorance 
of the magnitude of (d In r/dP)T■ To evaluate the 
remaining term in eq 4, it is convenient to use the 
compressibility, d, and the density, p, of the solvent, as
/d in  D\  /d in  D\  /d F \
\  dP ) T ~  \  dF I X d P j T ~

The contribution to AFC ascribable to the effect of 
pressure on the dielectric constant is thus

AF„ I W g / a In D \ 
D r \d  In p ) T

(6)
The compressibility of water at 20° is 4.68 X 10~5 
atm-1 and (d In D /d In p)r is 1.34 ±  0.02.4 Hence, 
with AFC in cubic centimeters per mole and r in ang
strom units

AF0 10.7(zazb) (7)
Because AF0 varies with the pressure, we have used the 
experimental values relating to low pressures. These 
are given in Table I, where, unfortunately, only two of 
the data refer to temperatures near to that for which 
eq 7 applies. For these two reactions, the values of the

critical interionic separation afforded by eq 7 compare 
favorably with the values found by numerous inde
pendent methods.6 It therefore appears that the effect 
of pressure on the velocity of ionic reactions in aqueous 
solution is significantly, if not predominantly, to be 
traced to the effect of pressure on the dielectric con
stant of the medium.

Table I : Critical Interionic Distances Afforded by Eq 7

Reaction Ref
CH2ClCOO- +  OH- a
NH,+ +  NCO- b
CHiBrCOO- +  S2O32“ c
Co(NH3)6Br2 + +  OH- c

Temp, o
Ti°C AV0 3AZB A

40 - 6 . 1 +  1 1.75
60 +  14 - 1 0.76
24.5 -4 .8 +2 4.46
30 +8.5 - 2 2.52

“ R. O. Gibson, E. W. Fawcett, M. W. Perrin, and E. G. Wil
liams, Proc. Roy. Soc. (London), A150, 223 (1935); 154, 684
(1936). b H. G. David and S. D. Hamann, Trans. Faraday 
Soc., 50, 1188 (1954). c C. T. Buriss and K. J. Laidler, ibid., 51, 
1497(1955).

Christiansen’s theory of bimoleeular reactions in 
solution has been applied to interpret the effect of 
pressure on the velocity constants of ionic reactions at 
zero ionic strength. It is concluded that the effect of 
pressure on the reaction rate is significantly, if not pre
dominantly, to be traced to the effect of pressure on the 
dielectric constant of the medium.
(3) “Physicochemical Effects of Pressure,” Butterworth and Co., 
Ltd., London, 1957.
(4) I. S. Jacobs and A. W. Lawson, J. Chem. Phys., 20, 1161 (1952).
(5) E. A. Moelwyn-Hughes, “Kinetics of Reactions in Solution,” 
2nd ed, Oxford University Press, London, 1947, p 106.

The Dehydrogenation Reaction of Methanol 

during Electrosorption on Platinum

by R. E. Smith, H. B. Urbach, and N. L. Hatfield
XJ. S. Navy Marine Engineering Laboratory,
Annapolis, Maryland {Received March 22, 1967)

Radiometric evidence of a reduction of hydrogen- 
carbon bond strengths in the methanol molecule when 
adsorbed from solution on a platinum black electrode 
has been obtained in a continuing study1 of electrosorp
(1) R. E. Smith, H. B. Urbach, J. H. Harrison, and N. L. Hatfield, 
J. Phys. Chem., 71, 1250 (1967).
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tion processes undertaken as part of this laboratory’s 
investigation of fuel cell electrodes.

A platinum black working electrode (effective area of 
3 m2) of an experimental three-electrode cell was 
maintained as a fixed potential of 0.2 v vs. the reversible 
hydrogen electrode (rhe) in the same system. The 
normal sulfuric acid solution of 40 ml was injected with 
sufficient 3 4H- and 14C-labeled methanol to produce a 
methanol concentration of 10-8 molarity. As reported 
previously,1 methanol is adsorbed on platinum black 
so that the observed bulk methanol concentration de
creases with time. Thus the anticipated concentration 
of methanol as indicated by the 14C and 3H assay should 
decrease. The activity of each isotope in the solution 
was determined as a function of time by analysis of 
50-jul samples of the electrolyte with a liquid scintilla
tion spectrometer in 15-min intervals. The results of 
these experimental assays are shown in Figure 1 as a 
plot of the individual isotope activities dpm (disintegra
tions per minute) in the electrolyte vs. time in minutes. 
The decrease in the 14C activity with time due to 
methanol adsorption on the electrode was consistent 
with previous studies1 employing 14C-labeled methanol. 
However, the failure to detect a decrease in the 8H ac
tivity is anomalous and may be attributed to the accel
erated dehydrogenation and/or exchange of carbon- 
bonded hydrogen from methanol when the molecule is 
in the adsorbed state. The rate of these reactions must 
be at least as great as the over-all adsorption rate to 
preclude the detection of tritium removal from the 
solution.

This conclusion is validated by studies of the 3H to 14C 
ratio in methanol-containing aqueous solutions before 
and after contact with platinum (at open-circuit con
ditions). Solutions prepared from methanol labeled 
with 3H and 14C in 3:1 ratio were shaken together with 
various lengths of platinum wire coated with platinum 
black in a thermostated shaking bath for 16 hr. Meth
anol was removed from the aqueous solutions for analy
sis by liquid-liquid extraction with toluene.

Since the aqueous solution is insoluble in the organic 
phase, only 3H bonded to the carbon atom in the meth
anol molecule can be detected. The 3H to 14C ratio 
after a 16-hr test at 30 and 63° is shown as a function of 
electrode area in Figure 2. The rapid decay of the 
ratio, which is observed at both temperatures, is in
dicative of the loss of 8H from the organic molecule to 
the inorganic aqueous phase and confirms the hypothe
sis that carbon-bonded hydrogen on adsorbed methanol 
molecules undergoes rapid exchange or dehydrogena
tion. Examination of the temperature coefficient of the 
process indicates that the rate-limiting factor may be

Figure 1. Isotopic activity of radio-labeled methanol solutions 
containing platinum electrodes. Electrode potential was 
maintained at 0.2 v rhe.

Figure 2. Effect of electrode area on isotope activity 
in the toluene phase after extraction from radio-labeled 
methanol-electrolyte solution.

diffusion since the rough activation energy is of the 
order of 4 kcal.

It is possible to interpret the observed data as both a 
dehydrogenation and an exchange phenomenon. It ap
pears that the dehydrogenation process is more probable 
on the basis of the data of Podlovchenko and co- 
workers2-4 and Bagotsky, et al.5 *~s The results re-
(2) B. I. Podlovchenko and Z. A. Jofa, Zh. Fit. Khim., 38, 211
(1964).
(3) B. I. Podlovchenko and E. P. Gorgonova, Dokl. Akad. Nauk 
SSSR, 156, 673 (1964).
(4) B. I. Podlovchenko, O. A. Petiy, and A. N. Frumkin, ibid., 153, 
379 (1963).
(5) V. S. Bagotsky and Yu. B. Vassiliev, Electrochim. Acta, 11, 1439
(1966).
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ported herein therefore constitute quite plausible di
rect evidence for the dehydrogenation mechanisms 
proposed on indirect grounds by previous investiga
tors.5’6 The existence of these mechanisms lends sup
port to the dissociative theory of electrosorption and ex
plains in part the activation of hydrocarbons under
going anodic oxidation.
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(6) D. A. Khazova, Yu. B. Vasiliev, and V. S. Bagotsky, Elektro- 
khimiya, 2, 267 (1966).
(7) M. W. Breiter and S. Gilman, J. Electrochem. Soc., 109, 622, 
1099 (1962).
(8) J. Giner, Elecirochim. Acta, 9, 63 (1963).

Kinetics of Isomerization of

1 ,8-Dichlorofluorenone in Sulfuric Acid Solution

by E. V. Murphy and W. E. Silbermann
Department of Chemistry, University College,
Belfield, Dublin 4, Ireland

Accepted and Transmitted by The Faraday Society (March 28, 1967)

Observations reported6 7 8 1 from investigations of the 
isomerization of 1,8-dichlorofluorenone and 1,6-di- 
chlorofluorenone, each to 3,6-dichlorofluorenone, on 
heating in strong sulfuric acid solution suggest that the
1,6 isomer is an intermediate in the conversion of the 
1,8 compound.

Preliminary experiments soon established that 1,8- 
dichlorofluorenone in fact isomerizes quantitatively 
to the 1,6 compound in aqueous sulfuric acid under rela
tively mild conditions. The kinetics of this change 
have been examined in sulfuric acid-water mixtures 
containing from 81.8 to 93.4% w/w H2S04 and at tem
peratures between 100 and 116°. (The range of acidity 
in which accurate kinetic measurements can be made is 
limited at one end by insolubility of the compounds in 
weaker acid solutions and at the other by onset of side 
reactions in solutions of strength close to that of the 
concentrated acid.)

(fnoi.litf**,/HXTc)

Figure 1. Variation of rate with sulfuric acid strength at 100°.

The isomerization has been found to be of simple first 
order; the experimental activation energy (f?a) has been 
determined as 32.9 kcal mole-1 in 93.3% H2S04 solution 
and 34.8 kcal mole-1 in 84.0% H2S04, subject to an 
estimated uncertainty of ±1.5 kcal mole-1. The 
corresponding entropies of activation (AS*) at 100°, 
calculated from the usual “absolute rate” formula,2 
k =  (kT/h) exp(—AH /R T ) exp(AS*/R ), are 9.5 and
10.5 (±4.0) cal deg-1 mole-1, respectively.

Figure 1 shows variation of the rate constant at 
100° (faoo) with stoichiometric concentration of sul
furic acid (cH+) alongside plots of log kWo against the 
Hammett acidity function3 (—Ho) for 25° and of log 
km  against log c h +. Apart from the point for the 
highest acidity (at which quite possibly more complex 
changes begin to appear), the log k ~  — H 0 plot is very 
nearly linear with a best slope of 1.13; the slope of the 
log k ~  log cH+ plot is approximately 21. Thus the 
results fit fairly well the theoretical correlation4 be
tween rate and H 0 for a mechanism (“A-l”) involving 
first-order conversion of the protonated reactant as the

(1) E. H. Huntress and E. R. Atkinson, J. Am. Chem. Soc., 58, 1514 
(1936).
(2) “Technique of Organic Chemistry," Vol. 8, Part 1, A. Weiss- 
berger, Ed., 2nd ed, Interscience Publishers, Inc., New York, N. Y., 1961, p 200.
(3) L. P. Hammett, “Physical Organic Chemistry,” McGraw-Hill 
Book Co., Inc., New York, N. Y., 1940; Chapter IX; M. A. Paul 
and F. A. Long, Chem. Rev., 57, 1 (1957).
(4) M. A. Paul and F. A. Long, ibid., 57, 935 (1957).
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rate-controlling step. The “ A-2” (bimolecular) mech
anism, which would be indicated by proportionality of 
the rate constant to Ch+, is clearly excluded. This 
finding, together with the fairly large activation energy 
and the positive value of the entropy of activation, is 
considered to support the following sequence.

Experimental Section

Materials. 1,8-Dichlorofluorenone was prepared by 
the method of Huntress and Cliff.5 6 The yellow product 
was crystallized from benzene to constant melting point 
(257° uncor, lit. mp 254°) and reproducible ultra
violet spectrum in cold concentrated H 2SO4 solution.

1,6-Dichlorofluorenone was prepared for identifica
tion purposes essentially by the method of Huntress and 
Cliff.6 The crude product was freed of acidic material 
by extraction with sodium bicarbonate solution; it was 
purified by sublimation in vacuo and by crystallization 
from benzene until bright yellow crystals, constant mp 
215-216° uncor (lit. mp 218-219°), showing reproduc
ible ultraviolet spectrum in cold concentrated H 2 S O 4  
were obtained.

Sulfuric acid solutions were prepared from AnalaR 
concentrated acid and triply distilled water.

Apparatus. Ultraviolet absorption measurements 
were made on a Unicam SP 500 spectrophotometer 
with matched 1-cm silica cells. Kinetic runs were 
carried out in 35-ml glass-stoppered Pyrex tubes held 
in a vapor bath thermostat as previously described.6 
Temperature constancy to within ± 0 .1 5 °  was main
tained during each run.

Isomerization. Samples of 1,8-dichlorofluorenone 
were heated in approximately 9 3%  aqueous H 2SO4 at 
100° for 24 hr; the solution was poured onto ice. Re
covery of the precipitated yellow solid was quantitative. 
The purified product gave mp 215-216°, ultraviolet 
spectrum identical with that of 1 ,6 -dichlorofluorenone 
prepared separately, and mixture melting point with 
the latter undepressed at 215-216°. (Heating of the 
1 , 8  compound in 98%  H 2 S O 4  at somewhat above 2 0 0 °

resulted in failure to recover a solid product, prob
ably because of sulfonation.)

Analytical Method. The dichlorofluorenones showed 
the following ultraviolet absorption properties in cold 
concentrated sulfuric acid solution.

C o m p d  Xrnax. n ip  t  (264 m p ) c (274.5 m p)
1,8 264 31,730 23,530
1,6 274.5 29,500 45,000

The Beer-Lambert law was accurately obeyed by each 
isomer; it was thus possible to analyze a solution con
taining both compounds by optical density measure
ments at each of the two wavelengths.7 The spec- 
trophotometric procedure was tested on synthetic 
mixtures of the isomers in cold concentrated H 2 S O 4  and 
gave results good to within 2 % .

Kinetic Procedure. Because of the slow rate of 
solution of 1 ,8 -dichlorofluorenone in the aqueous acid, 
it was found convenient to start a run by adding 1 0  
ml of a solution of the compound prepared in concen
trated H 2 S O 4  at room temperature to a measured 
volume ( 1 0  ml at room temperature) of aqueous acid 
preheated in the thermostat. At timed intervals, 2-ml 
pipet samples were taken from the reaction mixture, 
run into cold concentrated H 2 S O 4 , and at once diluted 
to large standard volume with the stock cold concen
trated acid; the resulting solutions were analyzed as 
soon as possible. The sulfuric acid strength was 
determined at the end of each run by alkali titration of 
a weighed sample. Simultaneously with each run a 
“ blank” solution of the same acid content as the reac
tion mixture was prepared for use in the spectrophoto- 
metric analysis.

The reaction always showed strictly first-order kinet
ics; runs were taken to as near completion as reasonably 
possible (more than 80% ) and rate constants were 
evaluated from linear plots of log (A 0/ A t) against time
(i); (A t =  instantaneous concentration of 1 , 8  isomer; 
A0 =  initial concentration of 1,8 isomer =  sum of 
concentrations of the two isomers, which was also 
checked against the “ made-up” concentration, with 
due correction for volume change on heating). Repro
ducibility of rate constants was tested by running du
plicate reactions at the same temperature and taking 
samples alternately from one mixture and the other; ex

(5) E. H. Huntress and I. S. Cliff, J. Am. Chem. Soc., 55, 2559 
(1933).
(6) T. Henahall, W. E. Silbermann, and J. G. Webster, ibid., 77, 
6656 (1955); W. E. Silbermann and T. Henshall, ibid., 79, 4107 
(1957); D. M. March and T. Henshall, J. Phys. Chem., 66, 840 
(1962).
(7) A. E. Gillam and E. S. Stem, “ Electronic Absorption Spectros
copy,”  2nd ed, Edward Arnold and Co., London, 1952, p 214; G. 
F. Lothian, “ Absorption Spectrophotometry,”  Adam Hilger Ltd., 
London, 1949, p 59.

The Journal of Physical Chemistry



N o t e s 4125

cellent conformity to a single plot of log (Aff A f) ~  t 
was always obtained.

Activation Energy (Ea). Rate constants were meas
ured at different temperatures for each of two acidi
ties; E,, was found from the linear plots of (5 +  log k) 
against T~' (Table I).

Table I
T, °K 374.6 382.4 388.7 372.4 382.1 389.2

see-1 15.2 38.8 77.5 1.50 5.38 11.2

93.3% H2S04 84.0% H2S04
Ea, kcal 32.9 34.8

mole -1

Effect of Acidity. Rate constants were measured at 
100° for each of seven acid strengths; the results are 
shown in Figure 1. Stoichiometric concentration of sul
furic acid (cH+) was calculated using standard density 
data.8

(8) “ International Critical Tables,”  Vol. 3, McGraw-Hill Publish
ing Co., Inc., New York, N. Y ., 1928, p 57.

The Critical Surface Tension of Sapphire1

by J. G. Eberhart

Sandia Laboratory, Albuquerque, New Mexico 
(.Received April 21, 1967)

Zisman2 has shown that if a single solid is wet by a 
homologous series of liquids, then the cosine of the con
tact angle, cos 6, is a linear function of the surface ten
sion of the liquid, o-lv- Zisman calls the value of o-lv 
corresponding to complete wetting (6 =  0) the critical 
surface tension of wetting, ac, and has shown that <jc is a 
property of the solid surface only. This linear relation
ship has been demonstrated primarily for low surface 
tension organic liquids on low surface tension solids 
such as polymers or metals covered by monolayers of 
long chain organic acids. The correlation also appears 
to be valid for liquids and solids with intermediate sur
face tensions, as was demonstrated by Olsen and 
Osteraas3 in their consideration of existing data on the 
wetting of glass by low melting point metals.

In order to test Zisman’s relationship for the wetting 
of high surface tension solids by high surface tension 
liquids, the studies of a number of authors on the wetta
bility of sapphire by liquid transition metals4’5 and the

surface tension of liquid transition metals6 7 are ex
amined here.

Armstrong, Chaklader, and Clarke4 measured the 
contact angle of pure liquid Ni and its alloys with Ti, 
Cr, and Zr, under vacuum, at 1500°, on a solid sap
phire surface approximately coincident to the (10l2) 
plane. The alloys with Ti and Cr were explored over 
compositions ranging from pure Ni to 9 %  Ti and to 
19%  Cr. In both alloys the contact angle decreased 
through an inflection point (at ~ 1 .5 %  Ti and 8 %  Cr) 
and then leveled off to a constant terminal value with 
increasing Ti or Cr composition. Additional experi
ments and calculations made by Armstrong, et at., 
showed that Ti or Cr was preferentially adsorbed at the 
solid-liquid interface. Because of the strong preferen
tial adsorption, it is assumed that the terminal value of 
6 is the value 0 would have for pure Ti or Cr at that tem
perature. Only one composition of the Zr alloy was 
studied (10%  Zr) and this was also assumed to be the 
value of 6 for pure Zr. Thus from the data of Arm
strong, et al., values of 108, 85, 83, and 75° are extracted 
as representing the contact angle of the pure liquids Ni, 
Ti, Cr, and Zr, respectively, on A120 3 at 1500°.

More recently, Ritter and Burton6 published addi
tional measurements of the contact angle of pure Ni 
and its alloys with Ti and Cr on a (1012) sapphire sur
face at 1500°. Assuming again that 8 for the highest 
alloy concentration is characteristic of the solute only, 
values of 111.3 and 90° are found for Ni and Cr, re
spectively, under vacuum. The Ti alloys were not 
studied under vacuum, but since the terminal Cr con
tact angle showed no atmospheric dependence, the Ar 
atmosphere value of 84° is employed for Ti.

The surface tension of the above pure liquids has been 
determined by numerous authors. The values selected 
here are 1924 dynes/cm6 for Ni at 1550° and 1650,1700, 
and 1480 dynes/cm7 for liquid Ti, Cr, and Zr, respec
tively, at their melting points. These particular 
values are among the highest reported, which suggests 
high sample purity. Assuming a typical temperature

(1) This work was supported by the U. S. Atomic Energy Com
mission.
(2) (a) W. A. Zisman, Ind. Eng. Chem., 10, 19 (1963); (b) W. A. 
Zisman, Advances in Chemistry Series, No. 43, R. F. Gould, Ed., 
American Chemical Society, Washington, D. C., 1964, pp 1-51.
(3) D. A. Olsen and A. J. Osteraas, J. Phys. Chem., 68, 2730 (1964).
(4) W. M. Armstrong, A. C. D. Chaklader, and J. F. Clarke, J. Am. 
Ceram. Soc., 45, 115 (1962); and J. F. Clarke, M.Sc. Thesis, Uni
versity of British Columbia, Canada, 1959.
(5) J. E. Ritter, Jr., and M. S. Burton, Trans. Met. Soc. A IM E , 
239,21 (1967).
(6) P. Kozakevitch and G. Urbain, J. Iron Steel Inst., 186, 167 
(1957).
(7) B. C. Allen, Trans. Met. Soc. AIM E, 227, 1175 (1963); 230, 
1357 (1964).
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tre =  1050 ±  100 dynes/cm .

aLV> dynes/cm
Figure 1. Cosine of the contact angle vs. surface tension for 
liquid transition metal sessile drops on solid sapphire 
at 1500° under vacuum: O, Armstrong, Chaklader,
and Clarke;4 A, Ritter and Burton.5

coefficient of doxv/dT =  —0 . 1  dyne/cm deg, the surface 
tension values of the liquids at 1500° are then estimated 
as approximately 1930, 1680, 1790, and 1515 dynes/cm 
for Ni, Ti, Cr, and Zr, respectively.

In Figure 1 the wetting and surface tension data con
sidered above are plotted as prescribed by Zisman. 
The points do define the usual linear relationship be
tween cos 6 and oxv with the negative slope which has 
always been found characteristic of this correlation. 
The least-squares intercept of the linear curve at 6 =  0 
gives a critical surface tension for A120 3 at 1500° of 
ac =  1050 ±  100 dynes/cm. The slope of the curve is 
A =  —0.00143 cm/dyne. With these two parameters 
and the Zisman equation, cos 0 = 1  +  A(axv — <rc), 
the contact angle of other liquid transition metals on 
sapphire can be estimated.

The view is held by some authors8 ’9 that the critical 
surface tension, ac, is equal to the solid-vapor inter
facial tension, <7Sv, f-e., the solid-vacuum surface ten
sion, o-so, minus the spreading pressure of any adsorbed 
layer present, x. Olsen and Osteraas3 found excellent 
agreement between ac and <rso — x in their analysis of 
glass wettability. Thus although this interpretation of 
ac has been criticized, 10 it is nonetheless of interest to 
compare the above value of ac with the surface tension 
of solid A120 3. The surface tension of sintered solid 
AI2O3 has been determined by Kingery11 to be aSv = 
905 dynes cm at 1850°. Assuming a temperature co
efficient of do-sv/dT =  —0 . 1  dyne/cm deg the surface 
tension is estimated as 940 dynes/cm at 1500°. This 
value is in reasonably good agreement with the above 
critical surface tension of ac =  1050 ±  100 djm.es/cm.

