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T H O M A S  F R A S E R  Y O U N G

by George E. Walrafen

Bell Telephone Laboratories, Incorporated, 
Murray Hill, New Jersey 07974

Thomas Fraser Young was born in Sumter, S. C., on Sep­
tember 28,1897. His family moved to Stockton, Calif, in 1901 
where his father became a judge of the superior court. In 
1916 he went to Berkeley to work for the B.A. degree at the 
University of California. Then in 1918 he volunteered for 
duty with the U. S. Army, but he was released in 3 months 
with the end of hostilities. He returned to Berkeley, where 
he finished the B.A. in 1920, and continued for the Ph.D. 
degree in chemistry. During his Ph.D. work he was as­
sociated with Professors E. D. Eastman and G. N. Lewis; 
his thesis advisor was Professor A. R. Olson. He also ably 
assisted G. N. Lewis with the classic text, “Thermodynamics 
and the Free Energy of Chemical Substances,” and received 
his doctorate in 1923.

Dr. Young joined the faculty of The University of Chicago 
as an instructor shortly after obtaining his degree. He rose 
to assistant professor in 1927, to associate professor in 1931, 
and to professor in 1943. In his early work at the university 
he was closely associated with Professor W. D. Harkins, and 
that association resulted in important contributions to the 
“International Critical Tables” (“Surface Tension,” Vol. IV, 
p 434). He also assumed the teaching of chemical thermo­
dynamics at the university, and he continued to teach that 
subject for nearly 40 years. One of his early students was 
Mary Allen Walker. They were married in 1931 and have 
two sons, Thomas Fraser Young, Jr., and Richard McLeod 
Young.

The subject of chemical thermodynamics unquestionably 
constituted the central theme of Professor Young’s career, 
despite the fact that his publications range from such diverse 
subjects as electrostatic charges on insulated surfaces to 
Raman spectra of fused salts. His approach to chemical 
problems was primarily thermodynamic in nature, many of his 
research ideas arose from unanswered thermodynamic ques­
tions, and his rigorous teaching of shat subject unquestion­
ably inspired his students, as evidenced by the book written 
by Irving hi. Klotz, “Chemical Thermodynamics, Basie 
Theory and Methods.” It is hardly Surprising, therefore, 
that Professor Young’s greatest contribution to physical 
chemistry involves the thermodynamics of mixing, now gen­
erally known as Young’s rules of mixing.

Among those present at the Syrnpoisum on Structures of Water 
and Aqueous Solutions, held in honor of Dr. T. F. Young 
(left to right): H. S. Frank, R. A. Robinson, T. F. Young,
D. E. Irish, G. Seatehard, G. E. Walrafen, L. A. Blatz,
I. hi. Klotz, and F. H. Stillinger, Jr.

My association with Professor Young came late in his career 
and did not directly involve his thermodynamic interests. 
In the late 1940’s Professor Young became interested in using 
Raman spectroscopy to study solutions, and in particular to 
determine the concentrations of species present in very con­
centrated aqueous solutions. His friend Professor Otto Red- 
lich had done some pioneering work in this area, and he in­
spired Dr. Young to construct a photoelectric recording 
Raman spectrometer, and ire sent his students Frank Maran- 
ville and Harlan Smith to help with the construction. The 
construction was soon completed, and the instrument was 
later improved by Drs. L. A. Blatz and A. C. Jones. Pro­
fessor Young and his; students then employed the Raman in­
strument to solve a number of interesting problems involving 
the dissociation of strong acids and the constitution of com­
plex ions and of molten salts. When I first began research
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work under Dr. Young in 1957,1 was simply presented with a 
sophisticated, fully operative photoelectric Raman instru­
ment. I had not been privileged to develop it, but that it 
was a privilege to work with the man who did soon became 
apparent, and it also became apparent that Raman spec­
troscopy of solutions was only an extension of his thermo­
dynamic interests. Some important characteristics of Dr. 
Young as a scientist and particularly as a teacher also quickly 
became evident.

Any of Dr. Young’s students, or anyone who has been as­
sociated with him scientifically, knows him to be a devoted 
scientist of unassailable intellectual honesty. His approach 
to research involves a high order of rigor and meticulous at­
tention to details of all kinds. However, one of his greatest 
assets was his willingness to teach and to help his students, 
and this probably made him more successful with them than 
anything else. Dr. Young always gave his graduate students 
a great deal of individual attention, and he tried to have no 
more than one finishing Ph.D. student per year. Further, 
during the writing of the thesis he would nearly always invite 
the student to his summer home for a week or more and in 
that time he would examine every sentence and every calcula­

tion in detail. However, he would also manage to inter­
sperse the thesis work with boating, swimming, dinners, and 
other activities, and after graduation he always followed the 
student’s career closely, in most cases over a period of years.