The liquid transition metal-sapphire system con
sidered here differs in several ways from the organic sys
tems in which almost all previous Zisman-type analyses 
have been done. First, in liquid metal wetting, it is

difficult at present to identify the analog of Zisman’s 
requirement that the liquids be members of a homol
ogous series. In the absence of data on a greater 
variety of liquid metals on sapphire, it would seem rea
sonable to restrict tentatively the above correlation to 
transition metals. Second, although steady contact 
angles were obtained in both the wetting studies em
ployed, 4 '6 evidence of chemical reaction was found at the 
solid-liquid interfaces in the form of the oxide of the 
liquid metal. Caution must always be exercised in 
dealing with wetting in reacting systems; for example, 
the validity of Young’s equation is doubtful. However, 
Zisman’s equation is empirical in nature and its ap
plicability in reacting systems can only be decided by 
experimental test. The above linear correlation is pre
liminary evidence that the equation can be applied to 
some reacting systems.

(8) E. Wolfram, Kolloid Z., 182, 75 (1962).
(9) V. R. Gray, Chem. Ind. (London), 969 (1965).
(10) M . C. Phillips and A. C. Riddiford, Z. Physik. Chem., 47, 17
(1965).
(11) W. D. Kingery, J. Am. Ceram. Soc., 37, 42 (1954).

Helix Formation of Poly-L-lysine 

Thiocyanate in Aqueous Solutions

by D. Puett, A. Ciferri,

Chemstrand Research Center, Inc., Durham, North Carolina 27702 

Estella Bianchi,Ia

Istituto di Chimica Industrial delVUniversita’ Genova, Genova, Italy

and Jan Hermans, Jr.lb

Department of Biochemistry, University of North Carolina,
Chapel Hill, North Carolina {Received May 17, 1967)

Aqueous solutions of poly-L-lysine serve as a model 
for basic proteins, since, particularly under alkaline 
conditions, this polypeptide may form a-helices and can 
exist in a d conformation. 1 2  3' 3 Furthermore, the poly
electrolyte effects occurring at low pH allow one to

(1) (a) Supported in part by the National Research Council of Italy 
(Centro Virus Vegetali). (b) Research Career Awardee of the U. S. 
Public Health Service (Grant GM-22015). Supported in part by a 
research grant from the National Institutes of Health.
(2) (a) K. Rosenheck and P. Doty, Proc. Natl. Acad. Sci., U. S., 47, 
1775 (1961); (b) P. K. Sarkar and P. Doty, ibid., 55, 981 (1966).
(3) B. Davidson, N. Tooney, and G. D. Fasman, Biochem. Binphys. 
Res. Commun., 23, 156 (1966).
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Molarity

Figure 1. The dependence of the intrinsic viscosity [tj] 
of poly-L-lysine (Sigma Type I, Lot 115B-0700, M „ 
150,000, obtained as hydrobromide) on KC1 and KSCN 
concentration at pH 3.2 and at 25°. Measurements 
were performed as described elsewhere.11

Molarity

Figure 2. The variation of b0 of poly-L-lysine with the 
concentration of KC1 and KSCN at pH 3.2. (Measurements 
were obtained with a Durrum-Jasco ORD/UV-5 instrument 
using 1-, 5-, and 10-mm cells. The polymer concentration 
was varied between 0.4 and 4 mg/ml. The wavelength range 
was 300-550 myi and Xo was taken to be 212 mji. The refractive 
index of water was used in calculating the reduced mean 
residue rotation, and the refractive index dispersion 
was estimated from Table III of Fasman14). T, 25°.

study the stability of the various conformations by 
varying the degree of ionization. Thus, helix-coil 
transitions of poly-L-lysine in aqueous media have been 
studied by several investigators4-7 and it was shown 
that the degree of dissociation of the «-amino group af
fects the conformation of the molecule as expected from 
simple considerations of the electrostatic free energy.8'9

Figure 3. The dependence of bo of poly-L-lysine on 
pH at several KSCN concentrations; T, 25°.

The randomly coiled conformation was found to be 
stable at low pH.

W e have extended these measurements to include the 
effects of neutral salts on ionizable polypeptides. These 
results are to be presented in another publication. 10 
In the course of this work we noted some rather strik
ing effects of the thiocyanate ion on the conformation of 
poly-L-lysine at low pH. For one, these effects are 
visible in the behavior of the intrinsic viscosity [77] as 
the salt concentration is increased (see Figure 1; a part 
of these data has been reported11). The effect of KC1 
is to decrease [77] as the concentration is raised, as 
generally found with randomly coiled poly electrolytes. 12 
At low concentrations, K SC N  causes a more rapid de
crease of [??] than does KC1 while at high concentrations 
[77] becomes constant at a value above that found at 
identical concentrations of KC1. The data at low salt 
concentration indicate that the thiocyanate ion is more 
effective than C l-  in reducing the electrostatic repulsion 4 5 6 7 8 9 10 11 12

(4) J. Applequist and P. Doty in “ Polyamino Acids, Polypeptides, 
and Proteins,”  Proceedings of Symposium at University of Wiscon
sin, by M. A. Stahmann, Ed., University of Wisconsin Press, Madi
son, Wis., 1961, p 161.
(5) P. Appel and J. T. Yang; Biochemistry, 4, 1244 (1965).
(6) J. Hermans, Jr., J. Phys. C h e m 70, 510 (1966).
(7) H. Noguchi, Biopolymers, 4, 1105 (1966).
(8) B. H. Zimm and S. A. Rice, Mol. Phys., 3, 391 (1960).
(9) J. A. Schellman and C. Schellman in “ The Proteins,” Vol. II, 
H. Neurath, Ed., 2nd ed, Academic Press Inc., New York, N. Y ., 
1964, p  1.
(10) A. Ciferri, J. Hermans, Jr., D. Puett, and L. V. Rajagh, to be 
submitted.
(11) E. Bianchi, A. Bicchi, G. Conio, and A. Ciferri, J. Macromol. 
Sci., in press.
(12) R. M. Fuoss and U. P. Strauss, Ann. N. Y. Acad. Sci., 51, 
836 (1949).
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of the positive charges of the e-amino groups. At high 
KSCN concentrations, the data suggest that the poly
mer assumes a more rigid conformation. Measure
ments of the optical rotatory dispersion confirm this con
clusion and allow one to conclude that the rigid con
formation is very likely that of the a-helix.

Figure 4. Titration curves (obtained using a Radiometer 
Type 4 pH meter as described earlier6’14) of poly-L-lysine 
in 0.1 M  KC1 and 0.1 M  KSCN plotted as the apparent pK 
[pKapp = pH — log (a/1 — a)] vs. the degree of ionization, a. 
The curves can be divided into regions corresponding to 
coiled (RC) and helical (H) poly-L-lysine. In 0.1 M 
KC1, the helical region corresponds to a pH range of 
10.72 to 10.95 (a = 0.85 to 0.89), whereas in 0.1 M 
KSCN the pH range is 9.97 to 11.01 (a =  0.52 to 0.87).
60 values of poly-L-lysine in 0.1 M KSCN at various 
ionization values are indicated on the graph. The 
value of —600 at a = 0.9 corresponds to the value 
expected21 for the a-helix. T = 25° for all measurements.

Figure 2  shows values of b0 (calculated from the Mof- 
fitt and Yang13 equation) for poly-L-lysine at pH 3.2 at 
various concentrations of KC1 and KSCN. Quite 
clearly, the simplest conclusion (c/. ref 2, 3, and 9) from 
these data is that at high K SC N  concentrations the 
a-helix is the stable conformation even at low pH. 
Similar data obtained at different pH values are shown 
in Figure 3. Here it is seen that the helix-coil transi
tion accompanying the binding of protons to the

R -N H 2 groups, observable in 0.1 M  K SC N  (or in KC1 
solutions6 ’10 or 1 M KBr6) is not observed in solutions 
containing 1.2 M  KSCN.

The phenomena reported above can be explained by 
two distinct (but not necessarily exclusive) assumptions. 
For one, it is possible that a physical property of the 
whole salt-water solution (such as the dielectric con
stant or the degree of ice-likeness) controls helix sta
bilization (as is the case with ethanol14 15). Secondly, it 
is possible that the thiocyanate ions bind to the 
(charged) «-amino groups, thus reducing the electro
static repulsion and allowing the intrinsically more 
stable helix to form.

The former assumption is in contrast with the de
stabilizing effect of the thiocyanate ion on isoelectric 
proteins16’16 and nonionizable polypeptides. 17 For 
collagen, the depression of the melting by the thio
cyanate ions is due to a binding of the anions to the 
protein. 18 Ion binding to isoelectric proteins is believed 
to occur mainly at the peptide bond as Bello, et al. , 19 
have shown that the same melting temperature depres
sions are observed in gelatins in which the charged 
groups were blocked.

On the other hand, the second explanation, i.e., 
binding of SCN~ to the R -N H 3+ groups, is supported 
by potentiometric titrations as shown in Figure 4 for 
0.1 M  KC1 and KSCN. These results clearly show 
that the slope of the apparent pK, p A app vs. the degree 
of ionization, a, curves5 - 8  for helical poly-L-lysine is 
considerably smaller in 0.1 M KSCN than in 0 . 1  M 
KC1. This suggests8 that a large part of the R -N H 3+ 
groups tightly hold SCN -  ions, with a concurrent reduc
tion of the net charge of the molecule. Also, the curves 
in Figure 4 show that the helical conformation is stable 
over a much broader ionization range in 0.1 M  K SC N  
than in 0.1 M KC1. The possibility that some S C N -  
binds also to the peptide groups (especially when a 
substantial R -N H 3+S C N ~/R -N H 3+ ratio is reached) is 
not entirely dismissed.

(13) W. Moffitt and J. T. Yang, Proc. Natl. Acad. Sci., U. S., 42 
596 (1956).
(14) J. Hermans, Jr., J. Am. Chem. Soc., 88, 2418 (1966).
(15) A. Ciferri, L. V. Rajagh, and D. Puett, Biopolymers, 3, 461 
(1965).
(16) P. H. von Hippel and K. Y . Wong, Science, 145, 577 (1964); 
J. Biol. Chem., 240, 3909 (1965).
(17) A. Ciferri and T. A. Orofino, J. Phys. Chem., 70, 3277 (1966); 
71, 1165 (1967).
(18) D. Puett, R. Garmon, and A. Ciferri, Nature, 211, 1294 (1966).
(19) J. Bello, H. C. A. Riese, and J. R. Vinograd, J. Phys. Chem., 
60, 1299 (1956).
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Radiolysis of alkali bromates at room temperature has 
been reported1 - 6  to result in the formation of B r02~, 
BrO- , Br- , 0 2(g), and possibly B r02. Recently, addi
tional fragments such as B r-B r03~, 0 3- , and B r032- 
were detected by chemical analysis, ultraviolet spec
troscopy, and thermoluminescence measurements in 
crystalline N aBr03 and K B r0 3 after irradiation at room 
temperature.1 2 3 4 5 6 The 0 3-  radical is stable in the lattice 
below 80-100°.

Esr spectra of 0 3-  trapped in various matrices have 
been described.7 - 1 1  Therefore, esr measurements were 
undertaken to give additional information about the 
presence of 0 3-  in N aBr03.

Single crystals of N aBr03 were irradiated with 10- 
Mev electrons at —78° or at room temperature (dose
2 -  3 Mrads). Esr spectra of a number of different para
magnetic centers may be observed immediately after the 
irradiation. Storing at 80-100° for several days de
stroys the majority of the paramagnetic centers. How
ever, one center, A, survives this treatment. It decays 
in a few hours at 130°. Figure 1 presents typical esr 
spectra of A. The components in the spectra corre
spond to centers in magnetically distinct sites. No 
hyperfine interaction was detected.

NaBrOa crystallizes in the cubic tetrahedral class and 
belongs to the space group T 4 (P213). The unit cell 
contains four molecules. The anisotropy of the esr 
spectra shows that the centers A  are located in four 
inequivalent sites of axial symmetry, the axes being 
parallel to the body diagonals of the unit cell. Thus, 
the geometrical arrangement is exactly that of the 
B r03-  ions.

The principal g values for A are given in Table I, 
which contains also the reported g values for 0 3- .

The g values for the A  center are consistent with those 
reported for 0 3- , since the influence of the different host 
lattices may easily account for the observed discrep
ancies. On the other hand, the behavior of the cen
ter A  under thermal treatment strongly indicates that A  
is identical with the species in NaBr03 identified as
0 3-  by the alternative methods mentioned above. 
Thus, the esr results provide additional evidence of 0 3-

Figure 1. Esr spectra at —180° for an irradiated NaBr03 
crystal stored for 3 days at 100°. The magnetic field was 
perpendicular to the [111] axis, and 9 is the angle between the 
magnetic field and the [110] axis. Vertical lines indicate 
the absorption of the A centers. The remaining esr lines in 
the spectra originate in other types of paramagnetic centers.

Table I : Principal g Values for 0 3-  and the A Center

Species M atrix
O 3- K C 1047
O 3- K C 1048 9
O 3- N a ( V
O 3- N a 0 310
A N aB rO ä

Q xx O vv

2 .0 1 7 4 2 .0 1 1 3
2 .0 1 8 2 .0 1 1

2 .0 1 5 2 .0 1 5
2 .0 2 2 2 .0 2 2

022 Q&v

2 .0 0 2 5 2 .0 1 0 4
2 .0 0 3 4 2 .0 1 1

2 .0 1 2
2 .0 0 3 2 .0 1 1
2 .0 0 6 2 .0 1 7

in irradiated N aBr03. It may be noted that a very 
similar paramagnetic center has been detected but not 
identified in 7 -irradiated NaC10312 which is isomorphous 
with N aBr03.
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Increased attention has recently been paid to the 
electrical and optical properties of silicon telluride. 1 -4  

Whereas there is agreement concerning these and other 
physical properties of the compound studied, there is 
none for its formula. According to Weiss and Weiss6 

and Rau and Kannewurf, 3 the compound prepared by 
different techniques as red crystalline platelets is SiTe2; 
according to Vennik and Callaerts2 and Bailey4 it is 
Si2Te3.

The experiments reported here were made to deter
mine the partial pressures of the components of the 
vapor and to determine the heat of formation of the 
compound. Simultaneously, an independent confirma
tion of the formula Si2Te3 was obtained.

As for previous measurements, 2 the samples were 
grown in the vapor phase.6 Very pure silicon and ex
cess tellurium were placed at the extremities of an 
evacuated quartz ampoule 25 cm long inserted into a 
horizontal furnace with a temperature gradient 700 
(Te) to 900° (Si). Fairly large red platelets were ob
tained near the middle.

The chemical analysis6 was based on the gravimetric 
determination of both elements. The samples were 
oxidized with aqua regia, resulting in the formation of 
Si02 precipitate and Te4+ in solution. The former was 
filtered off, ignited, and weighed. The latter was re
duced to metallic Te with S02 and (NH2)2-2HC1 and 
weighed. The average formula is SiTei .67± o.o4 compared 
to SiTei,54±0.os given by Bailey. 4

The vaporization and partial pressures were studied 
mass spectrometrically. The 60°, single-focusing in
strument equipped with a conventional electron-impact 
ionization source and a secondary electron multiplier 
was described previously.7 So was the general procedure.8

The Si2Te3 samples were vaporized from quartz cells 
having effusion orifices ranging from 7.43 X 10- 3  to

1.15 X 10- 2cm2. These were inserted into molybdenum 
shells and heated by radiation from two concentric 
tungsten loops. Temperatures were measured with 
Pt—Pt-10% Rh thermocouples.

The ions formed by ionization with 25-ev electrons 
are Te2+, SiTe+, and SiTe2+. The ionization potentials 
obtained by the linear extrapolation method and cali
brated against those of Hg and H20 9 are 8.7 ±  0.5 and
9.2 ± 0.5 ev for Te2 and SiTe, respectively. The low in
tensity of the SiTe2+ peak did not allow such measure
ments. This ion is nevertheless considered as a parent 
ion by analogy with a number of similar molecules: 10 

C02, CS2, Si02,u SiS2, 12 SiSe2, 13 and GeTe2. 14

On the basis of the phase diagram4 and the present 
results, the vaporization behavior can be described by 
the over-all reaction
Si2Te3(c) —> (2 -  x)Si(c) +

[(3 -  ®)/2]Te*(g) +  zSiTe(g) (1)
the SiTe2 pressure being negligible.

The pressures were determined in the temperature 
interval 775-950°K by integrating the ion intensities 
for both Te2 and SiTe with time and comparing these 
with the weight loss of the sample.8 The residue, 
crystalline silicon, was identified by X-ray diffraction 
and shown by X-ray fluorescence to contain not more 
than 1% Te by weight. Per 100 mg of initial sample, 
there remained 11.2 3  mg of Si. The calculated Si con
tent of Si2Te3 is 12.80 mg/100 mg. The difference, 
I . 5 7  mg, corresponds to the Si vaporized as SiTe(g). 1 2 3 4 5 6 7 8 9 10 11 12 13 14
(1) K. Smirous, L. Stourec, and J. Bednar, Czech. J. Phys., 7, 120 
(1956).
(2) J. Vennik and R. Callaerts, Compt. Rend., 260, 496 (1965).
(3) J. W. Rau and C. R. Kannewurf, Phys. Chem. Solids, 27, 1097
(1966) .
(4) L. G. Bailey, ibid., 27, 1593 (1966).
(5) A. Weiss and A. Weiss, Z. Anorg. Allgem. Chem,., 273, 124 
(1953).
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van Vaste Stoffen, Rijksuniversiteit Gent, Ghent, Belgium.
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M. Ackerman, F. E. Stafford, and J. Drowart, J. Chem. Phys., 33, 
1784 (1960).
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New York, N. Y., 1960, p 219; J. Drowart and P. Goldfinger, 
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Academic Press Inc., New York, N. Y., 1957.
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(11) R. F. Porter, W. A. Chupka, and M. G. Inghram, J. Chem. 
Phys., 23, 216 (1955).
(12) J. C. Lievin, Licence Thesis, University of Brussels, Sept 1962; 
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Table I: Thermodynamic Data (kcal/mole)

R e a c tio n AH"««
------------2 n d  law ----------

AR°298 A H °o AH0 298
-3 rd  law ---------------------- -

AH°o
Si2Te3(c) -  2Si(c) +  y 2Te2(g) 76.2 ± 3 80.3 ± 4 81.1 ±  4 79.8 ± 4 80.6 ± 4
Si(c) 4- 1ATe2(g) -  SiTe(g) 30.0 ± 3 30.8 ± 3 30.5 ±  3 31.7 ±  1 31.4 ±  1
Si(c) +  Te2(g) -  SiTe2(g) 13.1 ± 4
2Si(c) +  3Te(c) Si2Te3(c) -32 .6  ± 4 — 18.8 ±  4 -18 .8  ± 4 -18.3  ± 4 -18.3  ± 4
SiTe(g) -  Si(g) +  Te(g) 106.0 ± 3 105.1 ± 3 104.1 ±  3 104.2 ±  2 103.2 ± 2
SiTe2(g) - *  Si(g) +  2Te(g) 149 ±  5

The relative effective ionization cross section (he., the 
product of the cross section or and the secondary electron 
multiplier yield 7  ¡) calculated from these results and the 
measured ion intensities is <T7 (Te2)/o-y(SiTe) = 1.4 ± 
0.2. In independent experiments13 with the Si +  
ZnTe system, 0-7 (Te2)/<7 7 (SiTe) = 1.6 ± 0 .2  was ob
tained. Since the silicon content of SiTe2 would be 
9.90 mg/100 mg of initial sample, the composition 
Si2Te3 of the latter is confirmed solely from the vaporiza
tion experiments.

The partial pressures are given by the relations 
-log  Patm(Te2) =

[(1 1 .1  ± 0.4) x  1 0 3/T] -  (7.9 ± 0.5) (2) 
-log  Patm(SiTe) =

[(12.1 ± 0.3) X 103T] -  (8.3 ± 0.4) (3)
The SiTe2 pressures are — logPatm (SiTe2) = 7.27, 7.07, 
and 6.52 at 879, 891, and 919°K, respectively.

The enthalpies (Table I) of the reactions
Si2Te3(c) 2Si(c) +  3ATe2(g) (4)
Si(c) +  V»Te,(g) —> SiTe(g) (5)
Si(c) +  Te2(g) —> SiTe2(g) (6 )

were calculated by the second and third laws. The free 
energy functions were taken from the literature for 
Si(c) , 15 16 Te2, 16 and SiTe. 16 The values for Te2 were, 
however, decreased by 2.18 cal/deg mole {R In 3) on 
the basis of recent spectroscopic data for Te2. 17 The 
free energy function of SiTe2 was calculated with the 
usual statistical mechanical formulas; a linear sym
metric model and vibrational frequencies a>i = 204, 
co2 = 172, and co3 = 733 cm- 1  were chosen by comparison 
with C02 ;18 the interatomic distances were taken the 
same as in SiTe. This gives — (G° — H °0)/T  = 72.7 
cal/deg mole at 900°K.

The standard entropy S°289(Si2Te3) = 2<S0 298(Si) +  
3S°298(Te) — 4.75 = 40 ± 4 cal/deg mole was estimated 
by comparing the experimental entropies19 of CaTe, 
CdTe, SnTe, and PbTe with those of the corresponding

metals and tellurium. The heat capacity was estimated 
as 6.35 cal/deg g-atom at 298°K and 7.25 cal/deg 
g-atom19 at the melting point 1165°K.4 This gives 
— (G° — //°298)/71(Si2Te3) = 51.85 and 54.34 cal/deg 
mole at 800 and 900°K, respectively.

Together with the heat of sublimation of Te2, 16 

corrected in keeping with its modified free energy func
tion, 41.0 ±1 . 0  kcal/mole, there results from A/7° 298 

(4), A7/f°298(Si2Te3) = —18.3 ±  4 kcal/mole for the 
standard heat of formation of Si2Te3. Together with 
the dissociation energy of Te2, 5 ° 0(Te2) = 55 ±  2 
kcal/mole, 20 and the heat of sublimation of silicon, 
A//s°0(Si) = 107.1 ± 1.0 kcal/g-atom, 21 there follows 
from AH°0(5) and Atf°0(6 ), D°o(SiTe) = 103.2 ±  2 
kcal/mole and A7/at°o (SiTe2) = 149 ± 5 kcal/mole for 
the dissociation and atomization energies of SiTe(g) 
and SiTe2(g), respectively, in agreement with the 
values13 obtained in the Si +  ZnTe system.
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The pulse radiolysis technique1 has been applied to 
observe directly the rates of interaction of substituted 
alkyl and peroxy radicals with Cu1 and Cu11 ions. 
Some effects of radical structure and ligands were also 
studied.

Pulse radiolysis of solutions involves subjecting the 
sample to a 5-^sec beam pulse of electrons (energy 5-8 
Mev) which produces during that time a concentration 
of free radicals dependent on the (/(solvent). If the 
solution is deoxygen ated, only alkyl-type radicals are 
produced, and correspondingly, if the solution is satu
rated with oxygen before pulsing, high yields of peroxy 
radicals are obtained.2 In this work, radicals were 
generated from three solvent systems: ethanol (EtOH), 
98% ethanol-2% acetic acid (98-2 E-A), and glacial 
acetic acid (HOAc). The efficiencies and rates of in
teraction of Cu11 and Cu1 ions with the radicals pro
duced were examined.

Table I lists the interaction efficiencies for CuCl2 
and Cu(OAc)2. CuC12 in EtOH and in 98-2 E-A 
captures 2 X 10~4 M/pulse, in agreement with the 
known radical yield in ethanol.2

Table I : Capture Efficiencies of Alkyl Radicals 
by Cu11 Ions (2.00 X 10~3 M)

Compound Solvent
Mole of Cu11 
reduced/pulse

CuCk EtOH 2.3 X 10~4
CuCk 98-2 E-A 2.9 X 10~4
Cu(OAc)2 98-2 E-A 5.2 X 10-6
Cu(OAc)2 HOAc 4.5 X 10-“
Cu(OAc)2 +  1 M HOAc 1 . 0  x  1 0 - 4

NIROAc 
Cu(OAc)2 +  1 M 98-2 E-A 1.6 X 10~4

NH4OAc

Direct observation at 3400 A showed that reduction 
of Cu11 in 98-2 E-A follows the beam pulse shape even 
down to 2 X 10-4 M  CuCl2. Consequently, the rate 
constant is greater than 109 l./mole sec and is probably 
diffusion controlled. Cu(OAc)2 could not be examined

in pure ethanol because of the immediate precipitation 
of the Cu1 produced. However, in 98-2 E-A no pre
cipitation problem occurred; surprisingly only 5 X 10-6 
mole of Cu11 was reduced per pulse. From kinetic argu
ments, Kochi3 has concluded that CuII(OAc)2 dimer is 
unreactive toward alkyl radicals. The spectrum of 
Cu('OAc)2 in 98-2 E-A clearly indicates the presence of 
dimer. Table I shows that the reduction yield of 
Cu(OAc)2 is also low in pure HOAc (4.4 X 10-6 mole/ 
pulse), another solvent where dimer is present.4 This 
result could also be due to a low yield of substituted 
alkyl radicals or to the low reactivity of the • CH2COOH 
radical as a reducing agent. To distinguish these pos
sibilities, Cu(OAc)2 in HOAc containing 1 M  NH4OAc 
was irradiated. Spectral evidence indicated a signifi
cant diminution in the dimer concentration, and the 
reduction yield increased to 1 X 10~4 mole/pulse. 
Addition of 1 M  NH4OAc to 98-2 E-A also dissociated 
Cu(OAc)2, and as the last entry in Table I shows, there 
was a corresponding increase in reduction yield. These 
results agree with Kochi.3 In addition, we find the 
. CH2COOH radical to be a good reducing agent with a 
rate constant greater than 109 l./mole sec.

Cu1 ions were not reoxidized by substituted alkyl 
radicals to Cu11 in any of the solvents used; thus, this 
is a relatively slow reaction if it occurs at all.

Peroxy radicals were studied by presaturation of the 
solutions with oxygen. Since it has already been shown 
that the substituted alkyl radicals react at a diffusion- 
controlled rate, it is necessary to use low concentrations 
of Cu11 (2 X 10-4 M ) to have peroxy radical formation 
compete with the alkyl radical reduction reaction. 
Transient observation and end product spectral analy
sis revealed no detectable reaction of a-ethanol peroxy 
radicals with Cu11 chloride or acetate. Cuprous ion 
was investigated by first reducing a CuCl2 (2 X 10 ~4 
M ) solution in ethanol by electron irradiation of a de- 
oxygenated solution. This sample was then saturated 
with oxygen and pulse radiolyzed. Transient analysis 
showed a reoxidation by the a-ethanol peroxy radical 
that followed the beam pulse duration. Thus the rate 
constant is at least 109 l./mole sec and may be diffusion 
controlled. It was not possible to run these experi
ments with cuprous acetate because of the rapid rate of 
reoxidation by dissolved oxygen. In future work, the 
effects of ligands on the rates of alkyl and peroxy radical 
reactions with cupric and cuprous ions will be studied.
(1) R. L. McCarthy and A. MacLachlan, Trans. Faraday Soc., 56, 1187 (1960).
(2) A. MacLachlan, J. Am. Chem. Soc., 87, 960 (1965).
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(4) J. K. Kochi and R. V. Subramanian, Inorg. Chem., 4, 1527(1965).
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Relaxation Times
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Perhaps the least complicated method of determining 
nuclear spin-lattice relaxation times (7\) in liquids is 
that of saturation-recovery.1-3 This method consists 
of saturating a particular resonance line with a large 
Hi field4 and following the subsequent recovery of the 
nuclear signal after Hi has been reduced to a small, non
saturating, value.6 It is presumed that the v mode will 
recover exponentially with a time constant 7V It is 
well known that residual saturation effects in the low 
Hi field impose an effective upper limit on the Ti values 
that can be determined by this method. The satura
tion-recovery method has been less critically examined 
in the range of short Tx values. Experimentally, it has 
been observed in a number of laboratories3’6 that there is 
large initial distortion in the recovery curve, due to a 
“ transient” which seems to last about 200 msec. A 
typically distorted recovery curve is shown in Figure
1. The cause of this distortion has not been well 
understood: it has been attributed to both experimental 
and nuclear origins. The transient caused us consider
able concern, for being uncertain of its true duration, we 
were unable to gauge the accuracy of short Ti values 
obtained from saturation-recovery measurements. It 
is hoped that the following discussion will prove valu
able to others who may face the same problem.

Torrey2 has obtained a general solution to the Bloch 
equations, including transient terms. We shall re
strict our attention to the case where Ti =  7V This 
case is easy to treat mathematically, and it describes 
the relaxation behavior found in many simple liquids. 
When Ti = Ti, Torrey’s solution for the v mode be
comes

+  ß 2 +  a2
COS ( s r )  +v (S,t ) = e +  -

( 5uo- m o + — p —
\ ° ' 1 +  Æ2 +  52/  s J Vi

ß
+  ß2 +  s y

(la)

5 =  (co — <oo) / t Hi (lb)

s =  (1 +  5o2) ‘A  (lc)

0 = 1 /y ffi T; T =  Ti =  Tt (Id)

The quantities u0, v0, and m0 are the initial values 
of u, v, and mz, respectively, for a particular value of 5. 
Equation 1 describes the radiofrequency absorption of 
a particular “ spin isochromat”  a distance (5) away 
from resonance. The experimental absorption signal 
is obtained from

v(r) =  f  g(ô)v(8,T)(U (2)
J  —  co

where g(5) is a weighting factor reflecting the H0 field 
inhomogeneities. Specifically, we will take g(ô) = 
(a/Tr)[<h +  52]-1, where a =  1/yHiTi* (T2* is the ap
parent value of Ti in the inhomogeneous field). We are 
interested in v (t ) following the reduction of Hi at t — 0. 
For this reason, it is convenient to let the symbol Hi 1 2 3 4 5 6

Figure 1. Solid curve: saturation-recovery curve obtained 
from eq 3. The initial and final Hi values are 5.9 and 
0.030 mg, respectively; Ti = Ti = 0.40 sec; Ti* =
0.04 sec. Dashed curve: exponential recovery. The 
two curves have identical asymptotic behavior.

(1) See, for example, E. R. Andrew, “ Nuclear Magnetic Resonance,”  
Cambridge University Press, New York, N. Y „  1958, p 107 if.
(2) H. C. Torrey, Phys. Rev., 76, 1059 (1949).
(3) A. L. Van Geet and D. N. Hume, Anal. Chem., 37, 983 (1965).
(4) The notation used in this article has become conventional. A 
complete exposition is given in ref 2.
(5) J. G. Powles and D. J. Neale, Proc. Phys. Soc., 77, 737 (1961), 
have used a variation of this saturation-recovery method which is 
preferable for long Ti values. Following the reduction of the satura
tion Hi field, they shift the Ho field off resonance. The recovery of 
the magnetization is then monitored by periodic sweeps through 
resonance at low Hi levels. The absence of a continuously resonant 
Hi greatly reduces residual saturation effects. It does nor circumvent 
the difficulties with short Ti values, however.
(6) G. Weill (private communication, University of Strasbourg, 
France) has observed the transient on a Varian HA100 spectrometer.
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represent the intensity of the smaller, nonsaturating 
radiofrequency field. In the following paragraphs, 
the parameters 5, s, and /3 also refer to values in the non
saturating field (eq 1). We will use the symbol F to 
designate the ratio of the radiofrequency field intensity 
during saturation to that during recovery. In this 
notation, the boundary conditions become

M o =
5F

ß2 +  52 +  F2
(3a)

ßF
~ß2 +  á2 +  F2

0ß2 +  ¿2)
ß2 +  ô2 +  F2

(3b)

(3c)

Owing to the form of s in eq 1, we were unable to 
integrate the resulting equations analytically. v(S,r) is 
a rapidly oscillating function of (5), so that numerical 
integration is also difficult. We observed, however, 
that the small Hi values used during recovery cause 
S2 to be » 1  for all nuclei except the small number very 
close to resonance (commonly, those within about 
±0.3 cps of resonance.) If s is approximated by S, 
v(r) may be obtained by integration of eq 2.7'8 The re
sult is

, s ß
" W *
ß(ae~KT -  Ke~aT) 

K(a2 -  K 2)

- Br{ ßF(ae~LT -  Le~aT) 
'  6 \ L(a2 -  L2)
ß2 I"L2e~ar -  a2e~Lr 1 

aL2 L a2 — L2) +

+

+

(aF — a) 
a2 — L2 (e— L t

ß2 r /K 2e~ar -  a2e - Kr' 
mN 2L\ a2 -  K 2 (4)

The quantities K  and L in eq 4 stand for (1 +  /32)1/j and 
(.F 2 +  d2) ‘/2-

In a typical experiment, F may be about 103, and 
1 <iC /3 <K F. Under these conditions, K  «  /3, F «  L. 
The quantity a is normally larger than j3 and also sub
stantially less than F or L. Keeping this in mind, a 
good approximation to eq 4 is

v ( t ) + • - " " ( >  - f  )  X

-  (a/F)(e~(F+ß)T -  e~(a+ß)T) (5)

The first term of eq 5 describes the expected exponential 
recovery. The second term, which has a time constant 
comparable to (1 /T), makes a significant contribution 
only when there is residual saturation. (Residual sat
uration effects cause /9 ^  K.) The third term describes

the transient. This term arises from integration of 
(u„5/s) sin (st), an expression which is finite for those 
nuclei which are off-resonance and only partially sat
urated by the large radiofrequency field. During sat
uration, these nuclei are “ locked” along the effective 
field,9 and retain finite magnetization. When the 
radiofrequency field is reduced, these spins precess, 
producing a large nuclear signal which decays as T2*.10'11

From consideration of (4), one finds that the best 
experimental conditions consist of using the largest 
possible radiofrequency field for detection consistent 
with small residual saturation. Roughly, this means 
that yHyT <  0.3. The use of a large Hi means that 
the normal decay term is enhanced with respect to the 
large transient. If a slightly modified Yarian A-60 
spectrometer with a maximum Hi of 10 mg is adapted 
for this experiment, T >  0.2 sec can be measured. If 
higher values of Hi are accessible, it becomes possible to 
measure shorter relaxation times since the magnitude 
of the transient (see eq 4) is reduced by increasing Hi 
without affecting the normal decay signal.

In ref 3, the authors often used experimental condi
tions where a is greater than F. Accordingly, the 
dominating terms of eq 4 are not those given in eq 5. A 
transient still exists and arises from the same source; 
its magnitude and persistence can be determined from 
eq 4.

It should be pointed out that the calculation of the 
transient is based on the assumption that Ti =  T2. It 
is also evident that the form assumed for g(S) (eq 2) is 
not precise in any real experimental situation. Ac
cordingly, the transient obtained in an experiment will 
deviate from the results of the calculation, though the 
dependence on the significant parameters remains essen
tially valid.

(7) The difference between the values of v ( t)  using the true and 
approximate values of s in the vicinity of 5 =  0 was determined by 
numerical integration on a Philco 212 computer. As expected, the 
difference produced no substantial changes in the shape of the 
(theoretical) recovery curve.
(8) With T2 * =  0.04 sec, the distortion persists for 200 msec. This 
is approximately the duration of the experimental transient. 
Throughout this article we have implicitly assumed that there is 
no phase difference between the large and small radiofrequency 
fields. If there is a phase difference, the experimental transient is 
observed to alter its shape, direction, and magnitude.
(9) The effective field is the resultant of Ho — w/y in the longitudinal 
direction and Hi in a transverse direction. This is the net mag
netic field imposed on the sample from the viewpoint of the rotating 
frame.
(10) Van Geet and Hume (ref 3) suggested that such unsaturated, 
“ field-locked," nuclei might play some role in the saturation-recovery 
experiment. They did not relate these nuclei to the initial distortion 
of the recovery curve, however, and attributed the “ transient”  to a 
temporary malfunction of their spectrometer.
(11) N. Bloembergen, “ Nuclear Magnetic Relaxation,”  W. A. 
Benjamin, Inc., New York, N. Y., 1961, p 75, speaks of “ burning 
a hole in the resonance line.”  This phenomenon has the same basis 
as the transient discussed in this article.
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Pressure Effects in the Photolysis 
of CH3CD3 at 1470 A

by Hajime Akimoto and Ikuzo Tanaka

Laboratory of Physical Chemistry, Tokyo Institute of Technology, 
Ohokayama, Meguroku, Tokyo, Japan (.Received June 9, 1967)

Several studies1-4 on the photolysis of ethane in the 
vacuum ultraviolet region have been reported in respect 
to the primary-decomposition modes and the nature 
of intermediate excited ethylene or ethylidene. As to 
the photolysis of CH3CD3, the following reaction scheme 
has been proposed both at 1470 and at 1236 A in the 
earlier paper.1-2 3

CH3CD3 +  hv H2 +  C2HD3*

+ M

D2 -f- c 2h d
HD +  C2D 2

' c 2h d 3
(1)

CH3CD3 +  hv D2 +  C2H3D*

+ M

- h 2 +  c 2h d
HD +  C2H2

‘ c 2h 3d
(io

CH3CD3 +  h v  — > H +  D +  C2H2D 2 (2)

On the other hand, Hampson and McNesby4 have 
studied the pressure dependence of the formation ratio 
of ethylene to acetylene for the photolysis of C2H6 and 
clarified that the intermediate excited ethylene de
composes into acetylene and hydrogen unimolecularly 
competing with collisional stabilization to ethylene. 
They have also suggested the presence of another inter
mediate ethylene species which cannot decompose even 
without collisional stabilization, and proposed the fol
lowing scheme.

C 2H6 “1“ h v  ' 3-  H2 +  C2H4** (3)

C2H6 +  hv — ►  2H +  C2H4 (4)

G W *  - C2H4* (5)

C2H4** — >- C2H2 +  h 2 (6)

C2H4** +  M -- >  C2H4 +  M (7)

C2H4* +  M — >  C2H4 +  M (8)

This work has been conducted in order to study the 
photolysis of CH3CD3 at 1470 A in more detail and to 
check the validity of reaction schemes 1 and 2 and 3-8.

Experimental Section
The experimental procedures used in these experi

ments are the same as described previously.1-2 Since 
some of the experiments were performed under very 
low conversion (less than 0.01 % ), C2H6 obtained from 
Takachiho Chem. Ind. Co. and CH3CD3 from Merck 
Sharp and Dohm Ltd. were purified by gas chromato
graphy until the impurity ethylene was reduced to less 
than 0.0003%. Activated charcoal column was used to 
detect the ethylene and acetylene in the huge amount of 
unreacted ethane. The reaction cell composed of a 
magnetic circulator and glass tube of 15 mm o.d. was 
designed so that the reactant might be circulated most 
effectively especially near the window.

Results and Discussion
The data are presented in Figures 1 and 2. Figure 1 

shows the pressure dependence of the ratio of ethylene 
to acetylene produced in the photolysis of C2H6 and 
CH3CD3 at 1470 A, room temperature, and at very 
low conversion less than 0.01%. The figure also con-

Figure 1. Ethylene to acetylene ratio vs. pressure of ethane 
in the photolysis of C2H6 (O) and CH3CD3 (•) at low 
conversion, and Hampson’s data4 (A) for C2H6 at 310°.

(1) R. F. Hampson, Jr., J. R. McNesby, H. Akimoto, and I. Tanaka, 
J. Chem. Phys., 40, 1099 (1964).
(2) H. Akimoto, K. Obi, and I. Tanaka, ibid., 42, 3864 (1965).
(3) R. F. Hampson, Jr., and J. R. McNesby, ibid., 42, 2200 (1965).
(4) R. F. Hampson, Jr., and J. R. McNesby, ibid., 43,3592 (1965).
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P ( mm )
Figure 2. Yields of C2HD3 (O), C2H3D (•), and 
C2H2D2 (□) vs. pressure in the photolysis of CH3CD3.

tains several plots of Hampson’s data4 at 310°. It has 
been shown1 that internal scavenging of hydrogen atom 
produced in reaction 4 occurs at room temperature

C2H 4 +  H +  M  — ► C2H 6 +  M  (9)

so that the ethylene to acetylene ratio should decrease 
as a function of conversion. On the other hand, no 
scavenging should occur at 310° as postulated by Hamp- 
son and McNesby.3'4 The agreement of our present 
data with those at 310° implies that essentially no 
scavenging of hydrogen atom occurs at low conversion 
less than 0 .01% , and therefore, the ratio in Figure 1 
reflects the primary yields of ethylene and acetylene.

Now that the ratio of ethylene to acetylene has been 
found to be dependent on the ethane pressure, it must 
be instructive to investigate how the isotopic distribu
tion in ethylene in the photolysis of CH3C D 3 changes 
with pressure. Figure 2 shows each yield of C2H 3D, 
C2H 2D 2, and C2H D 3 as a function of pressure. The 
yield is calculated based upon the isotopic distribution 
of ethylene and the primary formation ratio of ethylene 
to acetylene which has been obtained in Figure 1 and is 
normalized so that the total primary yield of ethylene 
and acetylene should be unity. Assuming that the 
isotopic distribution in ethylene is independent of con
version, the yield in Figure 2 can be recognized as the 
primary one of each ethylene.

According to reactions 1 and 2, the yields of C2H 3D  
and C2H D 3 must be zero when the pressure of CH3CD3

is extrapolated to zero. However, this is not the case 
in Figure 2, but the yields of C2H3D and C2H D 3 start 
from a nonzero value at zero pressure and increase with 
pressure. This fact suggests directly that one part of 
C2H 3D and C2H D 3 results from some process which 
does not need collisional stabilization, and the other 
part of them descends from some excited ethylene 
species which can decompose competing with collisional 
stabilization. The presence of ethylene which can be 
formed without collisional stabilization strongly sup
ports the assumption proposed by Hampson and Mc
Nesby.4 On the other hand, the absence of pressure 
dependence of C2H 2D 2 supports the assumption that 
the formation of C2H 2D 2 corresponds to reaction 2.

Thus we have the modified reaction scheme

CH3CD3 +  hv - A -  H 2 +  C2H D 3** D 2 +  C2HD
MM]\ HD +  C2D 2

\  (10)
H 2 +  C2H D 3* — >  C2H D 3 (11)

CH3CD3 +  hv d 2 +  c 2h 3d ** - X -  h 2 +  c 2h d

d 2 +  c 2h 3d *

HD +  C2H 2
(10')

C2H3D (IF )

OH,CD, 4- hi ï ï  x  n  j .  n w -n n .

Assuming the above scheme, the following equations 
are obtained

<h(C2H 2D 2) — <pi (13)

4>o(C2H D 3) =  <p3) 4>o(C2H3D ) =  (14)

1
$(C 2H D 3) -  4>0(C2H D 3)

1
4>(C2H 3D) -  <f>0(C2H 3D)

where $ (C 2H D 3) is the normalized yield of C2H D 3 and 
4>o(C2H D 3) is that at zero pressure, etc. Figure 3 
shows the plots of experimental values of the left- 
hand side of eq 15 and 15' against the reciprocal of 
CH3CD3 pressure. Using the data in Figures 2 and 3, 
the values for <p\, (pa, <p\, <p3, <p2, ks/ka, and ks'/kd' are 
obtained as follows: <p\ — 0.23, <p3 = 0.32, <py =  0.20,
ip3 =  0.10, =  0.15, ks/ka =  0.010 mm-1 , ks'/kA' —
0.004 mm-1 . It should be noticed that the present 
values of <pi +  <p3 — 0.55, <pi +  <p3 — 0.30, and <?2 
agree well with earlier ones,1 0.50, 0.35, and 0.15 
respectively, which were calculated from isotopic dis
tribution of ethylene and acetylene without knowledge 
of the pressure effect. This agreement assures the 
validity of the relative ratio of each primary process

<Pi
1 +

s '  [ M }) (15')
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Figure 3. Reciprocals of $ (C 2H D 3) — io (C jH D j) (O) and 
<J>(C2H3D ) — <to(C2H3D ) (• ) vs. reciprocal of pressure of C H 3C D 3.

reported earlier.1 The present values of <p3/<pi =  1.4 
or ¡pz / <pi =  0.5, and ks/kd =  0.010 mm-1 or ka'/kd =
0.004 mm -1 are also compared to 1.22 and 0.0047 
mm-1 for the photolysis of C2H 6 reported by Hampson 
and McNesby.4

As to the assignments of C2H D 3** and C2H D 3*, both 
of them can be distinguished from the electronic 
excited singlet state attained by direct light absorption 
in the point of reactivity. Direct photolysis of ethylene 
has been studied to give both hydrogen molecule and 
atoms following to the reaction6

C2H 4 -)- hv c 2h 2 +  h 2

kC2H 2 +  2H

(16)

(17)

The relative importance of each process has been deter
mined to be ^ 7 /^ 1 6  =  1.05 and 0.66 at 1470 and 1634 
A, respectively. Since the C2H D 3** produced in reac
tion 10 should have maximum energy 7.0 ev, which is 
equivalent to 1770 A, it should also yield hydrogen atoms 
if it is in the electronic excited singlet state. But this is 
not the case in our experiments, and the inclusion of such 
an atomic process could not explain the product analysis 
reported earlier.1’3 The circumstances are the same for 
the photolysis of diazoethane,7'8 methyldiazirine,9 and 
methylketene,10 and the formation of hydrogen atom 
was not reported in either case.