Dr. Young retired from The University of Chicago in 1962. 
Since then he has been at the Argonne National Laboratory. 
As expected, he took his last student, Earl Gasner, with him; 
Dr. Gasner finished his Ph.D. work at the Argonne National 
Laboratory in the area of laser-Raman spectroscopy.

During June 16, 17, and 18 of 1969 a symposium, arranged 
by Dr. Young’s students, was held in his honor at the Chemis­
try Department of The University of Chicago. The sympo­
sium was titled “Structures of Water and Aqueous Solutions.” 
A special session of the symposium was devoted to Young’s 
mixture rules, and an important paper in that symposium 
was given by one of Dr. Young’s oldest friends, Professor 
George Scatchard of the Massachusetts Institute of Tech­
nology. Twenty-eight talks were given at the symposium, 
beginning with the keynote talk given by Professor H. S. 
Frank. The articles that follow in this special issue of T he  
J ou rn a l o f  P h y s ica l C hem istry constitute some of the talks 
given at the symposium in honor of T. F. Young.
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Effective Pair Interactions in Liquids. Water

by F. H. Stillinger, Jr.
Bell Telephone Laboratories, Incorporated, Murray Hill, New Jersey 07974 (Received March 2, 1970)

A  variational principle is proposed to determine an optimal “effective pair potential” v in liquids whose mole­
cules actually experience nonadditive interactions. A formal perturbation method is outlined which in prin­
ciple determines v iteratively. On account of the temperature and density cependence of v, and because this 
function contains a weak “tail” of macroscopic range, the usual statistical-mechanical expressions for energy, 
pressure, and isothermal compressibility suffer fundamental changes. The theory is applied to water, and 
tentative conclusions are offered about the way that the bare two-molecule potential differs from the liquid 
phase v for this substance.

I. Introduction
It is conventional to use pairwise-additive potentials 

in developing the formal theory of the liquid state. 1 
This tactic apparently preserves most qualitative fea­
tures of the observed properties of real liquids. It is 
also justified by the remarkable simplicity of expressions 
for thermodynamic energy and pressure, that result 
from the pair potential assumption. Nowadays, elec­
tronic computer simulation of liquids2-3 has become 
routine, and in that context pairwise-additive potentials 
again prove convenient.

Unfortunately, there is evidence that the pairwise- 
additivity assumption commits significant quantitative 
errors even for nonpolar substances.4 Surely the situa­
tion is even worse for polar materials and ionic fluids in 
which large fluctuating electric fields exist. It is there­
fore clear in the strict sense that precise statistical- 
mechanical theory of real liquids requires inclusion of 
many-body forces.

We shall demonstrate nevertheless that a rational 
procedure exists for selection of a “best” approximate 
pair potential which incorporates the average effects of 
nonadditive potentials. This “effective pair potential” 
satisfies a variational principle that has been selected by 
the requirement that the sum of effective pair interac­
tions preserves all local order as well as possible. Our

effective pair potential therefore differs in a fundamental 
way from the one advocated by Sinanoglu,6-7 which 
was designed previously to reproduce the thermo­
dynamic energy.

The next section, II, introduces the fundamental 
variational principle, and displays a few general results 
that may be derived therefrom. Section III provides 
details of a formal perturoative method of constructing 
the effective pair potential. The modifications of 
standard statistical-mechanical formulas for energy, 
pressure, and compressibility that result from tem­
perature and density dependence of the effective pair 
potential are listed in section IV.

On account of its fundamental importance in the 
physical and biological sciences, water has been selected 
here to illustrate the application of the effective poten­
tial concept. Section V is devoted to this one liquid, 
and conclusions are offered there about the way that the

(1) S. A. Rice and P. Gray, ‘ The Statistical Mechanics of Simple 
Liquids,” Interscience, New York, N. Y., 1965.
(2) W. W. Wood, J. Chem. Phys., 48, 415 (1968).
(3) B. J. Alder and T. E. Wair wright, ibid., 33, 1439 (1960).
(4) N. R. Kestner and O. Sinanoglu, ibid., 38, 1730 (1963).
(5) 0. Sinanoglu, Chem. Phys. Lett., 1, 340 (1967).
(6) O. Sinanoglu, Advan. Chem. Phys., 12, 283 (1967).
(7) T. Halcioglu and O. Sinanoglu, J. Chem. Phys., 49, 996 (1968).
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effective interaction differs at both large and small 
distances from the “bare” pair potential for two mole­
cules in  vacuo.