Our present data can also be interpreted by the 
alternative scheme which is equivalent to reactions
3-8

CH3CD3 +  hv h 2 +  c 2h d 3**
t, MM]N

kd
-  d 2 +  c 2h d

H D  +  C2D 2

c 2h d 3* c 2h d 3
(18)

etc., but we are not at the stage of choosing one of the 
alternatives.

Further work on the photolysis of ethane at the ab
sorption edge is under investigation.

(5) M. C. Sauer, Jr., and L. M. Dorfman, J. Chem. Phys., 35, 497 
(1961).
(6) H. Akimoto and I. Tanaka, unpublished data.
(7) H. M. Frey, ./. Chem. Soc., 2293 (1962).
(8) C. L. Kibby and G. B. Kistiakowsky, J. Phys. Chem., 70, 126 
(1966).
(9) H. M. Frey and I. D. R. Stevens, J. Chem. Soc., 1700 (1965).
(10) D. P. Chong and G. B. Kistiakowsky, J. Phys. Chem., 68, 1793 
(1964).

The Magnetic Properties of 

Some Europium Chelates

by T. M . Shepherd

United Kingdom Atomic Energy Authority, Atomic 
Weapons Research Establishment, Aldermaston, Berks, England

Accepted and Transmitted by The Faraday Society {April 4, 1967)

Considerable interest has been shown recently in the 
coordination chemistry of europium diketone systems 
mainly on account of their liquid laser applications. 
The magnetic properties of europium chelates have only 
received limited attention.1 This paper reports the 
results of magnetic susceptibility measurements of 
several salts of europium tetrakisbenzoyltrifluoroace- 
tonate, Eu(BTFA).4~, over the temperature range 
-1 5 0 °  to 100°.

Trivalent europium and samarium differ from the 
other trivalent lanthanides in exhibiting a relatively 
small spin-orbit coupling constant. With Eu3+, the 
7Fi and 7F2 states are sufficiently close to the lowest J 
state, the 7F0, to be populated at ordinary tempera
tures. The Curie-Weiss relationship is therefore not 
obeyed and the magnetic susceptibility becomes a com
plicated function of temperature.2 Experimental data 
obtained for europium salts have been in good agree
ment with Van Vleck’s theoretical values except at 
very low temperatures.2’3

(1) T. Moeller, D. F. Martin, L. C. Thompaon, R. Ferrûs, G. R.
Feistel, and W. J. Randall, Chem. Rev., 65, 1 (1965).
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Experimental Section
Magnetic susceptibilities of five salts, the piperi- 

dinium (P), piperazinium (PZ), morpholinium (M ), am
monium (A), and benzyltrimethylammonium (BTM A) 
of E u(BTFA)4~ were measured by the Gouy tech
nique.4 Magnetic fields of up to 8500 gauss were ob
tained using a water-cooled Newport Type A  electro
magnet. Constant current circuitry gave a field sta
bility of better than 0 .01% . The temperature of the 
sample was controlled to within ± 1 °  by passing nitro
gen gas through a two-walled vessel surrounding the 
sample. Calibration was carried out using Co(NCS)4- 
Hg.6 The error in the magnetic susceptibilities is 
estimated to be less than 2 % . Despite the good pack
ing characteristics of the powdered samples, packing 
was the largest source of error.

The necessary corrections for the magnetism of the 
Gouy tube were made. Diamagnetic corrections for 
the sample were derived from Pascals’ constants3 and are 
given in Table I. Measurements were made through
out the temperature range at intervals not greater 
than 5°. No field strength dependence was found.

Table I
C o r  m o la r  s u s c e p t ib i l i ty  ( X 1 0 4) 
------ ( d ia m a g n e tic  c o r r e c t io n ) -------

T e m p , P P Z M A B T M A
° C (5 .0 9 ) (5 .0 4 ) (5 .0 1 ) (4 .5 6 ) (5 .5 0 )

1 0 0 4 7 . 1 0 4 4 . 1 0 4 3 . 0 0 4 4 . 4 0 4 2 . 9 0
5 0 5 0 . 2 0 4 8 . 1 0 4 6 . 3 0 4 7 . 5 0 4 6 . 0 0

0 5 5 . 1 0 5 3 . 1 0 5 1 . 5 0 5 1 . 7 0 5 0 . 1 0
- 5 0 5 9 . 9 0 5 8 . 7 0 5 7 . 0 0 5 7 . 1 0 5 4 . 2 0

- 1 0 0 6 4 . 5 0 6 3 . 5 0 6 2 . 0 0 6 2 . 8 0 5 8 . 3 0
- 1 5 0 6 8 . 0 0 6 7 . 3 0 6 6 . 3 0 6 8 . 0 0 6 1 . 6 0

Results and Discussion
The corrected molar susceptibilities of the europium 

ion in the compounds studied are given, at several tem
peratures, in Table I. Significant differences were 
found, the maximum spread in susceptibility at 
temperature being about 10% . With the exception of 
B T M A , the differences decrease with temperature and 
at — 150° the spread is within experimental error. 
The effective magnetic moments derived from these 
figures are shown in Figure 1.

Also shown are Van Vleck’s theoretical values corre
sponding to 7F0 —► 7Fi energy differences of 254 and 290 
cm-1 . These calculations are based on a nondegen
erate 7Fi, whereas the 7F states (except the 7F0) show 
ligand field splitting. The symmetries of the ligand 
field in these compounds belong to one of the point 
groups Cih, Ci, C2, or C2v 6 In order to apply Van

Figure 1.

Vleck’s “ intermediate” formula, the positions of the 
split components must be known. Spectral data at 
— 196° are available6 but the validity of applying these 
at other temperatures is dubious since the ligand field 
may be appreciably altered by lattice expansions. 
Quantitative correlations with theory would therefore 
require spectral data over the range of temperatures 
examined with the consequent difficulties associated with 
marked vibronic broadening at higher temperatures. 
The discussion is therefore limited to qualitative con
siderations.

The magnetic behavior of these compounds is in good 
general agreement with that expected for the Eu3+ ion. 
The close correspondence of P, PZ, and M  at tempera
tures near — 150° is reconcilable with the spectral simi
larities at — 196°. It is tempting to attribute the lower 
paramagnetism of B T M A  to the higher 7F0 —► 7Fi en
ergy differences found in this case. However, the am
monium salt, which has energy differences comparable 2 3 4 5 6

(2) J. H. Van Vleck, “ Electric and Magnetic Susceptibilities,’’ 
Oxford University Press, London, 1932.
(3) P. W. Selwood, “ Magnetochemistry,”  2nd ed, Interscience Pub
lishers, Inc., New York, N. Y., 1956.
(4) B. N. Figgis and R. S. Nyholm, J. Chem. Soc., 331 (1959).
(5) B. N. Figgis and R. S. Nyholm, ibid., 4190 (1958).
(6) T. M. Shepherd, J. Inorg. Nucl. Chem., 29, 2551 (1967).
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to BTMA, has a higher moment although deviation 
from a smooth curve in its susceptibility-temperature 
characteristic may reflect relatively large changes in the 
effective ligand field with temperature. Indeed, the 
increasing divergence of the susceptibilities of all the 
compounds studied with increasing temperature sug
gest that the ligand field strength and/or symmetry is 
markedly temperature dependent. In view of the 
complexity of the crystal structure, this behavior is not 
surprising.

Acknowledgment. The author thanks Dr. F. W. Bul- 
titude and Mr. W. A. Fort who provided the samples.

The Sublimation of Aluminum Trifluoride 

and the Infrared Spectrum of AlFj(g)1

by Alfred Biichler, Edward P. Marram, 
and James L. Stauffer
Arthur D. Little, Inc., Cambridge, Massachusetts 
(Received July 21, 1967)

This note reports the mass-spectrometric determina
tion of the heats of sublimation of gaseous aluminum 
trifluoride monomer and dimer, and a study of the in
frared spectrum of AlF3(g). The mass-spectrometric 
work was carried out on a 12-in. radius, 60°-sector, mag
netic-deflection instrument built by Nuclide Associates. 
Matheson Coleman and Bell anhydrous aluminum 
fluoride was used in these experiments. Samples were 
contained in a platinum-lined two-piece nickel crucible, 
especially designed2 for the accurate measurement of 
second-law heats of vaporization. A typical mass spec
trum is shown in Table I. Data for two runs are given

Table I : Mass Spectrum of Aluminum
Trifluoride Vapor at 1025°K°

✓------------------------------ S p ec ie s---------------------------
a i f 2+ a i f 3+ a i 2f 5+

Ion current 100 4.2 0.57

° 60-V ionizing electrons; ion current in arbitrary values.

in Table II. From an inspection of these data, it is 
clear that the ions A1F2+ and A1F3+ must be assigned 
to the monomer A1F3, and the ion A12F5+ to the dimer 
A12F6. This assignment agrees with that of Porter and 
Zeller.8 It also implies that the vaporization of 
A1F3(c) is congruent, with the vapor mainly monomeric

Table II : Slopes of 2.303R log (I+T ) vs. 10>/T°

R u n  1 R u n  2
S p ec ie s 9 5 1 - 1 0 5 7 ° K 9 7 6 - 1 0 7 7 ° K

A1F2 + 68.4 ± 0 .8 67.6 =fc 1.3
aif3+ 66.8 ±  0.8 66.3 ±  1.8
ai2f 6+ 95.1 ±  2.8 86.5 ±  2.8

aI + is the ion current; T is the temperature, °K.

and the dimer contributing at most a few per cent to the 
total pressure. The difference in the A1F2+ and A1F3+ 
slopes is probably not significant, although some tem
perature dependence of the fragmentation pattern can
not be excluded. We thus take the mean values of runs 
1 and 2 to obtain the heats of sublimation at 1000°K.
A1F3(c) —> AlF,(g)

AH s,iooo = 67.3 ± 3 kcal mole-1
2A1F3(c) —> Al2F6(g)

A/73,iooo = 85.8 ± 3 kcal mole-1
The uncertainty of ±  3 kcal reflects our estimate of the 
accuracy of second-law heat determinations with the 
experimental arrangement used. The value of Affs.iooo 
for AlF3(g) is in very good agreement with the value 
of 67.46 kcal mole-1 at 1000°K given by JANAF 
Thermochemical Tables,4 on the basis of an extensive 
survey of the literature. The present data give a value 
of —48.8 ± 3 kcal mole-1 for the heat of dimerization 
of AlF3(g), in good agreement with the mass-spectro
metric third-law value of —48 ± 4.0 kcal mole-1 re
ported by Porter and Zeller.3

The infrared spectrum of gaseous aluminum fluoride 
was obtained using a modified Perkin-Elmer Model 12C 
infrared spectrometer described earlier.5 Sodium chlo
ride, cesium bromide, and cesium iodide optics were 
used to scan the spectrum between 2500 and 200 cm-1. 
The temperature of the experiments ranged from 1000 
to 1200°. The observed absorption bands and their 
assignments are shown in Table III. The 935-cm-1 
band clearly represents the asymmetric stretching vibra
tion v3. The value obtained is in satisfactory agree
ment with the value of 945 cm-1 reported by McCory, 
Paule, and Margrave.6 The assignment of the other
(1) This work was supported by the U. S. Army Research Office with 
funds provided by the Advanced Research Projects Agency.
(2) A. Btichler and J. B. Berkowitz-Mattuck, J. Chem. Phys., 39, 
286 (1963).
(3) R. F. Porter and E. E. Zeller, ibid., 33, 858 (1960).
(4) “ JANAF Thermochemical Tables,”  1st addendum, The Thermal 
Research Laboratory, Dow Chemical Company, Midland, Mich., 
1966. The vibrational frequencies used in the AlFs(g) table are 
based on the present work.
(5) A. BUchler and E. P. Marram, J. Chem. Phys., 39, 292 (1963).
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Table III: Infrared Spectrum of AlF3(g)
Frequency,

A s s ig n m e n t c m " 1

2̂ (A2) 297
n(E) 935
ju( E) 263

two bands was made by analogy with the spectra of the 
boron trihalides.6 7’8 The higher of the two, at 297 
cm-1, was thus assigned to the out-of-plane bending 
vibration, v2, while the lower, at 263 cm-1, was assigned 
to the in-plane bending vibration, v.t. Thus three of the 
four fundamental vibrations of AlF3(g) are accounted 
for. These three bands have also been observed in 
matrix isolation by Linevsky.9 The frequencies ob
tained in a solid argon matrix are r2 ~  266 cm-1, v3 ~  
940 cm-1, and n  ~  251 cm-1. Thus, there are only 
small shifts for the in-plane vibration frequencies, r3 
and while there is a shift of about 30 cm-1 for the 
out-of-plane vibration, r2. The Raman-active sym
metric stretching frequency remains to be determined. 
Applying a valence force field7 to r8 and v4, we derive a 
value of 642 cm-1 for n. If the same analysis is ap
plied to nBF3, one finds that the experimental value of 
vt, 888 cm-1, is 25% higher than the value of 710 cm-1 
calculated from v3 and v4. W e  are thus led similarly 
to increase the valence force field value of 642 cm-1 by 
25%, obtaining

n(Ai) = 800 cm-1 (estimated)
for AlF3(g).
(6) L. D. McCory, R. C. Paule, and J. L. Margrave, J. Phys. Chem., 
67, 1086 (1963).
(7) G. Herzberg, “ Infrared and Raman Spectra of Polyatomic 
Molecules,”  D. Van Nostrand, Inc., Princeton, N. J., 1945, p 178.
(8) T. Wentinck, Jr., and V. H. Tiensuu, J. Chem. Phys., 28, 826 
(1958).
(9) M. J. Linevsky, Working Group on Thermochemistry, Proceed
ings of the Second Meeting, Vol. 1, Applied Physics Laboratory, 
Johns Hopkins University, Silver Spring, M d., Chemical Propulsion 
Information Agency, June 1964, p 87.

Conductances of Some Uni-univalent 
Electrolytes in N-Methyl-2-pyrrolidone at 25°

by Michael D. Dyke, Paul G. Sears, 
and Alexander I. Popov
Department of Chemistry, Michigan State University,
East Lansing, Michigan 4-8828 (Received June 21, 1967)

Previous studies on N-methyl-2-pyrrolidone, C6- 
H9NO, a cyclic amide which is also known as N-methyl-

y-butyrolactam, have shown that this liquid has ex
cellent solvent characteristics which appear to closely 
parallel those of dimethyl sulfoxide and of N,N-di- 
methylacetamide.1 It has also been shown that N- 
methyl-2-pyrrolidone can act as a ligand in the forma
tion of inorganic complex compounds.2 The present

Table I : Conductances of Salts in 
N-Methyl-2-pyrrolidone at 25°“

1 0 A 10* C A 10 < C A

Nal KI NaClOi
2.581 40.14“ 3.190 39.74“ 3.929 39.95“
4.890 39.55 6.102 39.17 6.295 39.51
8.625 38.91 11.67 38.42 10.49 38.90

12.82 38.24 25.35 37.09 18.54 38.07
20.74 37.52 34.57 36.47 27.45 37.37
29.06 36.80 39.61 36.16 39.27 36.66
3.282 39.95» 3.319 39.73» 4.723 39.76»
5.936 39.37 7.055 39.06 7.243 39.32

11.73 38.54 13.27 38.22 13.11 38.57
19.34 37.71 20.06 37.56 19.95 37.91
28.13 36.91 31.48 36.66 26.87 37.39

48.17 35.72 38.75 36.69
NaBPhp* KCIO4 (¿-Am)3BuNI

2.141 25.68“ 3.750 40.13“ 5.509 36.87»
3.703 25.36 6.975 39.52 9.182 36.19
6.316 25.01 11.63 38.88 13.93 35.53

10.24 24.57 18.24 38.16 21.18 34.70
15.34 24.15 26.90 37.48 29.55 33.95
21.61 23.75 39.41 36.66 43.41 32.97

1.233 25.97» 2.527 40.46» 4.548 37.09
3.281 25.50 4.802 39.97 8.296 36.33
5.378 25.18 8.799 39.24 13.97 35.53
8.601 24.78 14.61 38.55 20.27 34.84

12.26 24.44 22.55 37.80 27.66 34.15
17.29 24.06 33.00 37.09 36.06 33.51

(•¿-Am )3BuNBPli4
4.366 22.55“
9.008 22.01

15.52 21.49
21.51 21.13
29.75 20.71
36.63 20.43
3.734 22.66»
8.829 22.00

15.43 21.48
21.06 21.13
28.80 20.74
35.63 20.45

“ Superscripts a and b designate series of determinations; 
** Ph = phenyl; t-Am = isoamyl; Bu = n-butyl.

(1) P. G. Sears, W. H. Fortune, and R. L. Blumenshine, J. Chem. 
Eng. Data, 11, 406 (1966).
(2) J. H. Bright, R. S. Drago, D. M. Hart, and S. K. Madan, Inorg. 
Chem., 4, 18 (1965).
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Table I I : Calculated Parameters of the Fuoss-Onsager Equation for Salts in N-Methyl-2-pyrrolidone
Salt Series Ao <rA“ à Ka s E J b

Nal a 41.58 ±  0.05 0.019 3.8 ±  0.2 0 87.30 259 632.1
b 41.65 ±  0.03 0.014 3.9 ±  0.1 0 87.36 259 640.9

KI a 41.52 ±  0.03 0.013 4.0 ±  0.1 0 87.25 258 653.4
b 41.46 ±  0.04 0.012 4.1 ±  0.1 0 87.20 258 669.6

NaCIO, a 41.80 ±  0.02 0.010 4.5 ±  0.1 0 87.50 260 716.7
b 41.76 ±0 .02 0.006 4.6 ±  0.1 0 87.46 260 725.5

NaBPhn a 26,79 ±  0.01 0.006 5.8 ±  0.1 0 74.28 143 576.9
b 26.83 ±  0.01 0.005 5.8 ±  0.1 0 74.32 143 583.1

KCIO4 a 41.94 ±  0.01 0.006 4.4 ±  0.1 0 87.62 261 703.5
b 41.96 ±  0.03 0.012 4.2 ±  0.1 0 87.64 261 683.3

(i-Am)£BuNI a 39.00 ±0 .02 0.007 2.8 ±  0.1 0 85.03 238 462.7
b 39.01 ±  0.01 0.005 2.8 ±  0.1 0 85.04 238 472.6

(¿-Am)3BuNBPh4 a 24.08 ±  0.03 0.010 5.3 ±  0.1 0 71.89 122 492.6
b 24.06 ±  0.02 0.008 5.3 ±  0.1 0 71.88 122 493.4

“ Standard deviation of A. 6 No viscosity correction applied.

exploratory investigation focuses upon the conductances 
of seven selected uni-univalent electrolytes in NM2PY 
to elucidate further the potential of this medium as 
an electrolytic solvent. Values for several physical 
properties of NM2PY at 25° are as follows: dipole 
moment, 4.09 D.;3 dielectric constant, 32.0j1 viscosity, 
0.01666 poise;1 density, 1.0279 g/ml;1 refractive index, 
1.4680.1 Most quaternary ammonium salts and metal
lic perchlorates, thiocyanates, bromides, and iodides 
readily dissolve in NM2PY whereas alkali metal chlo
rides and fluorides and symmetrical multivalent salts 
are practically insoluble.
Experimental Section

The solvent (Eastman practical grade) was refluxed 
over barium oxide and then fractionally distilled 
through a 24-in. Vigreux column at 1 mm and 48°. 
Each retained middle fraction had a specific conduc
tance of 1-2 X 10“8 ohm-1 cm-1. Triisoamylbutyl- 
ammonium iodide and triisoamylbutylammonium tetra- 
phenylborate were synthesized and recrystallized using 
the method of Coplan and Fuoss.4 Reagent grade 
potassium and sodium salts were used without further 
purification. All salts were dried in vacuo at 50° to 
constant weight prior to their use in the preparation of 
stock solutions. The apparatus and procedures have 
been described previously.5
Results and Discussion

Values of the measured equivalent conductances and 
the corresponding concentrations are summarized in 
Table I. These data were analyzed by the Fuoss-On
sager equation6-7 which may be expressed as

A = Ac -  SC'h +  E C  log C +  J C  (1)
for unassociated electrolytes. All symbols in this equa
tion have their usual meanings.7

The conductance parameters obtained from least- 
squares analyses8 of the data in Table I using a CDC- 
3600 computer are summarized in Table II. The nor
mally small viscosity corrections associated with J  were 
omitted inasmuch as these are usually omitted for potas
sium and sodium salts having small anions and because 
viscosity data for solutions of the other salts were lack
ing. The viscosity correction in each case has no ef
fect on the value of A0 and, if applied, leads only to 
slightly higher values for J  and &. Calculations based 
on A data weighted by C yielded a considerably im
proved fit to eq 1, as evidence by smaller values of 
trA; hence, the final results are reported on this basis.

The constants a, ¡3, Ei, and E 2 for NM2PY at 25° have 
values of 0.8802, 5.0696, 7.800, and 65.786, respectively. 
S  and E  in eq 1 are defined as

S — aAo fl- ¡3; E  — EiA0 — E 2

Calculated differences in the limiting equivalent con
ductances between corresponding iodides and perchlo-
(3) E. Fischer, / .  Chem. Soc., 1382 (1955).
(4) M. A. Coplan and R. M. Fuoss, J. Phys. Chem., 68, 1177 (1964).
(5) P. G. Sears, J. A. Caruso, and A. I. Popov, ibid., 71, 905 (1967).
(6) R. M. Fuoss and L. Onsager, ibid., 61, 668 (1957).
(7) R. M. Fuoss and F. Accascina, “ Electrolytic Conductance,” 
Interscience Publishers, Inc., New York, N. Y ., 1959.
(8) Dr. R. L. Kay of the Mellon Institute, Pittsburgh, Pa., kindly 
provided the f o r t r a n  program which was used in the treatment of 
our data.
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rates and between corresponding iodides and tetra- 
phenylborates indicate a maximum uncertainty in the 
A0 values of 0.20 unit or about 0.5%. Thus, the ap
parent level of accuracy and the general consistency of 
the over-all results are relatively good for this ex
ploratory conductance study.

Single-ion limiting equivalent conductances were ob
tained by the method of Coplan and Fuoss,4 which is 
based upon the assumption that the limiting conduc
tances of the triisoamylbutylammonium and the tetra- 
phenylborate ions are equal in any solvent. Limiting 
ionic equivalent conductances (ohm-1 cm2 equiv-1) in 
NM2PY are as follows: Na+, 14.7; K+, 14.7; I- , 
26.9; ClCh-, 27.2; (f-Am)3BuN+, 12.0; BPh4- , 12.0. 
Within experimental error, the potassium and sodium 
ions are iso-conducting in NM2PY. Comparing the 
behavior of these ions in noncyclic amides, it is interest
ing to note that the potassium ion is very slightly more 
conducting than the sodium ion in N,N-dimethyl- 
formamide,9 whereas their roles are reversed in N,N- 
dimethylacetamide.10

It is concluded from the above results that NM2PY 
is an excellent dissociating solvent since all of the salts 
are completely dissociated within the experimental 
concentration range. It is also worthwhile to point 
out that NM2PY, adiponitrile, and methanol have al
most identical values for dielectric constants (32.0, 
32.45, and 32.62, respectively); the dissociating powers 
of MN2PY and adiponitrile5 toward electrolytes are 
comparable to, and possibly greater than, that of 
methanol.11
(9) D. P. Ames and P. G. Sears, J. Phys. Chem., 59, 16 (1955).
(10) G. R. Lester, T. A. Gover, and P. G. Sears, ibid., 60, 1076 
(1956).
(11) R. L. Kay, C. Zawoyski, and D. F. Evans, ibid., 69, 4209 
(1965).

A Pressure-Jum p Study o f  the Kinetics o f  

Uranyl Ion Hydrolysis and D im erization1

by P. A. Hurwitz
Department of Chemistry, University of Massachusetts,
Boston, Massachusetts

and G. Atkinson
Department of Chemistry, University of Maryland,
College Park, Maryland {Received June 5, 1967)

During the past few years, there have been several 
studies of the kinetic and equilibrium reactions of

uranyl ion in acidic, aqueous solutions. Baes and 
Meyer2 studied the hydrolysis mechanism and equilib
rium constants of uranyl ion in acidic, aqueous nitrate 
media. From the Baes and Meyer study, we have 
been able to evaluate rate constants for the various 
equilibria using the pressure-jump method while 
Eyring and co-workers3 4 have evaluated the same 
system using the temperature-jump method.
Experimental Section

For our experiments, analytical reagent grade uranyl 
nitrate hexahydrate was purchased from Fisher Sci
entific Co. As a precaution the reagent was dried over 
concentrated sulfuric acid. Before using, the purity 
of the material was qualitatively examined by compar
ing experimental and literature absorption coefficients. 
We found that the material was uranyl nitrate hexa
hydrate within a few per cent of our determination.

Each solution was prepared by weighing out ap
propriate amounts of uranyl nitrate and then diluting 
to a known volume with distilled, demineralized water. 
An inert electrolyte such as potassium nitrate was not 
required to adjust the ionic strength, since the sensi
tivity of the method would have been seriously reduced 
by traces of nonreacting ions. For various initial 
concentrations of uranyl nitrate the ionic strength was 
not uniform. The effect of this inconsistency on the 
final conclusions did not appear to be significant. Each 
solution was brought to the desired pH by dropwise 
addition of dilute NaOH and/or dilute HN03.

The pressure-jump apparatus was constructed from 
a diagram given by Yeager4 and co-workers. The 
solution cell was constructed from Lucite with the 
added advantage that the platinum electrodes were 
threaded to the Lucite. Such a means of attachment 
allowed for possible electrode adjustment. The cell 
was connected in turn to a Wheatstone bridge. Since 
we are only interested in measuring relative changes of 
the cell resistance, our bridge requirements are different 
from the usual conductance bridges. The bridge was 
constructed from available commercial components 
and mounted in an aluminum chassis. Special pre
cautions were taken to insulate the components, and 
coaxial connections were made wherever feasible. Both 
the input and output connections to the bridge were 
isolated from the oscillator and detector, respectively,
(1) The experimental work reported here was done at the University 
of Maryland under Grant 14-01-001-405 from the Office of Saline 
Water of the U. S. Department of the Interior.
(2) C. F. Baes, Jr., and N. J. Meyer, Inorg. Chem., 1, 780 (1962).
(3) M. P. Whittaker, E. M. Eyring, and E. Dibble, J. Phys. Chem., 
69, 2319 (1965).
(4) H. Hoffman, J. Stuehr, and E. Yeager, ONR, Contract Nonr 
1439(04), Project NR 384-305, Technical Report 27, 1964, p 12.
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Table I Relaxation Spectrum of Uranyl Dimerization at 25°

Approxi
mate
ionic

[trcv+io [U02i+] [UOsOH + J (Dfi [T]c pH
Tobad>
msec

k-i,
M~l sec-1

&2,
M~l sec -1

strength
M

0.0208 0.0201 3.4 X 10-5 3.5 X 10-’ 2.2 X IO“7 2.93 0.25 >3.3 X 106 0.06

0.0304 0.0280 5.7 X 10~6 9.8 X 10-4 1.4 X 10“ 4 3.01
5.0
0.25 >3.9 X 106

76
0.09

0.0208 0.0207 1.0 X 10~6 3.2 X 10-5 5.2 X 10-10 2.40
4.7
0.25 >1.0 X 106

50
0.06

Av >2.7 X 106 63
“ All concentrations in moles per liter. 4 D =  (U02)2(0H)22+. c T =  (U02)3(0H)5+.

by General Radio shielded transformers, Model 578-C. 
With a 50-kc signal, good results were obtained using a 
General Radio tuned amplifier and null detector, Type 
1232-A. The signal was rectified using a very simple 
diode detector circuit. This rectified signal was fed 
directly into a Tektronix Model 502 oscilloscope fitted 
with a Polaroid camera attachment. The oscilloscope 
was triggered internally. Several experiments were 
carried out where the oscilloscope was triggered ex
ternally using a piezoelectric crystal with a charge am
plifier. Similar results were obtained for both trigger
ing modes.

The rate constants were given for a temperature of 
25 ±  2°. Each relaxation time represents an average 
of at least three photographic determinations. The 
individual oscillograms could be evaluated to yield re
laxation times with a relative error of ±  20%.

The pressure above the reaction and comparison 
solutions was released spontaneously. For 0.0075 in. 
thick Mylar disks, the change in pressure was generally 
30 atm. The rupture time for these disks was on the 
order of 250 /¿sec. In order to determine the rupture 
time, more commonly referred to as the apparatus 
response time, we employed a solution of 0.1 M  MgS04. 
The relaxation time for the reaction Mg2+ +  S042“ <=* 
MgS04 is less than 1 /¿sec.5 The unassociated electro
lyte barium benzenedisulfonate was used as the com
parison with the MgS04 experiment.

For the uranyl experiments the nonreacting solution 
was MgS04 having a concentration such that both cells 
would have very nearly the same resistance. In this 
manner, we could then sort out the disturbing effects 
of the change of resistance due to physical effects from 
those due to the chemical relaxations.

Unlike Eyring3 and co-workers, our experiments indi
cated that there were two relaxation effects occurring. 
We observed a fairly rapid relaxation time that coin

cided with our instrument rise time and a slower one 
having a value of about 5 msec. Although we are deal
ing with a coupled system, the relaxation times were 
separable and we could therefore evaluate the rate con
stants associated with two of the three equilibria in
volved in this study.
Results and Treatment of Data

The separate relaxation times were evaluated from a 
plot of the logarithm of the signal amplitude vs. time; 
the straight line obtained indicated a single relaxation 
process is being observed for that particular time range. 
The values of the relaxation times, the concentrations 
of the various uranyl ion species, and the rate constants 
are summarized in Table I.

The derivation of the relaxation times in terms of 
rate constants and equilibrium concentrations which 
follows is based on the equilibrium constants proposed 
by Baes and Meyer.2 Accordingly, the uranyl equilib
ria with their corresponding equilibrium constants at 
25° are

uo22+ +  h 2o u o2o h + +  h +
k- i

K ,  = 2 X 10-« (1)
kz2U022+ +  2H20  ^  (U02)2(0H)22+ +  2H+
k- 2

K t = 1.2 X 10"6 (2)
ks3U022+ +  5H20  ^  (U02)3(0H)5+ +  5H+
k- 3

K z = 6 X 10~17 (3)

(5) M. Eigen, G. Kurtze, and K. Tamm, Z. Elektrochem., 57, 103
(1953); M. Eigen, Z. Physik. Chem. (Frankfurt), 1, 134 (1954).
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The observed relaxation times r can be expressed as a 
function of the desired rate constants and known 
equilibrium concentrations by simple analysis of eq 1 
and 2, respectively. This treatment is possible be
cause two separable relaxation times are observed. To 
obtain the particular relaxation expressions, it is only 
necessary to linearize in the usual manner the rate law 
expressions for eq 1 and 2.6

For the system described by eq 1, the reciprocal of 
the relaxation time is given by

- = fc_1(U020H +  H) +  h  (4)

where and h  are the bimolecular and unimolecular 
rate constants having the units of M ~ l sec-1 and sec-1, 
respectively. The bars above the species signify 
equilibrium concentrations, but the charges of the ions 
have been neglected here in order to simplify the nota
tion.

For the system described by eq 2, in which the dimer 
species results, the reciprocal of the relaxation time is 
given by

(ÜO»)
1 -f- a

+  k-2'4((U02)2(0H)2)(H) 
1 T a

+  H2]  (5)

where k2 is the bimolecular rate constant for the 
dimerization. The factor a, in this case, accounts for 
the rapid equilibrium step occurring in eq 1. This 
factor is explicitly

5[dimer] h  -  U020H
“ “  l o j  “  — a —  (6)

In the absence of appreciable monomer (U020H), a 
should be zero. Examination of eq 6 shows that

5 [dimer]
h m  T r r r r \ T  ~  U

M U O 2O H )- .0 0 [ U U 2J

A third relaxation time was not actually resolved at 
higher pH or higher concentrations of uranyl nitrate. 
It was only possible to determine the rate constant 
for the monomer-dimer equilibrium and to establish 
a lower limit for the protolytic reaction (fc_i) of eq 1. 
It might indeed be possible to observe the trimer forma
tion even though the concentration of trimer is some
times as low as 10-7 M  for the present experimental 
conditions. Alternately, the magnitude of the trimer

relaxation process may have been negligible for our 
conditions.
Discussion

The lower limit for fc_i of ~ 3  X 106 M ~ l sec-1 is con
sistent with the value of 1.5 X 10l° M ~ l sec-1 directly 
determined by the dispersion of the dissociation field 
effect.7 Alternately, an a priori calculation of k- , can 
be made using the Smoluchowski-Debye-Eigen theory 
of diffusion-controlled reactions which agrees with the 
directly determined value.8

As Eyring8 indicated, the possibility of uranyl nitrate 
complexation kinetics should be considered. There
fore, another experiment involving the same initial 
concentration of U022+ was carried out at a pH of 2.4. 
At this pH the concentration of dimer is reduced. We 
no longer observed the slower relaxational process. 
The more rapid relaxation was still present and at
tributable to reaction 1. This experiment does not con
clusively prove the observation. However, the tem
perature-jump work3 included a series of similar experi
ments in which the N03~ concentration was varied. 
For these latter experiments, the relaxation time was ob
served to remain essentially constant. The inde
pendence of the relaxation time on N03-  precludes the 
occurrence of any uranyl nitrate complexation. In our 
case when the pH was lowered the slower process 
disappeared; this result can be most easily reconciled 
with dimerization as opposed to complexation.

The value determined for k2 is 63 M ~ l sec-1 at 25° 
at an ionic strength of 0.06 M . The value determined 
by Eyring and co-workers3 is 116 M ~ l sec-1 at 25° at 
an ionic strength of 0.5 M . Since reactions between 
species of the same charge are observed to increase in 
rate with increasing ionic strength, the rate constants 
determined in this work agree very well with that of 
Eyring.

There remains then the question of other possible 
uranylhydroxy species. There is at least another 
mechanism3 for reaction 2, specifically the considera
tion of

?C22IKV+ +  H20 ^  (U02)2(0H)3+ +  H+
Inclusion of this latter possibility, however, does not 
alter the interpretation presented here.
(6) M. Eigen and L. DeMaeyer in “ Techniques of Organic Chemis
try,” Vol. VIII, A. Weissberger, Ed., John Wiley and Sons, Inc., 
New York, N. Y., 1963, Part 2.
(7) D. L. Cole, E. M. Eyring, D. T. Rampton, A. Silzars, and R. P. 
Jensen, 153rd National Meeting of the American Chemical Society, 
Miami, Fla., April 9-14, 1967.
(8) Cf. ref 6, p 1032.
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Calculation of the Conformation Change 

Controlled Ionization of Polyamino 

Acids from Titration Curves1

by Eugene Hamori
Department of Chemistry, University of Delaware,
Newark, Delaware 19711

and Harold A. Scheraga
Department of Chemistry, Cornell University, Ithaca, ¿Vew Fork 14850 
(Received May 24, ¿££7)

If a polyamino acid in solution at the helix-coil transi
tion region is subjected to a pH or temperature change, 
the degree of ionization a  of the side chains will change. 
This total change is Adt = Adi +  Ad0, where A«, is the 
change in ionization due to the pH or temperature 
change (without an accompanying conformation 
change) and Adc is the ionization change due to a con
formation change (without a pH or temperature 
change). The latter term arises from the fact that the 
electrostatic interaction differs in the two conforma
tions, e.g., in the helix and coil forms. Since the time 
rate of Adi is normally very fast compared to the rate 
of Aac, relaxation kinetic techniques may be used to 
measure the rate of Adc by observing the rate of Aat; 
thus, information can be obtained about the kinetics of 
fast biopolymer conformation changes. Obviously, 
this method requires that Adc be a significant portion 
of Adt. The necessity of establishing this fact becomes 
particularly important for those relaxation kinetic ex
periments in which the slow relaxation time assignable 
to Aac is not easily detected in the oscillograph record 
of the kinetic experiment. In these cases, in order to 
prove that Ad0 is part of the observed fast change (i.e., 
as fast as Ad;), it has to be shown that Adc/Adt is not 
negligibly small. In this note, we demonstrate how to 
calculate the ratio Adc/A a t for pH-jump or tempera
ture-jump experiments from titration data, and in the 
accompanying note,2 3 4 5 6 we apply these considerations to 
the rate of the helix-coil transition in poly-L-tyrosine.

Figure 1 shows the titration curve of a polyamino 
acid (such as poly-L-glutamic acid3-6) on a y vs. a plot 
where y  = pH — log [d/(l — d)]. If the conforma
tion of the polymer did not change, the titration curve 
would be linear on this plot, according to the equation7’8

y  = p K °  +  W a  (1)
where pA° is the intrinsic pK  value of the ionizing 
groups and IF is a constant determined primarily by

Figure 1. Determination of a i, a,, and « 2 for a pH jump.
The heavily drawn curve is the experimental titration 
curve and the lines originating from pK °  are 
constant-conformation lines (see text for other symbols).

the conformation of the macromolecule. Such con
stant-conformation lines, including the limits for the 
perfect helix and pure coil, are also shown in Figure 1.
Calculations for the pH-Jump Method

In this kinetic technique, the observed Adt is brought 
about by a perturbation of the equilibrium of the sys
tem by a sudden pH change.2 In an ideal pH-jump 
experiment, the effect of any temperature change which 
may occur simultaneously with the pH change can be 
neglected. Consider, therefore, an isothermal pH 
change (pHi —*- pH2) such that the net change in the 
ionization of the polymer is from di to d2 (see Figure 1). 
This ionization change can be envisaged as occurring 
in two steps.

(1) di to aa. This is a rapid change in the ionization 
of the polymer without an accompanying conformation 
change; hence eq 1 is applicable and, on the plot of 
Figure 1, the system moves from state 1 to (an as yet 
undefined) state a on a straight (constant-conforma
tion) line. The corresponding change in ionization is
Adi = da — di.
(1) The part of the work carried out at Cornell University was 
supported by a research grant (GB-4766) from the National Science 
Foundation, and by a research grant (GM-14312) from The National 
Institute of General Medical Sciences of the National Institutes of 
Health, U. S. Public Health Service.
(2) E. Hamori and H. A. Scheraga, J. Phys. Chem., 71, 4147 (1967).
(3) A. Wada, J. Mol. Phys., 3, 409 (I960).
(4) M. Nagasawa and A. Holtzer, J. Am. Chem. Soc., 86, 538 (1964).
(5) P. Appel and J. T. Yang, Biochemistry, 4, 1244 (1965).
(6) J. Hermans, Jr., J. Phys. Chem., 70, 510 (1966).
(7) K. Linderstrom-Lang, Compt. Rend. Trav. Lab. Carlsberg (Ser. 
Chim.), 15, No. 7 (1924).
(8) R. K. Cannon, A. H. Palmer, and A. C. Kibrick, J. Biol. Chem., 
142, 803 (1942).

Volum e  71 , N um ber  12  November  1967



4146 Notes

(2) aa to « 2. Subsequently, at constant pH (it being 
assumed that the solution is buffered), the polymer con
formation changes spontaneously leading to a change in 
W, so that the system moves from its intermediate state 
a to its final state 2 on the plot of Figure 1. The ioniza
tion change for this process is Aac = a2 — aa, and its 
rate will be controlled by the rate of conformation 
change of the macromolecule. We will show below 
that the curve from a to 2 is approximately a straight 
line at a ~  0.5.

According to eq 1, if pH, pK °  (and temperature) are 
constant, the functional dependence of a  on W  is 
represented on the y vs. a  plot by a family of curves for 
which pH = constant (iso-pH lines). A convenient 
equation can be obtained for these curves by expanding 
the expression, pH — log [a /(1 — a )  ], in a power series 
in terms of (a  — 1/i)

y =  pH -  log [ a / ( l  -  a)] =
p H  -  (2/2.303)"!: [2(a  -  y 2)]2K+72n +  1 =n = 0

pH “  ¿ 3 I2(“ ~  'A> +
2 3(a -  y 2)3 g(« -  y 2)5

3 +  5 +
This equation indicates that the iso-pH lines are sig
moid curves such that y = + < » a t a  = 0 and y =  — °° 
at a =  1. At a = y 2 there is an inflection point and the 
value of y  at this point is the pH of the system. In the 
neighborhood of a =  0.5, higher terms in (a — y 2) can 
be neglected and eq 2 can be approximated by
V — pH — (2/2.303) [2 -  ( a  -  y 2)] =

p H  +  0.8685 -  1.737a (3)
which represents a straight line of slope —1.737 on the 
y  vs. a  plot at constant pH. The difference between 
eq 2 and the approximation represented by eq 3 is 
rather small in comparison with the inaccuracies in
volved in the determination of pH and a .  For ex
ample, at a — 0.6 the accurate value of y  is only 0.002 
pH unit smaller (at a = 0.4 it is 0.002 unit greater) than 
the value derived from eq 3. The accurate slope of the 
iso-pH lines at a =  0.4 and 0.6 is —1.806, and that of 
the approximation is —1.737. If the approximation 
represented by eq 3 is accepted, straight lines of slope 
— 1.737 can be substituted for the iso-pH lines in the 
region of a ~  '/2. (Incidentally, this is the only a  re
gion of interest in most helix-coil relaxation-kinetic 
studies.) It should be noted that, on the y vs. a  plot, 
these iso-pH lines cross the vertical a  = y 2 line at val
ues of y  identical with their respective pH values.

Based on these considerations, the desired ratio, 
Aac/Aat, can be determined by a graphical procedure 
as follows. On the y vs. a  graph, which contains the 
experimental titration curve of a particular polyamino 
acid, two straight lines of slopes —1.737 are drawn; one 
of these must cross the vertical a = l/ 2 line at y =  pHi, 
the other at y =  pH2. These pH values designate the 
initial and final pH, respectively, of the system in the 
pH-jump experiment (open circles of Figure 1). The 
intersections of these iso-pH lines with the experi
mental titration curve yield the initial and final states 
(1, 2) and the initial and final degree of dissociation 
(ai, a2) of the poly amino acid. From the point desig
nated as 1, a straight line is drawn toward the pA° inter
cept on the y  axis. The intersection of this line (W  =  
constant) with the iso-pH line of the second pH value 
(pH2 = constant) determines the position of the inter
mediate state a. The ratio Aa0/Aat then can be cal
culated by dividing a2 — aa by a2 — a\. If this graphi
cal construction is carried out on a sufficiently enlarged 
y vs. a plot, the accuracy of this technique appears to be 
limited only by the error of the experimental titration 
curve itself. The application of this method to the 
titration curve of poly-L-glutamic acid6 yielded 0.35 
for Aa j Aat for a pH jump from 5.37 to 5.03 at 25° and 
at 0.1 M  KC1 ionic strength (in this case ai = 0.60, 
a„ = 0.47, and a2 = 0.40). For the smaller pH jumps 
of 5.25 to either 5.15 or 5.20, a value of 0.38 was derived 
for this ratio from the same titration curve. The 
graphical evaluation of this value for several hypotheti
cal pH jumps indicated that the limiting value of 0.38 
is about the maximum obtainable for the polyglutamic 
acid system under the conditions used.