The final discussion in section VI outlines other 
important substances to which the present concepts 
could fruitfully be applied. Also we mention there 
possible conditions under which the effective pair po­
tential method would have substantial shortcomings.

II. General Relations

Although the quantum-mechanical generalization is 
straightforward, we shall use classical statistics through­
out the following analysis.

For any liquid of interest, we suppose that N  mole­
cules are confined to the interior of a large, but finite, 
vessel with volume D. The configuration of each mole­
cule will be described by a vector x whose components 
comprise coordinates of the molecular center, and a set 
of angles to fix the molecular orientation. The free 
energy F  for the liquid may in principle be obtained 
from the canonical partition function

exp ( - ß F )

ß  =  1/ kT ; Ü =  /dx (2.1)

Here, Qint is essentially the rotational-vibrational parti­
tion function for an isolated molecule, and Z N is the 
yV-molecule configuration integral.

We shall let F^(xi. . , x N) stand for the total potential 
of interaction among the N  molecules in the specified 
configuration Xi. . . x N. The classical configuration in­
tegral Z N appearing in eq 2.1 hence may be written

Z N(0) =  /dx . . ./dxjv e x p [ - ß V N(x i. . .x*)] (2.2)

Although we do not explicitly indicate them, the inte­
gration limits on the x , are all finite, and depend upon 
the volume V  for molecular center positions, and upon 
the specific choice of orientation angles. It is con­
venient to introduce now an inner product of two func­
tions, /(x i ...X jv) and h (x  i . . .x N) , as the integral of 
their product with the same finite limits as used in 
eq 2 .2 .

{ fM  = /dxi. . .fdxNf (x i . . ,xN)h(xi .  . .xN) (2.3)

In concordance with this definition, we can express Z N 
as the inner product of a function with itself

Z N(fi) =  {exp(—Vj/SFjv), exp(—Vs/SFat)} (2.4)

The generic functions and their inner product in 
eq 2.3 are quite analogous to ordinary vectors and the 
scalar product for pairs of such vectors. Indeed it is 
valid to regard functions /  and h as infinite-dimensional 
vectors whose scalar product is given in eq 2.3. By 
the same token, eq 2.4 exhibits Z N as the square of an 
infinite-dimensional vector. The square of the dis­

tance between two vectors (functions) /  and h may 
also be expressed as an inner product

= { / -  h , f - h }  =

/d x i . .. /dx,v [ f (x i . . .  x 0 )  -  h(x.i. . ,x.v)]2 (2.5)

in complete analogy with ordinary vectors.
Our central problem in this paper consists in finding 

an optimal effective pair interaction v {x uXj) to represent 
the liquid which is actually subject to the very com­
plicated nonadditive potential FN. In the convention 
of eq 2.4, we seek to approximate Z N by an inner 
product of the form

{ exp[ - ^ 3  £  < i j )  , exp[-^/3 Z  x «(<?') (2.6)

The effective pair potential v clearly should be chosen 
to minimize the distance between the function-space 
vectors appearing in eq 2.4 and 2.6

D^expt-VaSFjy],

exp [ - y 2/3 2 >  «?')]} =  minimum (2.7) 

or

exp^-^FtfH .. .1V)J -

exp[ ~ ^  ][>(*;)]} (2.8)

This constitutes the basic variational principle of our 
effective potential theory.

If it were to happen that
N

V N(x 1. . . x N) =  £  F2(Xj,x;) (2.9)
i<j — 1

in other words that the exact A-molecule potential were 
a pairwise sum of exact 2 -molecule potentials, then 
certainly the variational principle (2 .8) would force v to 
equal F2 identically, and the distance!) would be reduced 
to zero. However under the more realistic circum- 
tance that FN contains three-body, four-body, .. . 
contributions, the minimum attainable D  in eq 2.7 
presumably is still greater than zero. We must bear in 
mind that the effective pair potential v which produces 
that minimum D  can be both temperature and density 
dependent.