Figure 2. Determination of on , aa, a i  for a temperature 
jump from 2\ to 2k (see Figure 1 and the text for definitions 
of the symbols). The curves are drawn relative to each 
other for a hypothetical group with a nonzero value 
of the heat of ionization. Actually, for 
poly-L-glutamic acid, the heat of ionization is small.
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Calculations for the Temperature-Jump Method
In this method, the observed change in a is caused by 

the perturbation of the equilibrium of the system by a 
sudden change in temperature. Assuming that the 
change in pH is negligible during and after the tem
perature jump, the transition of the system from state 
1 to state 2 can be described as follows (see Figure 2).

(1) ai to aa. The intersection of the iso-pH line 
with the titration curve obtained at Ti will determine 
the initial state of the system (1). In this condition, 
a  = ai and y  = pA°i +  W i«i. The temperature jump 
changes pA°i to pA°2 and JFi to W2. The former 
change is very fast in comparison with the latter which 
is controlled, for the most part, by the relatively slow 
conformation change of the macromolecule. If it is 
assumed that W i remains constant during the change in 
pK °  (see below for further discussion of the validity of 
this assumption), the system can be considered as 
changing very rapidly from state 1 to an intermediate 
state a (ai -*■  a B) while moving along the iso-pH line. 
The end position of this rapid change can be constructed 
on the y vs. a plot by drawing a line parallel to the 
y  = pA°i +  W ia  line through the point pK ° 2. The 
intersection of this line (y = pA°2 +  W\a) with the 
iso-pH line will determine a.

(2) a H to a2. Subsequent to the rapid change in a 
from ai to a a, W i changes to W 2 at a rate controlled by 
the conformation change. On the y  vs. a plot, the point 
characterizing the state of the system moves from a to
2. It can be seen from Figure 2 that the latter point is 
defined by the intersection of the titration curve ob
tained at Ti with the iso-pH line. The desired ratio 
Aac/Aat in this case is calculated from the values as 
(a2 — aB) / (a2 — <*i). An application of this method 
to the poly-L-glutamic acid titration data,6 assuming a 
temperature jump of 4° -* 14° at pH 5.35, yielded a 
value of 0.68 for this ratio.

It appears that the assumed constancy of W  during 
the fast step from «i to aa is a reasonably good approxi
mation since this quantity depends directly only on the 
absolute temperature of the system7'9 which changes 
relatively little during a typical temperature jump 
(~10°), and the conformation has not yet changed as 
the system moves from 1 to a. However, if the need 
for high accuracy justifies this, the slope (TFi) used to 
determine aa can be corrected for this temperature ef
fect by taking into account the variation of W with T 
and by evaluating the temperature dependence of the 
various other parameters9 (dielectric constant, Debye- 
Hiickel parameter, etc.) determining W.

These calculations appear to indicate that the con
formation-controlled part of the ionization change of a

partially helical polyamino acid is a significant fraction 
of the total ionization change in a pH- or temperature- 
jump experiment.
(9) C. Tanford, J. Am. Chem. Soc., 72, 441 (1950).

pH-Jump Measurements on the Helix-Coil 

Transition of Poly-L-Tyrosine1

by Eugene Hamori2a and Harold A. Scheraga2*5
Department of Chemistry, Cornell University,
Ithaca, New York 14850 {Received September 2, 1966)

It is known from the studies of Eigen, Hammes, and 
others3-6 that the chemical relaxation which follows 
the perturbation of the helix-coil equilibrium in poly- 
L-glutamic acid is too fast for temperature-jump meas
urements. Since it has been proposed that the side 
chains of the helical form of poly-L-tyrosine interact 
with each other,7’8 the possibility existed that such 
side-chain interactions might slow down the helix-coil 
transition in this polyamino acid sufficiently to bring 
the relaxation time within the range that can be studied 
by the temperature-jump technique (>10-6 sec). 
Therefore, a study of poly-L-tyrosine was carried out 
with the temperature-jump apparatus described pre
viously.9 Actually, in the pH range used here (~pH
11.4), a rise in temperature leads to a lowering of the pH 
of the solvent, thereby inducing a conversion from coil 
to helix in the polymer. Thus, for this system, the 
temperature-jump technique becomes primarily a pH- 
jump technique. 1 2 3 4 5 6 7 8 9
(1) This work was supported by a research grant (GB-4766) from 
the National Science Foundation, and by a research grant (GM- 
14312) from the National Institute of General Medical Sciences of 
the National Institutes of Health, U. S. Public Health Service.
(2) (a) National Institutes of Health Postdoctoral Fellow of the
National Institute of General Medical Sciences, 1964-1966. (b)
To whom requests for reprints should be addressed.
(3) M. Eigen and G. G. Hammes, private communication.
(4) J. J. Burke, G. G. Hammes, and T. B. Lewis, J. Chem. Phys., 42, 
3520 (1965).
(5) G. Schwarz, J. Mol. Biol., 11, 64 (1965).
(6) R. Lumry, R. Legare, and W. G. Miller, Bio-polymers, 2, 489 
(1964).
(7) J. D. Coombes, E. Katchalski, and P. Doty, Nature, 185, 534 
(1960).
(8) G. D. Fasman, E. Bodenheimer, and C. Lindblow, Biochemistry, 
3, 1665 (1964).
(9) G. C. Kresheck, E. Hamori, G. Davenport, and H. A. Scheraga, 
J. Am. Chem. Soc., 88, 246 (1966).
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Experimental Section
Poly-L-tyrosine (M „ = 58,000) was purchased from 

Gallard-Schlesinger Corp. It was converted into a 
highly helical material by slowly dialyzing its sodium 
salt against 0.01 N  HC1 at 40° as recommended by 
Fasman, et a l?  The high degree of helicity was con
firmed by optical rotatory dispersion measurements at 
pH 11.20.

A Beckman Model G meter was used with a Type E-2 
glass electrode and a fiber-j unction calomel reference 
electrode to measure the pH. During measurements, 
the solution and the electrodes were kept at constant 
temperature (±0.1°). For the standardization of the 
meter, a phosphate buffer was prepared according to 
Britton and Welford.10 Since the pH of this buffer is 
accurately known at various temperatures,10 the same 
buffer (pH26o 11.45) was used both for the routine 25° 
measurements and for the pH vs. temperature study. 
In the latter experiments, the pH of the solution was 
determined at each temperature only after the meter 
was standardized at the same temperature with the buf
fer. The solutions were kept under a purified nitrogen 
atmosphere during the pH measurements and also dur
ing the temperature jumps.

Optical density and optical rotation measurements 
were carried out with the Cary 14 and 60 instruments, 
respectively.

The temperature-jump apparatus used in this study 
has already been described.9 An observation beam of 
245-myu wavelength was used. At this wavelength, one 
observes directly the protonation of the poly-L-tyrosine 
side chains.11 Since this latter reaction is coupled to the 
helix-coil equilibrium a sufficiently slow conformation 
change of the polymer would also be observable at this 
wavelength.12-14 To increase the sensitivity of the 
instrument in the ultraviolet region, two new high-gain 
photomultipliers (EMI, Type 9558 QB) were installed. 
The oscilloscope signal “blackout” which follows the 
high-voltage discharge was reduced to about 10-6 sec by 
placing the shielded photomultiplier tubes 20 in. away 
from the cell. The cell assembly unit was slightly 
modified to permit the use of a thermistor probe for 
measuring the temperature of the test solution in the 
cell directly. This instrument produces a 5.2 ± 0.2° 
temperature jump within a few microseconds.9 13 14 15 The 
resistance of the cell filled with a 0.2 M  NaCl solution 
was 80 ohms at 16°. From this value a time constant 
of 4.5 Msec can be calculated9 for the exponential heat
ing process. The polymer concentration used in all 
kinetic experiments was 0.002 g /100 g. The NaCl con
centration was 0.2 M . All the relaxations were ob
served at the constant temperature of 21.2° (±0.5°),

attained from an initial temperature of 16.0° (±0.2°) 
by the temperature jumps.

To extend the usable range of the apparatus to faster 
reaction rates (rr ~  2 ¿¿sec), an electronic relaxation pro
cess simulator (rps) was constructed.16 This instru
ment, which is really a simple analog computer, is 
capable of producing curves on the oscilloscope screen 
which would be generated by a hypothetical reaction 
and a heating rate characterized by relaxation times 
rr and rh, respectively. The curves on the oscilloscope 
screen can be superimposed on the previously taken 
photographic record of the temperature-jufnp experi
ment to be analyzed. By varying the oscilloscope set
tings and the controls of the rps, the two images can be 
accurately matched. When this is accomplished, the 
settings of the calibrated controls of the rps yield rr and 
rh directly. In practice, due to the fact that n, can 
be calculated to a fair degree of accuracy,12 the deter
mination of xr is further facilitated by presetting the 
Th control on the instrument to the theoretical value 
and matching the unknown curve with only the tt 
control.
Results and Conclusions

It is well known that the hydrogen ion concentration 
of water in the presence of a sufficient concentration 
of strong base is strongly temperature dependent. 
For example, a 10° temperature increase lowers the 
pH of a 0.1 N  NaOH solution by about 0.3 pH unit.16 
The helix-coil equilibrium of poly-L-tyrosine is very 
pH sensitive7'8 near pH 11.4. Thus, rapid changes in 
temperature, which lead to changes in pH, can be 
conveniently utilized to perturb this equilibrium. 
The results of pH determinations carried out to demon-
(10) H. T. S. Britton, “ Hydrogen Ions,”  Vol. 1, Chapman and 
Hall Ltd., London, 1955, p 359.
(11) J. Hermans, Jr., Biochemistry, 1, 193 (1962).
(12) M. Eigen and L. De Maeyer, “ Technique of Organic Chemis
try,”  Vol. 8, Part II, Interscience Publishers, Inc., New York, N. Y., 
1963, p 895.
(13) D u e  to  the  la ck  o f suitable experim erttal da ta  on  poly -L -tyrosine , 
the extent o f  this con form a tion  change con tro lled  op tica l density  
change can n ot b e  qu a n tita tive ly  pred icted . , F o r  p o ly -L -g lu ta m ic 
a cid  it  w as fo u n d 11 th a t th is ch an ge is 3 8 %  o f  th e  to ta l ch ange fo r  a 
p H  change o f 0.1 un it. T h u s, on  the assum ption  th at, in  th is respect, 
p o ly -L -tyrosine  behaves ap p rox im ate ly  in  th e  sam e m anner, a sig
n ificant e ffect w ou ld  be  expected .
(14) E. Hamori and H. A. Scheraga, J. Phys. Chem., 71, 4145 
(1967).
(15) The circuit diagram and a discussion of the rps has been de
posited as an appendix to this note with the American Documenta^- 
tion Institute, Auxiliary Publications Project, Photoduplication 
Service, Library of Congress, Washington 25, D. C., where it may be 
obtained by ordering Document 9623 and remitting $1.25 for micro
films or $1.25 for photoprints. Make checks payable to: Chief,
Photoduplication Service, Library of Congress.
(16) R. G. Bates, “ Electrometic pH Determinations,”  John Wiley and 
Sons, Inc., New York, N. Y ., 1954, p 111,
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Figure 1. Variation of the specific optical rotation of 
poly-L-tyrosine solutions with temperature. Polymer 
concentration: 0.2 g/100 g, ionic strength: 0.2 M  NaCl.

strate and measure the effect of temperature on the 
pH of the solutions are as follows: (poly-L-tyrosine 
concentration: 0.1 g/100 g, ionic strength: 0.2 M  
NaCl), at 12.5°, pH 11.72; at 25.0°, pH 11.46; and 
at 34.0°, pH 11.19. In spite of the higher polymer con
centration used (to accentuate possible buffering), 
the decrease of pH with increasing temperature is 
clearly demonstrated by these data. It can be esti
mated from these values that a temperature increase 
from 16 to 21° would lower the pH of the solution used 
in the temperature-jump experiments from about 11.40 
to about 11.30. As shown in the previous paper,14 
for poly-L-glutamic acid this small pH change would 
bring about a change in the ionization of the side chains, 
such that 38% of that ionization change would be 
kinetically controlled by the conformation change of the 
macromolecule. Under isothermal conditions, this 
change in pH would decrease the optical density of the 
same solution at 245 npt by about 0.2 unit in a 1-cm 
cell.8 To demonstrate the increase in helix content 
brought about by this temperature-induced pH change, 
optical rotation experiments were carried out. Figure 
1 shows the results of these measurements at various 
temperatures under conditions described in the legend. 
A significant increase of the optical rotation, a com
monly used qualitative measure of the helix content, 
is indicated for the solution at the transition pH of
11.4. These changes, however, are somewhat smaller

Figure 2. Oscillogram from a typical temperature jump. 
Ordinate: optical density of the solution at 245-m/x 
wavelength, arbitrary scale. Abscissa: time, 20 
Msec/division. Poly-L-tyrosine concentration: 0.002 
g/100 g, ionic strength: 0.2 M  NaCl, pH25 11.40.

Figure 3. Illustration of the use of the relaxation process 
simulator. Thin jagged line: tracing of the oscillogram
shown in Figure 2 : ---------, rps curve with rr =
0-Msec setting;---------------- , same with rt = 2-nsec
setting;---------- , same with t, — 5-msec setting;
rh was set to 4.5 Msec for all three curves.

than expected from the published isothermal optical 
rotation vs. pH data.7'8 These measurements indicate 
that the expected increase in helix content does take 
place when the temperature of the solutions is raised, 
as in the pH-jump experiments. The apparent dif
ference between the literature values7-8 and our data 
indicates that, in our experiments, the effect of decreas
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ing pH, which shifts the helix-coil equilibrium toward 
higher helix content, is 'partially compensated by the 
increasing temperature, which has the opposite effect.

Several experiments were carried out at pH 11.40 
and 11.50. A typical oscillogram photograph is shown 
in Figure 2. It can be seen that the chemical relaxa
tion is very fast and that the new equilibrium concen
tration is established in a few microseconds. To as
certain the slowest possible chemical relaxation which 
is hidden in the pH-jump records, the oscillograms 
were evaluated with the rps. Figure 3 demonstrates 
the use of this instrument in the evaluation of the pH- 
jump shown in Figure 2. The exponential lines of 
Figure 3 are the relaxation curves generated with a 
heating time-constant of 4.5 gsec and chemical relaxa
tions characterized by rr = 0, 2, and 5 ¿¿sec, respectively. 
The superposition of these on the actual oscillogram 
(jagged lines) shows that chemical relaxation times 
greater than 1 or 2 gsec are incompatible with the os
cillogram obtained. (The seemingly small horizontal 
displacements are highly significant since the accuracy 
of the time coordinate is very high.) A similar evalua
tion of 20 oscillograms at pH 11.40 and at pH 11.50 
indicated the same results. A limited study at ionic 
strengths different from 0.2 M  (he., 0.3-0.4 M  NaCl) 
also indicated the same behavior.

Owing to the significant amount of stray light present 
in the ultraviolet observation beam of the temperature- 
jump apparatus, meaningful values for the absolute 
value of the change in optical density corresponding to 
the vertical oscilloscope beam deflections could not be 
obtained. Thus, the question arises as to whether the 
deflection seen on the oscilloscope in the first few micro
seconds is the entire reaction triggered by the pH 
jump or is only a part of the total optical density 
change which is followed by a slow reaction not notice
able at the fast sweep rate used. The possibility of a 
reaction slower than 2 gsec was eliminated by the fol
lowing observations. (1) pH jumps recorded using a 
500-Msec/cm oscilloscope sweep rate indicated no 
further deflections in the 0.1-4-msec time range.
(2) The oscilloscope trace-position gauge9 did not show 
voltage changes greater than those of the fast change up 
to a few seconds after the pH jump. (3) In the Cary 
14 spectrophotometer the pH jump induced by a rapid 
stirring of the solution with a heated spatula did not 
give evidence of any further reaction in the 1 sec-l-min 
range.

Since no relaxation time was observed in the 2 X 
10~6 sec-1 min range, it appears that the chemical 
relaxation arising from the changes in the helix content 
of a partially helical poly-L-tyrosine macromolecule is 
characterized by a time constant of less than 2 gsec.

It is known from the studies of Hammes, Schwarz, 
Eigen, and Lumry that, in aqueous poly-L-glutamic 
acid solution, the relaxation time of the helix-coil 
transition is between 5 X 10~8 and 10-6 sec.3-6 Con
sidering the bulky side chains of poly-L-tyrosine, there 
appear to be no reasons to believe that the helix-coil 
relaxation time of this polymer would be less than that 
of poly-L-glutamic acid. With this assumption, the 
relaxation time characteristic of the helix-coil transi
tion of poly-L-tyrosine can be given as 2 X  10-6 sec >  
t >  5 X 10~8 sec. Since neither the relaxation time 
of the poly-L-glutamic acid nor that of poly-L-tyrosine 
is known sufficiently accurately, the effects of side 
chains on helix-coil transition rates cannot be evaluated 
quantitatively. It appears, however, that the simi
larity of the range found in the present study with that 
for poly-L-glutamic acid renders unlikely the possi
bility that side-chain effects would have a dominant 
role in determining the rates involved in the helix- 
coil transformation changes of poly-L-tyrosine or poly- 
L-glutamic acid.

Acknowledgments. Thanks are due to Mr. Gary 
Davenport for the construction of the rps and to Mr. 
Terry Troxell for help with the experimental work.

A Filter Paper Diaphragm Technique 

for Diffusion Coefficientsla

by Maurice M. Kreevoy and Eugene M. WewerkaIb
School of Chemistry, University of Minnesota,
Minneapolis, Minnesota 55455 (.Received July 6, 1967)

The interpretation of kinetic data is often easier if 
certain diffusion coefficients are available. While a 
large number of these have been measured and col
lected,1 2 the possible combinations of solute and solvent 
are almost infinite. In the present paper an apparatus 
and technique, generally applicable for the measure
ment of relative diffusion coefficients, is described. In 
many cases, a measurement can be completed in 1 hr, 
the reproducibility is of the order of ±2%, and the 
technique used is familiar to kineticists. Its applica
tion to Hgl2 in water and in isooctane (2,2,4-trimethyl-
(1) (a) Supported, in part, by the Petroleum Research Foundation
through Grant PRF 1912-A3,4. (b) Los Alamos Scientific Labora
tory, Los Alamos, N. M.
(2) S. B. Tuwiner, “ Diffusion and Membrane Technology,”  Rein
hold Publishing Corp., New York. N. Y ., 1962, pp 369-373.
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SIDE CROSS-SECTION

pentane), to iodine in isooctane, and to toluene in n- 
hexane are described.
Experimental Section

The apparatus is depicted in Figure 1. It was en
tirely fabricated from Teflon. In operation, the lower, 
threaded cup was filled with a dilute solution contain
ing both the unknown and the reference substance. 
The small lip permitted filling slightly above the flat 
surface so that the membrane, a piece of filter paper, 
could be wetted with the solution and placed in contact 
with the surface, leaving no air bubbles. Excess solu
tion was then blotted up, the upper portion of the ap
paratus was screwed firmly in place, and an appropri
ate quantity of pure solvent was placed in the upper 
compartment. The lower part of the apparatus was 
enclosed in a thin polyethylene bag and was mounted 
in a constant-temperature bath. The magnetic stirring 
bar was driven by an air- or water-powered magnetic 
stirrer mounted in the bath directly beneath the ap
paratus. The stirrer in the upper compartment was 
driven mechanically at 300 rpm unless otherwise noted. 
Samples (3 ml) were withdrawn for spectrophotometric 
analysis from the upper compartment before stirring 
was begun and at appropriate intervals thereafter. 
Each sample was returned after the analysis and before 
the next was withdrawn so that the volume remained 
approximately constant.

The reference substance was chosen so that its con
centration and that of the unknown could both be 
determined in the same sample by spectroscopic

measurements at two wavelengths. The concentra
tion of neither the unknown nor the reference exceeded 
0.2 M , so that neither influenced the bulk properties 
of the medium (i.e., viscosity, density) appreciably.

Commercial reagents, of at least reagent grade, were 
used throughout this work without further purification. 
Except where otherwise noted, Schleicher and Schuell 
No. 589 White Ribbon filter paper was used as the 
diaphragm.
Results

As expected,3 each component, in each experiment, 
appeared in the upper compartment according to a 
first-order rate law, shown in eq l.4 5 The concentra-

2.303 
t -  t0

log = k (1)
tion of a solute in the upper compartment at some 
time, t, is C f

Typical tests of eq 1 are shown in Figure 2. The 
best straight lines through the points were drawn by 
inspection, and were used to calculate values of k. 
The diffusion coefficient, D, is proportional to k, the 
proportionality constant depending on the physical 
characteristics of the apparatus and the diaphragm.6 
Thus, £>x, the diffusion coefficient of X, is given by

£>x =  -D s /cx /fe  (2 )

where quantities subscripted with S refer to a standard 
substance whose diffusion coefficient is known. The 
derived values of Dx should be independent of the vol
ume of solvent in the upper compartment of the appara
tus, the porosity of the filter paper, and the stirrer speeds.

Table I : Diffusion Coefficient of H gl2 in Isooctane at 25°

D iaphragm Volume, 106Z)Hgl2,
paper m l cm2 sec-1

a 30 2 .6 1 4
a 30 2 .53 *
b 60 2 .4 8
c 60 2 .5 7

“ Schleicher and Schuell No. 589 White Ribbon filter paper. 
b Schleicher and Schuell No. 589 Blue Ribbon filter paper. 
c Eaton Dikeman Co. No. 615  qualitative filter paper. d Average 
of six determinations with average deviation from the mean of 
0 .05  X  1 0 -6 cm2 sec-1. * Mechanical stirrer slowed from 300 
to 150.

(3) Reference 2, pp 39, 73.
(4) A. A. Frost and R. G. Pearson, “ Kinetics and Mechanism,”  
John Wiley and Sons, Inc., New York, N. Y ., 1961, p 29.
(5) Reference 2, p 73.
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Figure 2. Optical densities, A ,  are proportional to 
concentration, so eq 1 was tested by plotting optical density 
differences, on a logarithmic scale, against t , as shown.
A small correction, given by A  t272 eHEi2240/eHgi22,!! has been 
substracted from each At240 before plotting, to remove the 
contribution of H gl2 at that wavelength. The 
€hsis’s are extinction coefficients of mercuric iodide.
The superscripts indicate wavelengths.

Table I shows that this is true for Hgl2 in isooctane 
(2,2,4-trimethylpentane) with CC14 as a standard. (In 
this solvent DCcu is 2.57 X 10-8 cm2 sec-1 at 25°.)2

The combined changes of variables shown in Table I 
resulted in changes in observed half-life of nearly an 
order of magnitude, from about 5 min to nearly 50 
min, without appreciable change in DHgi2. The Hgl2 
concentration used in these experiments was 10~4 M ;  
the CC14 concentration was 0.2 M . Halving the latter, 
to 0.1 M , gave an inappreciably different DHgi„ 2.55 X 
10-8 cm2 sec-1.

Table II summarizes the diffusion coefficients ob
tained, all at 25°.

Table II : Diffusion Coefficients at 25°

S u b s ta n c e S o lv e n t S ta n d a r d
lÔ Dx.

c m 2 sec

H gl, Isooctane e c u 2.59
H gh Water CH3COOH“ 1.22
h Isooctane Hglj 2.79
CeHsCHa n-Hexane CCI/ 4.11

“ -DchsCooh in H20  at 25° is 1.195 X  10~6 cm2 sec-1 (V. Vitag- 
liano and P. A. Lyons, J .  A m .  C h e m . S o c . , 78, 4538 (1956)). 
b D c c u  in m-hexane at 25° is 3.70 X  10 ~6 cm2 sec-1 (ref 2).

The average deviation from the mean, among a total 
of 11 determinations of Z>Hgis in isooctane, was 2%. 
This is also the order of the difference between the 
present value of D cjuciu and 4.21 X 10-5 cm2 sec-1, 
the value reported by Chang and Wilke.6 Thus, D x, 
measured by this procedure, seems to have an uncer
tainty of 1-2%, depending on the number of replica
tions.
Discussion

None of the techniques described is new, but the 
present combination seems particularly suitable. The 
diaphragm cell was introduced by Northrup and An
son,3'7 and the use of filter paper diaphragms was intro
duced by Gage.8 The measurement of first-order rate 
constants is very well developed4 and much more 
reliable than dependence on just two measurements of 
concentration.3 It also does not depend on an accurate 
knowledge of proportionality constants if an instru
mental method of analysis is used. The use of an in
ternal standard is particularly desirable when filter 
paper diaphragms are used, as these may not be exactly 
reproducible. It also halves the time required for a 
determination.
(6) P. Chang and C. R. Wilke, J. Phys. Chem., 59, 592 (1955).
(7) J. H. Northrup and M. L. Anson, J. Gen. P h y s i o l 12, 543 
(1929).
(8) J. C. Gage, Trans. Faraday Soc., 44, 253 (1948).
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COMMUNICATIONS TO THE EDITOR

Broadening of Carbonyl Stretching Vibration 

Bands Appearing for Acrylate Copolymers

Sir: Environmental effects upon infrared and nmr 
spectra have been discussed for the purpose of in
vestigating the sequence distribution in copolymer 
chains.1-4 However, reports available to date con
cerning this subject in infrared spectroscopy have been 
confined mainly to the shift of characteristic bands 
and the change in absorbing intensities.1 2 3 4’2 4 The 
present communication deals with a preliminary result 
that the 1730-cm-1 band characteristic of the stretching 
vibration of C = 0  groups in methyl acrylate (MA)- 
styrene (ST) copolymers exhibited broadening with 
increase in the MA content. The half band width 
measurement in this study was made tentatively using 
the apparent band profile obtained directly on recording 
paper.

The samples were prepared by copolymerizing MA 
and ST monomers in benzene with azobisisobutyroni- 
trile as the initiator at 75°. The whole polymers thus 
obtained were used for the infrared measurement. The 
infrared spectra were taken with a Perkin-Elmer 
Model 521 spectrometer with grating. The spec
trometer was calibrated against the 1609.7- and
1603.0-cm-1 bands of indene and polystyrene, respec
tively. The spectra were recorded using films prepared 
from benzene solutions. The film thickness for each 
measurement was adjusted in such a way that the ab
sorbance at 1730 cm-1 for each sample fell in a range 
of 0.7-0.8. The slit width of the spectrometer was set 
at 125 fj, (80 cm-1), and this affected the band height 
only by 1%  according to the Ramsay estimation,5'6 
so that possible distortions of the true band shape in 
question should have been minimized.

The spectra in the proximity of the 1730-cm-1 
band for copolymer samples and an MA homopolymer 
are shown in Figure 1, from which the peak position 
and the half band width (measured in cm-1) were read. 
The reproducible accuracy of these readings was within 
±0.5 cm-1. The result is given in Table I.

It can be seen from Table I that although no shift 
of peak position is observed practically with changes 
in the composition, the half band width, APh, decreases 
regularly with decreasing the MA content. Thus an 
attempt was made to interpret this trend in terms of 
the sequence length in copolymer chain, and values of 
AVh were plotted against P 2 and P 3, which are the 
probabilities for finding the connections MA-MA and 
MA-MA-MA in a chain, respectively. These proba

bilities were evaluated from the reactivity ratios 
for ST(1) and MA(2); rt = 0.75 and r2 = 0.20 at 
70°.7 Figure 2 shows that Avh is linearly proportional

Table I : Changes in Peak Position and Half Band Width of 
Carbonyl Absorption Band with Acrylate Content

M A P e a k B a n d
P o ly m e r c o n te n t , p o s i t io n , w id th ,

c o d e m o le  % c m -1 c m -1

PMA 1 100 1733 36.1
SM 25 74.2 1733 31.2
SM 40 57.5 1733 22.4
SM 50 47.3 1734 19.2
SM 65 34.2 1733 19.2
SM 76-1 22.4 1733 17.5

Figure 1. Absorption band profiles for carbonyl groups in the 
proximity of 1730 cm-1. Curves A, B, and C are for PM A 1, 
SM 50 and SM 76-1, respectively.

to P?„ the triad sequence probability. This fact im
plies, at least, that the principal factor producing 
broadening of the 1730-cm-1 band is undoubtedly 
perturbation by neighboring carbonyl groups in an

(1) G. M. Kline, “ Analytical Chemistry of Polymers,”  Part II, 
John Wiley and Sons, Inc., New York, N. Y ., 1962.
(2) G. Schnell, Ber. Bunsenges. Physik. Chem., 70, 297 (1966).
(3) U. Johnsen, ibid., 70, 320 (1966).
(4) Y. Yamashita, Kagaku (Kyoto), 27, 59 (1966).
(5) K. S. Seshadri and R. N. Jones, Spectrochim. Acta, 19, 1013 
(1963).
(6) D. A. Ramsay, J. Am. Chem. Soc., 74, 72 (1952).
(7) T. Alfrey, Jr., E. Merz, and H. Mark, J. Polymer Sei., 1, 37 
(1946).
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intramolecular sense. In addition, it is of interest to 
note that the plot passes, when extrapolated to P3 = 0, 
through an intercept which corresponds to the AVh 
value obtained for MA homopolymer in benzene so
lution (17.7 cm-1)- Another finding is that the band 
width tends to increase with elevating temperature.

Figure 2. Plots of half band width against dyad and triad 
sequence probability, P2 and Pi, respectively.
For details, see text.

In connection with the above observations, it should 
be noted that the half band width of the 0 = 0  band 
found for dimethyl fumarate is clearly smaller than 
that for dimethyl maleate when they are determined 
in benzene solution. The difference in the steric con
figuration of carbonyl groups appears to be reflected 
in the band width. Further detailed observations 
and a pertinent interpretation of this phenomenon 
will be given in due course.
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R e s e a r c h  L a b o r a t o r y  F u m io  K a m i y a m a

Se k i s u i  C h e m i c a l  C o m p a n y  H i s a y u k i  M a t s u d a

M is h i m a - g u n , O s a k a - f u , J a p a n

I n s t it u t e  f o r  C h e m i c a l  R e s e a r c h  H ir o s h i  I n a g a k i

K y o t o  U n iv e r s it y  

T a k a t s u k i , O s a k a - f u , J a p a n

R e c e iv e d  A u g u s t  3, 1967

Proton Ejection Accompanying Light-Induced 
Electron Transfer in the 
Chlorophyll-Quinone System
Sir: Linschitz and Rennert1 have shown that chloro
phyll undergoes a reversible photobleaching in the 
presence of benzoquinone. Tollin and his co-workers2 3-s 
demonstrated by esr measurements that the benzo- 
semiquinone ion radical is formed in these light-acti
vated single electron transfer reactions. The present 
paper presents evidence to show that these reactions 
are accompanied by the ejection of a proton. Studies 
performed in the aprotic solvent, dimethylformamide, 
demonstrate that chlorophyll is the proton source.

The apparatus used to measure the proton ejection 
has recently been described.4 5 A Corning S2-61 filter, 
which is opaque to all wavelengths below 600 nig, was 
used. Chlorophylls a and b were prepared by the 
method of Zscheile and Comar.6 p-Benzoquinone was 
purified by sublimation, p-chloranil was recrystallized 
from acetone, dimethylformamide was distilled under 
vacuum from calcium hydride, and the methanol used 
was the spectrophotometric grade (Fisher). Benzo
quinone in alcohol slowly forms a species which ab
sorbs at 355 mg. Since this species is not formed in 
either dimethylformamide or with chloranil, it is as
sumed to have little or no effect on the final results 
presented.

Figure 1 shows the apparent proton ejection from 
both the chlorophyll a- and b-quinone systems in 
methanol. Solutions were deaerated by flushing with 
nitrogen pretreated with a chromous chloride solution. 
The dashed line illustrates results obtained after the 
air-free solutions were exposed to air for at least 0.5 hr. 
These are typical results obtained in a series of light 
and dark intervals. Irradiation of the chlorophylls 
alone in methanol in the presence of air gives irreversible 
alkaline reactions which are probably due to the basicity 
of the products from the photooxidation of the chloro
phylls. Air-free systems of chlorophyll b give no pH 
response but a slight alkaline reaction is obtained with 
chlorophyll a. This may be due to residual oxygen 
present in the system. Studies of the chlorophyll b- 
p-chloranil system in methanol showed that more pro
tons are ejected than observed with benzoquinone. The 
apparent proton ejection activity is in the range of
(1) H. Linschitz and J. Rennert, Nature, 169, 193 (1952).
(2) G. Tollin and G. Green, Biochim. Biophys. Acta, 60, 524 (1962).
(3) G. Tollin, K. K. Chatterjee, and G. Green, Photochem. Photobiol., 
4, 592 (1965).
(4) K. P. Quinlan and E. Fujimori, ibid., 6, 665 (1967).
(5) F. P. Zscheile and C. L. Comar, Botan. Gaz., 102, 463 (1941).
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Figure 1. Ejection of protons from chlorophyll-quinone 
systems in methanol. Right ordinate represents 
results obtained in air. The upward arrows represent light 
on; downward, light off. Top figure: chlorophyll a,
3.7 X 10-5 M\ with quinone, 0.03 M. Bottom figure: 
chlorophyll b, 2.3 X 10 “6 M; with quinone, 0.03 M.

10-6 M . Proton ejection has also been observed in 
the present study with the quinone systems of pheo- 
phytin, bacteriochlorophyll, and hematoporphyrin. 
These studies will be reported later.

A possible explanation of the observations is pre
sented in the following simplified scheme

CHLH - X  CHLH* (1)
CHLH* —> CHLH' (2)

CHLH'(CHLH*) +  Q -—> CHL- +  Q -- +  H + (3)
where CHLH* and CHLEP are the excited singlet and 
triplet states of chlorophyll. The interaction of 
quinone with either of the excited states of chlorophyll 
as in eq 3 is well documented.6 Figure 1 also shows 
that the proton ejection activities are of the same order 
of magnitude whether air is present or not. This is 
surprising since both quinone and oxygen are known 
to compete for the excited states of chlorophyll.6 
The role of the chlorophyll-oxygen complex7-9 in these 
light-activated reactions is uncertain. This aspect of 
the problem is currently under investigation.

The ejected proton in the present system can originate 
from two possible sources: (A) reaction 3 and (B) the 
solvent, where CHLH • + is a cation of a weak base and 
Q •-  is an anion of a strong acid. Studies performed in 
the aprotic solvent, dimethylformamide, show that a 
proton is ejected as in reaction 3. In this study a calo
mel electrode, containing a saturated solution of KC1 
in dimethylformamide, was used. The theoretical 
behavior of this type of an electrode system has re
cently been shown by Ritchie and Megerle.10

The results presented in the present paper are not 
only important in gaining insight into the mechanism 
of the light-activated electron transfer of chlorophyll 
systems but also lend support to the current hypothesis11 
which relates the dissociation of some form of chloro
phyll to the chemiosmotie12 theory of photophosphory
lation in photosynthesis.
(6) R. Livingston, Quart. Rev. (London), 14, 174 (1960).
(7) E. Fujimori and M. Tavla, Photochem. Photobiol., 5, 877 (1966).
(8) R. Livingston and K. E. Owens, J. Am. Chem. Soc., 78, 3301 
(1956).
(9) G. O. Schenck, Naturwissenschaften, 40, 205 (1953).
(10) C. O. Ritchie and G. H. Megerle, J. Am. Chem. Soc., 89, 1447 
(1967).
(11) H. T. Witt, G. Doring, B. Rumberg, P. Schmidt-Mende, U. 
Siggel, and H. H. Stiehl in “ Energy Conversion by the Photosyn
thetic Apparatus,”  Publication No. 19, Biology Department, Brook- 
haven National Laboratory, Upton, N. Y., 1967, p 161.
(12) P. Mitchell, Nature, 191, 144 (1961).

P h o t o c h e m is t r y  S e c t io n  K e n n e t h  P . Q u i n l a n

E n e r g e t ic s  B r a n c h  E i j i  F u j im o r i

Sp a c e  P h y s ic s  L a b o r a t o r y  

L .  G. H a n s c o m  F i e l d  

B e d f o r d , M a s s a c h u s e t t s  01730
R e c e iv e d  A u g u s t  14, 1967

The Intracrystalline Rearrangement of 
Constitutive Water in Hydrogen Zeolite Y
Sir: The loss of constitutive or chemical water from 
hydrogen zeolite Y occurs at temperatures above 500° 
at 10-6 torr.1 ’2 We have found that this reaction occurs 
in several minutes, using an inert purge gas at 650 to 
750° and approximately 760 torr. The product has 
poor thermal stability.

Hydrogen zeolite Y heated 2-4 hr at 700-800° in an 
inert static atmosphere, where the chemical water 
remains in the environs of the hydrogen zeolite, yields 
a substance of unusually high thermal stability. This 
material remains crystalline on heating to 1000°, 
whereas sodium and hydrogen zeolite Y both lose their 
zeolite crystal structure at temperatures below 950°. 
McDaniel and Maher report the synthesis of a zeolite 
Y of similar high stability.3 They do not define the 
critical requirements for its formation nor do they 
account for its composition.
(1) H. A. Szymanski, D. N. Stamires, and G. R. Lynch, J. Opt. Soc. 
Am., 50, 1323 (1960).
(2) J. B. Uytterhoeven, L. G. Christner, and W. K . Hall, J. Phys. 
Chem., 69, 2117 (1965).
(3) C. V. McDaniel and P. K. Maher, preprint of paper presented 
at Molecular Sieve Conference, London, April 1967.
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S chem e I

VSi
0  H
1 I

>  Si—0 —A1 O—Si< +  3H20  —>
I0
ISi

A

I
V
Si
0  H
1 I

>  Si—0—A1 0 —Si< +  A1(0H),
I0
Si
A

In this stable zeolite, approximately 25% of the 
aluminum is present in cationic form. Clearly this 
cationic aluminum is derived from tetrahedrally co
ordinated aluminum that was initially in the anionic 
zeolite framework. About 80-90% of this aluminum 
is exchanged by sodium ion on treatment with 0.10 A 
sodium hydroxide solution. The resulting sodium form 
of the aluminum-deficient zeolite is also markedly more 
thermally stable than the ordinary sodium zeolite Y. 
The cause of this increased stability is under study.

This zeolite contains 175 (Si +  Al) tetrahedra per 
unit cell in the anionic framework compared with 192 
universally recognized in faujasite. Obviously this 
stable material is chemically different from the usual 
faujasites.

We propose the mechanism shown in Scheme I to 
explain the role of chemical water and the formation 
of cationic aluminum. Reaction 1 is a hydrolysis in
volving chemically derived water. Any technique for 
keeping this water in the system during the heating 
process will result in a stable product. Reaction 2 is 
a neutralization involving the newly formed transient 
Al(OH)3 and Br0nsted acid sites that still contain 
chemical water. The cationic aluminum species in

V
Si
IO
H

> Si—O—H H—O—Si< +  Al(OH)3 (1)
H
0
1Si
A
II

V
Si
I0  Al(OH)2®
1 ©—> > Si—O—Al—O—Si < +  H20  (2)
I0
Si
A
III

structure III may react with one or two additional 
protons to yield Al(OH)2+ and AP+. Studies to be re
ported later show that cationic aluminum has an aver
age charge of 1.5, indicating the presence of both Al- 
(OH)2+ and Al(OH)2+.

Thermogravimetric studies of the stable material sug
gest that it contains no chemical water in its final form. 
Therefore, the four hydroxyl groups in structure II are 
probably lost as water, resulting in some type of 
Si-O-Si bonding. The nature of these sites is not 
presently known, but the pronounced contraction of 
the unit-cell dimensions of this material, relative to 
sodium and hydrogen zeolite Y, is probably related to 
the formation of the aluminum-deficient sites. Water 
derived from these sites and from the proposed hy- 
droxylated aluminum cations is available for hydrolysis 
of additional Brpnsted acid sites. Details of our 
investigation will be reported later.
M o b il  R e s e a r c h  a n d  G e o r g e  T . K e r r

D e v e l o p m e n t  C o r p o r a t io n  

C e n t r a l  R e s e a r c h  D i v is i o n  L a b o r a t o r y  

P r in c e t o n , N e w  J e r s e y  08540
R e c e iv e d  J u n e  23, 1967

The Journal o f  P hysica l Chem istry



Communications to the Editor 4157

Double-Layer Effect on “ External Transport 

Numbers”  in Molten Lead Chloride1

Sir: The use of porous electrode-compartment separa
tors as velocity reference in defining “external transport 
numbers” of the ions in molten salts has become com
monplace in recent years.2 The significance of such 
quantities has yet to be adequately elaborated, 3 but 
most workers have assumed them to be intrinsic proper
ties of the molten salt. Although their measurement 
requires interaction of the salt with the porous separa
tor, evidence has been presented in the case of PbCl2 

to indicate independence of experimental results on the 
nature of the separator.4 In that study the trans
ference number of Cl-  was found to be within 1 % of 
0.75 for each of three different separators: an “ultra- 
fine” porosity Pyrex frit (max pore diam, 0.9 m) ; a piece 
of unglazed porcelain; and a wad of asbestos fibers 
packed tightly between “coarse” porosity Pyrex frits. 
Subsequent conceptual analysis of these experiments 
has convinced us that they represent a form of electro
osmosis in which the value of the “transference number” 
observed is determined inside the pores of the separator, 
within a few ionic diameters of the interface between 
salt and pore wall. 3

Assuming the variations of separator material 
studied previously were insufficient for those transport 
number experiments to reflect corresponding differences 
in the properties of the interfacial region, we have been 
seeking a suitably porous material that is chemically 
inert to the melt but conducts electronically. Used as 
a separator of the electrode compartments, such a mate
rial could be charged to any potential between that at 
which lead deposits and that of chlorine evolution, a 
span of more than 1 v, without any electrochemical 
reaction occurring within its pores. If our hypothesis 
is correct, the corresponding effect on the structure of 
the electrical double layer might be expected to pro
duce a noticeable dependence of the transference num
bers on the potential.

As yet unable to produce a workable cell containing 
such a frit, we have nevertheless succeeded in demon
strating the proposed effect by means of a brute-force 
technique. Wrapping a platinum wire around the out
side of the tube containing an ultrafine Pyrex frit, we 
applied potentials ranging from — 1 0  to + 1 0  v (relative 
to one of the lead electrodes) at this point, while carry
ing on normal transference runs by a method similar to 
that of Fischer and Klemm.5 A pronounced effect of 
frit potential on the transference numbers is evident 
in the results summarized in Table I. It is seen that 
negative frit potentials enhance the transport numbers

of the chloride ions passing through, while the effect of 
positive potentials is consistent with this trend at + 5  

v, but shows a change in direction upon reaching 
+  1 0  v.

Table I : Effect of Externally Applied Potential on 
Transference Numbers of PbCh in Ultrafine 
Pyrex Frits at 565°

Applied Av (_ No. of
potential, v obsd Std dev runs

0 0 .7 6 2 ± 0 . 0 2 5 18
- 5 0 .8 0 2 ± 0 . 0 3 7 9

- 1 0 0 .8 5 8 ± 0 . 0 4 0 10
+  5 0 .7 1 6 ± 0 . 0 3 7 7

+  10 0 .7 6 0 ± 0 . 0 3 4 8

Although glass does not conduct electronically, it is 
reasonable to expect the high voltage on the external 
wire to have some effect on the double layer at the salt- 
glass interface. There is actually a detectable current 
flowing through this interface when the potential is 
applied to the wire, presumably carried by cations 
entering or leaving the glass. This current, initially 
greater than 1 ma, rapidly decays to a steady-state 
value less than 0.5 ma, which is negligible compared 
with the electrolysis current of around 50 ma. It was 
independently established that the “frit current” pro
duces no detectable volume changes in the absence of 
electrolysis. We attribute the observed effect on t -  
at negative potentials to an increase in the concentra
tion of Pb2+ immobilized at the glass interface by 
increased electrostatic attraction. This results in en
hancement of the concentration of mobile chloride ions 
in the salt immediately adjacent to this layer. It is 
the ions in this region that determine the motion of all 
the salt in the pore relative to its wall, so that we 
observe an apparent increase in the relative mobility 
of Cl- .The effect at +10 v is difficult to explain, but may 
be an indication that some Na+ ions, rather than Pb2+, 
are emerging from the glass in spite of our efforts to 
supply an excess of the latter during initial runs at 
negative potentials. It is known that Na+ has a far
(1) This work is part of a program supported by the U. S. Atomic 
Energy Commission.
(2) For a summary of work prior to 1964, see the chapter by A. 
Klemm in “ Molten Salt Chemistry,”  M. Blander, Ed., Academic 
Press, New York, N. Y., 1964.
(3) R. W. Laity in “ Encyclopedia of Electrochemistry,”  by C. A. 
Hampel, Ed., Reinhold Publishing Co., New York, N. Y., 1964, p 653.
(4) F. R. Duke and R. W. Laity, J. Phys. Chem., 59, 549 (1955).
(5) W. Fischer and A. Klemm, Z. Naturforsch., 16a, 563 (1961).
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greater mobility than any doubly charged ion in glass, 
and its presence on the salt side of the double layer 
could introduce complicating structural modifications.
S c h o o l  o p  C h e m is t r y  R ic h a r d  W. L a it y

R u t g e r s  U n iv e r s it y  C a r l -A x e l  Sjo b l o m

N e w  B r u n s w i c k , N e w  Je r s e y  08903

R e c e iv e d  Ju l y  13, 1967

New Electron Spin Resonance Spectra in 

y-Irradiated Alkyl Halides at 77°K1 2 3

Sir: The reported esr spectra of most alkyl halide 
glasses which have been y irradiated at 77°K are 
attributable to the alkyl radical formed by rupture of 
the C-X bond, 2 -4  indicating that other paramagnetic 
species (such as X, X2~, RX-X, RX+, RX~) postulated 
to account for portions of the optical spectra5'6 are 
present at very low concentrations or are obscured by 
line-broadening effects. Relatively complex spectra 
observed from some polycrystalline alkyl iodides4 ■7 and 
some alkyl bromides8' 9 have been attributed to spin- 
orbit coupling involving the halogen nucleus in halogen- 
containing radicals.