The functional equation which determines v may be 
obtained by setting equal to zero the first functional 
derivative of the right member of (2 .8) with respect to 
v (x {,Xj). One finds

/d x3. . ./dxjv exp{ - l/ $ [ V N +  L  v ( i j ) ] }  =

/dx3. . , f d x N exp{ ~ / 3 ((/)} (2 .1 0 )

min = J dxi. . . J dx_v|

which must be obeyed for all Xi,x2. We will suppose 
for convenience that periodic boundary conditions 
apply to T; since Fw then possesses full translation in-
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variance, so too will v. If V  is macroscopically large 
and the system is in a fluid phase exclusively, then v 
will also possess the rotational invariance expected of a 
pair of rigid bodies in space.

In view of the multidimensional integrals it contains, 
nonlinear integral eq 2 .1 0  is not trivial to solve for v 
(though we outline an iterative method in the next 
section). Nevertheless, some general characteristics 
of v may be deduced directly frcm eq 2.10. If both 
sides of that equation are integrated with respect to xx 
and x2, one finds

z„{ E ®(v)} = z N{ l/*vN + V.E ®(v)} (2.11)
in other words the configuration integrals are equal for 
two hypothetical assemblies of N  molecules, the first of 
which interacts with the additive effective potential, 
and the second of which interacts with the average of 
V N and the additive effective potential. Of course 
neither of the two Z N in eq 2.11 necessarily equals the 
liquid’s correct configuration integral, Z N {7 * } , but 
still we can use the Schwartz inequality8 to establish

Z N\V N\ZN{ Z v ( i j ) }  >

Z N* {V iV N +  VtE®(v)} (2.12)
By referring to eq 2.11, we conclude that

Z N{ V N) >  Z „ { Y , v ( i j ) }  (2.13)

In view of eq 2 .1  therefore, it is clear that replacement 
of an actual V N by its optimal effective pairwise 
potential approximation never lowers the free energy

F { V n ] <  (2.14)

A somewhat more general result follows from
Holder’s inequality,8 namely

V /p{ W M V /9{ VtfEviij)) >

zN{ ^ v N +  v,E»(v)}
v,q>  1; (i/p ) +  (l/g) = l  (2.15)

The previous eq 2 .1 2  corresponds to p  =  q =  2 . In 
terms of free energies all computed at the same tem­
perature and density

F  { 2  V n +  2  (2‘16)

The set of n-molecule correlation functions for the 
liquid is defined as

0<n)(Xi, . .x„) =

n”/d x B+1. . f d x N exp[-/3F,v(x1. . .xw)] ^
/dxi. . f d x N exp[—/3Fat(xi. . .x*)]

In the large V  limit, and as the n  molecules mutually 
separate from one another, g {n) approaches unity. With

obvious modifications, definition 2.17 applies equally 
for other intermolecular potentials besides V N. Equa­
tions 2 .1 0  and 2 . 1 1  allow us to conclude

g(2)(xi,x2|E *>(#)) =

Sr(2)(xi,x2| y , V N +  >/*E v (i j) )  (2.18)

so that like Z N, the pair correlation function is iden­
tically the same for the additive effect potential, and 
for the average of V N with this additive effective 
potential. Unfortunately it is not possible to obtain 
g m  inequalities analogous to eq 2.12-2.16.

III. Perturbation Expansion
It is always possible to separate FN into a part at­

tributable strictly to bare pair interactions V 2 and a 
remainder Ft comprising all many-body effects

Fjv(xi. . .x N) =  E  F2(xi,xi) +  XFf(xi.. ,x N) (3.1)
i<3 = 1

The “coupling constant’’ X introduced here has no 
fundamental significance, and will be used only to gen­
erate an iterative construction for v. At the end of 
that construction, we will set X = 1. Corresponding to
3.1, there will be a formal X series for v

co

v(xi,Xj) =  E  XX(x<,Xy) (3.2)
n = 0

where of course

!X>(Xi,x,) =  F2(Xi,x,) (3.3)

Insert expressions 3.1 and 3.2 into the basic v eq
2.10, and expand the exponential functions into X power 
series. The result appears as