Using esr sensitivities ranging up to several hundred 
times that required to give full-scale deflection for alkyl 
radicals produced by radiolysis of glassy alkyl halides, 
we have found that all y-irradiated glassy and poly
crystalline alkyl iodides and bromides tested give esr 
spectra at much lower and higher magnetic fields than 
previously observed.

The low-field spectra fall into four types correspond
ing to spectra A, B, C, and D of Figure 1: (A) poly
crystalline C2H6I, (B) polycrystal line n-C4H 9I, (C) poly
crystalline «-C3H7I, n-CsHgl, n-C6Hi3I, n-C7H15I, and 
(D) all glassy and polycrystalline n-alkyl bromides 
from C2 through C7. The low-field spectra of alkyl 
iodide glasses are similar to the type C spectra after 
some change in the relative peak heights of the latter 
during standing at 77°K. All of the alkyl iodides, in 
either the glassy or polycrystalline form, give high- 
field spectra similar to E. The high-field spectra of 
the bromides are all similar to F. y-Irradiated poly
crystalline n-alkyl chlorides from C2 through C6 give 
no esr spectra at fields more than 250 gauss below or 
above the free electron g value, although some structure 
above and below the alkyl radical signal is present in 
every case. Glassy chlorides, when obtainable, give 
similar results.

For all alkyl halides tested the central spectral 
features (in the region of 3260 gauss) decay at 77 °K.

Figure 1. Low-field (A, B, C, D) and high-field (E, F) esr 
spectra of 7-irradiated polycrystalline alkyl iodides and 
bromides at 77°K: (A) C2H5I, signal level 400; (B)
ra-CJUI, signal level 400; (C) »-C5HUI, signal level 400;
(D) n-C4H9Br, the three sections of the spectrum being 
measured at different signal levels as indicated; (E) C2H5I, 
signal level 2500; (F) n-CsHnBr, signal level 1000. In all 
cases the modulation amplitude was about 12 gauss and 
the y dose was 4 X 1019 ev g-1. The magnetic field 
corresponding to the free-electron g value is ca. 3260 gauss.

However, some portions of the low- and high-field 
spectra grow while others decay, the growth in C2H6I 
glass being as much as fourfold in 2  days.

The low- and high-field spectra must be caused by 
halogen-containing species. Consistent with this con
clusion are the differences between the spectra of 
iodides, bromides, and chlorides. The low- and high- 
field spectra of polycrystalline and glassy C2D5I are 
identical with those of C2H8I, indicating that the ob
served line widths and line splittings are not controlled 
by hydrogen.

(1) This work was supported in part by the United States Atomic 
Energy Commission under Contract AT(11-1)-1715 and by the W. F. 
Vilas Trust of the University of Wisconsin.
(2) B. Smaller and M. S. Matheson, J. Chem. Phys., 28, 1169 (1958).
(3) P. B. Ayscough and C. Thompson, Trans. Faraday Soc., 1477 
(1962).
(4) H. W. Fenriek, S. V. Filseth, A. L. Hanson, and J. E. Willard, 
J. Am. Chem. Soc., 85, 3731 (1963).
(5) (a) E. P. Bertin and W. H. Hamill, ibid., 86, 1301 (1964); (b) 
J. P. Mittal and W. H. Hamill, ibid., 89, 5749 (1967).
(6) R. F. C. Claridge and J. E. Willard, ibid., 88, 2404 (1966).
(7) H. W. Fenriek and J. E. Willard, ibid., 88, 412 (1966).
(8) F. W. Mitchell, B. C. Green, and J. W. T. Spinks, J. Chem. 
Phys., 36, 1095 (1962).
(9) R. M. A. Hahne and J. E. Willard, J. Phys. Chem., 68, 2582 
(1964).
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Among the species which may contribute to the 
spectra of Figure 1 are X, X2- , X2+, RX-X, RX+, and 
RX~. The esr spectrum of gaseous I atoms10 11 extends 
from 3300 to 6223 gauss. We find a spectrum extend
ing from 1500 to 5000 gauss from 7 -irradiated poly
crystals prepared by fusing KI with 0.1 mole % AgN03, 
a medium in which the optical spectrum has been 
attributed to I2- .n The esr spectrum of Br2-  in X- 
irradiated KBr single crystals containing alkaline earth 
ions is observed12 * * * * * between 2000 and 4800 gauss.

Samples were irradiated to a dose of 4 X 1019 ev g- 1  

at a dose rate of 2 X 1018 ev g- 1  min-1. Magnetic 
field values were assigned with a Varian Fieldial acces
sory. The modulation amplitude of 4000 (about 12 
gauss) used gave a maximum esr signal without dis
tortion. The other experimental methods used have 
been described.6

(10) S. Aditya and J. E. Willard, J. Chem. Phys., 44, 833 (1966).
(11) C. J. Delbeeq, W. Hayes, and P. H. Yuster, Phys. Rev., 121, 
1043 (1961).
(12) W. Hayes and G. M. Nichols, ibid., 117, 993 (1960).

D e p a r t m e n t  o p  C h e m is t r y  R ic h a r d  J . E g l a n d

U n iv e r s it y  o f  W is c o n s in  J o h n  E .  W i l l a r d

M a d is o n , W is c o n s in  53706
R e c e iv e d  J u l y  17, 1967

Computed Activation Energies for Bimolecular 

Reactions of 0 2, N2, NO, N20 , N 02, and C 02

Sir: Although it had once been hoped that absolute 
rate theory would permit useful kinetic predictions for 
most reactions, the problem of predicting activation 
energies is still one of the major unsolved questions in 
chemistry since tractable accurate quantum-mechanical 
solutions do not exist for potential energy surfaces of 
reactions involving multielectron atoms. For hydro
gen atom reactions in the gas phase, it has been shown, 
however, that transition-state computations1' 2 of activa
tion energies and rate constants by a nonquantum 
method can exhibit good agreement with experiment 
when several tentative assumptions are used to provide 
interrelationships (such as Pauling’s rule3) among bond 
energy, bond order, and bond length. In an effort to 
avoid this computing method’s limitation to H-atom 
reactions, a reduced-variable treatment was devised4 

for other univalent atoms, such as the halogens.
The calculation of activation energies for the im

portant class of bimolecular reactions involving multi
valent bonds has been an even more difficult challenge 
because of the complexities introduced by the many

modes of forming or breaking bonds accessible, in 
principle, to such compounds as N20, 0 2, and C02. 
Nevertheless, certain trial postulates (outlined below) 
have been formulated which provide remarkably good 
agreement between computed and measured E 0, and, 
accordingly, show promise of adding to our understand
ing of the nature of bimolecular reactions. These E 0 
computations do not use adjustable parameters, but 
rely on bond properties such as dissociation energy and 
vibrational frequency. For the multivalent bimolecular 
transfer reaction AX +  B = A +  BX, one of the trial 
postulates relating the bond order n2 (in the transition 
state A- • -X- ■ -B) of X- • -B to the bond order n\ of 
A- • X can be written

712 =  (71, , b x / tI , , a x ) ( 71, , A X  —  7 l i )  ( 1 )

where n "  a x  is the bond order of the reactant AX, and 
n"ßx is the bond order of the product BX. Equation 1 
meets the requirement that Ri is w"ax when n2 is zero 
at the initiation of the reaction, and vice versa. For 
univalent reactions, eq 1 reduces to the previously 
used1’2’4 trial postulate that 711 +  7 1 2 = 1. Correspond
ingly, eq 1 is equivalent to the simple postulate that 
the bond-order increase of the forming bond is linearly 
related to the decrease in bond order of the breaking 
bond, with the proportionality constant equal to the 
ratio of the bond order of BX to that of AX. As in 
univalent calculations, the potential energy of activa
tion, V, in the transition state is taken as the energy 
lost by the bond AX as it dissociates to A • • • X of bond 
order nx, less the energy supplied by the formation of 
B • • • X of bond order n2, plus a repulsive energy V T 
arising from parallel electron spins on A and B.
V  — De,ax — D'Ax(ni) AX —

D  ’xb (t72) txb +  V T kcal/mole (2)
where D „,Ax  is the dissociation potential energy of AX, 
D ' is the dissociation potential energy of the single 
bond, and V T is obtained from eq 10 of ref 4. The 
exponent it is log (De/D ')/ log n " ,  which is the slope 
of the log dissociation energy vs. log bond order line. 
When Ri or n2 in eq 2 is less than one, t  is replaced by 
the slope p, calculated1 for the bond-order region below 
one. As in previous investigations,1’2’4 the computer 
program (modified for multivalent bonds) determines
(1) H. S. Johnston and C. Parr, J. Am. Chem. Soc., 85, 2544 (1963).
(2) S. W. Mayer, L. Schieler, and H. S. Johnston, J. Chem. Phys., 
45, 385 (1966).
(3) L. Pauling, “ The Nature of the Chemical Bond,’ ’ 3rd ed, 
Cornell University Press, Ithaca, N. Y., 1960.
(4) S. W. Mayer, L. Schieler, and H. S. Johnston, “ Proceedings of 
the Eleventh International Symposium on Combustion,”  The Com
bustion Institute, Pittsburgh, Pa., 1967, p 837.
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the value of n2 corresponding to the peak in the poten
tial energy, V, of the transition state. The computed 
E0 is equal to V plus a small zero-point energy cor
rection.

Activation energies computed on the basis of eq 1 
and 2 and data in the JANAF thermochemical tables 
are summarized in Table I and II, where the reactions 
are written in the exothermic direction. Although the

Table I : Comparison of Computed with 
Measured Activation Energies

Computed E o, 
kcal/m ole

Spin Ground
Reaction Measured conserva state

A X  + B = A + B X E o tion spin

N20 +  NO = n 2 +  n o2 50“ 48 2
N20 +  0  == N, +  Oi 27“ 29 0
N20 +  H == N2 +  OH 15“ 15 0
0 2 +  CO == O +  C02 50“ 49 37
HO +  CO = H +  C02 0“ 1 0
N02 +  CO = NO +  C02 325 28 1
ONN +  O = ON +  NO 27“ 29 24
0 2 +  N = O +  NO 7“ 8
N02 +  N == ON +  NO 0“ 0

“ Reviewed by K. Schofield, Planet. Space Sci., 15, 643 (1967). 
4 H. S. Johnston, et al., J. Chem. Phys., 26, 1002 (1957). 5 R. M. 
Fristrom and A. A. Westenberg, “Flame Structure,”  McGraw
Hill Book Co., Inc., New York, N. Y., 1965, p 371.

Table II: Transfers between Two Free Radicals, 
Negligible Activation Energy“

Com
puted

activa Energy*
Transi tion of new

tion energy, bond,
Reaction5 state kca l/ k ca l/

A X  + B = A + B X formula mole mole

ONO +  H = ON +  OH HONO 1 78
ONO +  O = ON +  02 o n o2 3 49
ON +  N = O +  N2 n 2o 0 (61)
HO +  0  = H +  0 2 ho2 5 63
ON +  O = O +  NO ONO 1 72
0 2 +  O = O +  02 o 3 4 26

“ The experimental Eo is ~0. (See J. T. Herron and F. S. 
Klein, J. Chem. Phys., 40, 2731 (1964) and source cited in foot
note a of Table I.) 5 Spin conservation in the transition state
can occur here via the ground state species. c JANAF thermo
chemical tables.

thermal dissociation of N 20  probably involves singlet 
0 ( 1D) crossing5 to triplet 0 ( 3P) primarily, the com
puted Eo’s of Table I indicate that bimolecular transi

tion states for N 20  reactions are consistent with 
Wigner spin conservation since the trial postulate of 
spin conservation dissociation of N 20 ( 1S) in the transi
tion state through 0 ( 1D) and N 2(12 g+) leads to very 
good agreement between computed and measured E0, 
whereas the calculation of E0 for the reaction mecha
nism allowing crossing to ground state 0 ( 3P) produces 
very poor agreement with experiment. Furthermore, 
this spin conservation (and noncrossing) postulate for 
bimolecular transition states apparently also extends 
to the reactions involving C 0 2(1S) and OH (2n), since 
Eo computed for the transfer of 0 ( ‘D) generally agrees 
much better with experiment than does E0 computed 
for crossing to 0 ( 3P). All of the reactions in Tables I 
and II exhibit conservation of orbital angular momen
tum6 although momentum conservation is generally less 
restrictive than spin conservation.

On the basis of the results summarized in Table II, 
another trial postulate can be suggested. Consider, 
for example, the transfer reaction between X O 2 and 
atomic hydrogen. Both of these reactants have an 
unpaired electron. When the H atom approaches 
the N 0 2 radical, bond formation between the H atom 
and an oxygen atom on N 0 2 can begin, therefore, 
without requiring corresponding breaking of the bond 
between N  and 0 . If the structural formula of the 
transition state is similar to that of a stable molecule 
(i.e., in which B X  would have De >  25 kcal/mole), the 
energy released during this stage of forming the new 
bond can provide the activation potential energy re
quired by eq 2 . The experimental E0 could be neg
ligible in such cases, since the energy released during 
the early stage of bond formation between the free 
radicals would be subtracted from the computed En. 
The results in Table II support the postulate that 
experimental E0 will be negligible for exothermic trans
fers in which the transition-state structure meets the 
aforementioned conditions. For each of these six re
actions, the observed E0 is less than 1.0 kcal/mole, and 
De for B X  is sufficiently high so that the computed 
requirement for E0 could readily be supplied by the 
initial bond formation between the reactant free radi
cals. No exceptions to this postulate have been found. 
The spin repulsion term, VT, of eq 2 was generally small, 
less than 2 kcal/mole, for the reactions of Tables I 
and II.

A fuller examination of these bimolecular transition- 
state postulates of spin conservation and stable bond 
formation will be prepared, along with an evaluation

(5) E. K. Gill and K. J. Laidler, Can. J. Chem., 36, 1570 (1958).
(6) K. J. Laidler, “ The Chemical Kinetics of Excited States,” 
Oxford University Press, Oxford, England, 1955, p 22.
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of the justification of the assumptions inherent in eq 1 
and eq 2 .
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L a b o r a t o r ie s  D i v is i o n  S. W. M a y e r

A e r o s p a c e  C o r p o r a t io n  

E l  S e g u n d o , C a l i f o r n i a  90245
R e c e iv e d  A u g u s t  25, 1967

Radiolytic Products of Liquid Am m onia1 2

Sir: Radiolysis of liquid ammonia results in the 
formation of H 2, N 2, and N 2 H 4 .2 -6  A recent publica
tion reports that H N 3 is also a radiolytic product.7 In 
this communication, we present the results of experi
ments8 showing that at least two other products, one of 
which is HN», are formed in the radiolysis of liquid am
monia.

Samples of liquid ammonia that had been purified by 
storage over sodium, followed by trap-to-trap distilla
tion, were irradiated at 10° with Co60 7 -rays for total 
doses of 1 X  104 5 6 to 1.5 X  108 rads. The yields of 
H 2, N 2, and N 2H 4 were measured. The amount of 
excess hydrogen, calculated from the material balance 
equation

H 2, excess ~  H 2f obsd N 2H 4p obsd 3N2, obsd

was plotted as a function of dose. Two distinct dose 
regions, (1 ) < 3 0  X  103 rads, where (7(H2,excess) =  
0.51 ±  0.03, and (2) > 5 0  X  103 rads, where 
U(H2,excess) =  0.14 ±  0.03, were found where there 
was a lack of material balance. Thus either additional 
products with a N 2 :H 2 ratio >  1 :2  were present or 
impurities were an important influence in the radiolysis. 
No evidence for any impurity was found.

When alkaline aqueous solutions of ammonia, which 
had been irradiated to doses < 3 0  X  103 rads, were 
examined spectroscopically, two broad absorption 
bands centered at 285 and 243 ran were observed 
(Figure 1, curve III) . On acidifying, these bands dis
appeared and a more intense band at 230 m/i was ob
served (Figure 1, curve IV). These absorption spectra 
were similar to that of a control solution of tetramethyl 
tetrazene (curves I and II) and to that previously 
observed for alkyl tetrazenes. 9’10 These results, to
gether with the observation that on increasing the dose 
these bands disappear with the formation of nitrogen, 
suggest that the unknown species contains a N = N  
group. Possible compounds which may be present are 
diazene ( N 2H 2) ,  triazene ( N 3 H 3 ) ,  or tetrazene ( N 4 H 4 ) .

Figure 1. Typical ultraviolet spectra of aqueous solution 
of liquid ammonia irradiated to doses <30 X 103 rads:
I, solution of tetramethyl tetrazene, pH 2.8; II, 
solution of tetramethyl tetrazene, pH 11.8; III, aqueous 
solution of irradiated ammonia, pH 11.8; and 
IV, aqueous solution of irradiated ammonia, pH 2.8.

Typical ultraviolet absorption spectra of aqueous 
solutions of ammonia, which had been irradiated to 
doses > 5 0  X  103 rads, are shown in Figure 2. In 
basic and neutral solution (curve III), absorption 
spectra show little structure, while in acid solution 
(curve IV), there is a broad absorption band at 260 
m/u. This behavior is similar to that of control samples 
of NaNs (Figure 2, curves I and II). The presence of 
N 3_  was confirmed by measuring the infrared spectra 
of (1) an acidified aqueous solution of irradiated N H 3 
and (2) of a KBr pellet prepared from this solution 
(Table I). Absorption bands characteristic of azide 
were observed. A  further experiment was carried out 
in which helium was bubbled through an acidified 
aqueous solution of irradiated liquid ammonia and 
passed through a liquid nitrogen trap. The trap was 
allowed to warm up and the resulting vapor expanded

(1) This work was performed under the auspices of the U. S. Atomic 
Energy Commission.
(2) D. Cleaver, E. Collinson, and F. S. Dainton, Trans. Faraday Soc., 56, 1640 (1960).
(3) L. Kolditz and U. Prosch, Z. Physik. Chem., 208, 108 (1962).
(4) J. R. Puig and E. Schwarz, “ Industrial Uses of Large Radiation 
Sources,”  Voi. I, International Atomic Energy Agency, Vienna, 1963.
(5) F. S. Dainton, T. Skarski, D. Smithies, and E. Wezramowski, Trans. Faraday Soc., 60, 1068 (1964).
(6) D. Schischkoff and D. Schulte-Frohlinde, Z. Physik. Chem., 44, 
112 (1965).
(7) J. Belloni, J. Chim. Phys., 9, 1281 (1966).
(8) J. W. Sutherland and H, Kramer, Annual Reports, Nuclear 
Engineering Department, Brookhaven National Laboratory, Upton, 
Long Island, N. Y .: BNL 900 (8-67), p 83, 1964; BNL 954 (S-68), 
p 88, 1965; BNL 994 (AS-20), p 61, 1966.
(9) T. M. Bins and N. R. McBride, Anal. Chem., 31, 1382 (1959).
(10) N. R. McBride and H. W. Kruse, J. Am. Chem. Soc., 79, 572 
(1957).
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Table I :  Infrared Data on Unknown “Species” 
Pound at High Doses“

KBr
pellet of NaNs Lit.
sample, control, assign

cm -1 cm -1 ment6,“

3490 3490 3455
2107 2130 2128,2189
1600 1600 1567
1267 1262 1267
730 740 718
655 658 644
637 641 628

Acidified Control
aqueous sample Lit.
solution, of HNa, assignment,6,

cm -1 cm “ 1 c m "1

3333 3333 3310*
2105 2105 2105
1600 1600

“ Perkin-Elmer Model 221 spectrophotometer. 6 H. A. 
Papazian, J. Chem. Phys., 34, 1614 (1961). c P. Gray and 
T. C. Waddington, Trans. Faraday Soc., 53,901 (1957). d A. M. 
Buswell, et al., J. Am. Chem. Soc., 61, 2809 (1939).

into a 1-m infrared gas cell. Absorption bands 
characteristic of H N 3 were observed.

From these experiments, it is concluded that H N 3

Figure 2. Typical ultraviolet spectra of aqueous solution 
of liquid ammonia irradiated to doses >50 X 103 rads:
I, solution of KN3, pH 2.8; II, solution of KN3, pH 11.8;
III, aqueous solution of irradiated ammonia, pH 2.8;
IV, aqueous solution of irradiated ammonia, pH 11.8.

is a product in the radiolysis of liquid ammonia at 
doses > 4 0  X  103 rads, and at doses < 3 0  X  103 
rads, other hydronitrogen species, possibly N 2H 2, 
N 3 H 3 ,  or N 4 H 4 ,  are formed. From mass-balance con
siderations, G(HN3) =  0.035 and C r^EE) =  0.26 or 
(?(N4H 4) =  0.13 or G(N3H 3) =  0.17.

B r o o k h a v e n  N a t io n a l  L a b o r a t o r y  J. W. S u t h e r l a n d

U p t o n , N e w  Y o r k  11973 H. K r a m e r

R e c e iv e d  S e p t e m b e r  5, 1967
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