0 = J  dx8 J  dx* expĵ —d j F2(y)J X

{ x [  J > i O ÿ )  -  Ff( l . .A)J +

X2|" E  Vi(ij) +  7  ( f 1̂ +  E  V i(i j ) )  -
L » < 3  = 1  4 \ t<y = 1 /

p (  E  M v ) )  1 +  x3[" E  M v )  +
\ i < j = 1 /  J  L i < 3 —1

/  N  \  N

/3( Ff -  3 E  M i j )  ) E
\  i < j  =  1 /  fc<i =  l

( u +  £  . , ( « ) ■ +  f (  i  „ ( « )
\ »< 3  =  1 /  0 \ »< 3  =  1 /

v¡M  -  ^  x

+  0(X«)}
(3.4)

Since X may be regarded at this stage as an arbitrary 
parameter, the terms of different order in X in eq 3.4 
must separately vanish. The first-order equation

(8) F . R iesz and B . S z.-N agy , “ F u n ction a l A n a lys is ,”  F rederick  
U ngar P ublish ing  C o., N ew  Y ork , N . Y ., 1955, p p  4 0 -4 3 .
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0 = J  dx3. . J  dxiv exp^—/3 X  F2(0?)J X

[  X  Vl(i j)  -  V H I . . . N ) ]  (3.5)
L i<j = i J

is a linear integral equation for determining Vi in terms 
of V \  Once Vi has been obtained, the second-order 
equation

0 = J  dx3. . . j  dxjv exp^-/3 X  V 2(ij)~^ X 

I" Z  v2{ij) +  ~ (F +( l . . . N )  +  X  «1 (if)) ~
L %<j=i *  \ i< j=l /

Y , J (3.6)

similarly determines v2, once Ft and the previously 
calculated Vi are inserted. This trend persists to all 
succeeding orders; the \m-order linear integral equation 
requires knowledge of Ft and each of the previously 
determined V\. .  . vn_ x. Hence one has in principle an 
iterative technique for constructing the effective pair 
interaction v.

We now examine the first-order integral eq 3.5 in 
depth. The average value of V\ in the assembly of A  
molecules interacting only via direct pair potentials V 2 
may be written thus

=  [zN{ n v s i ) \ r i x

Jdxx... JdxiVFt( l . . .A) exp[-/3 X   ̂F ^ ) ]  (3-7)

where the average value per molecule, ei+, clearly 
depends on both temperature and density. The 
analogous average of Ff when molecules 1 and 2 are 
constrained to preassigned configurations Xi and x2 
may next be expressed as

[ATi+ +  /i+(xi,x2) ]§'(2,0) (xi,x2) =

exp\ ~ P  E  V t(ij)
L i < j = i

(3.8)

Here and in the following, the g'n-0) stand for correla­
tion functions

JC’O ) = a w (xi.. .Xn X  ¥& j))  (3
\ i < j = 1 /

9)

for molecules interacting only through the F2 sum. 
The quantity f\ in eq 3.8 represents the variation in 
the F  ̂average at small distances between 1 and 2 due 
to local order in the liquid. We expect /i t to decay 
rapidly to zero with increasing separation.

If eq 3.5 is multiplied throughout by U2j Z W{S F 2}, 
the result may be transformed to yield

W  +  /i f(1 2 ) = Vi(1 2 ) +

N  -  2
0

f  dx3 fwi(13) +  Di(23) ]
gy(3 ,°) (123)

g(2M( 1 2 )
+

(N  -  2 ) ( N  -  3)
2Q2 / d x , / d x . M 3 4 ) 9 ^ | l  (3.10)

Set

*h(xi,x2)
2eiT

N  -  1
+  f)i(Xi,X2) (3.11)

when this expression is inserted in eq 3.10, the quantity 
eif drops out entirely to leave a linear integral equation 
for 0i

/i+(12) =  0i (12) +  dxs[0i(13) +

0i (23) ]
7(3,0)(123) , (N  -  2) (N  -  3)
ff(2'0)( 1 2 )

+
2 fi2

X

f d x ‘ f dx40i(34)
g(4’°>(1234)
ff<2’0)(1 2 )

(3.12)

Had the many-body potential F* been at the outset a 
constant independent of molecular configurations, then 
/if would have vanished identically and the implied 
Vi would have been equal precisely to 2ty / (N  — 1) for 
all pairs. Evidently 0i for more general F+ will be con­
fined primarily to small pair distances, as dictated by 
the nonvanishing of f\ there.

Although one normally is concerned with very large 
systems and hence large N , it is extremely important 
not to drop the very small constant term proportional 
to (N  — 1)_1 in the right member of eq 3.11. After all, 
this is a very long-ranged contribution to the effective 
potential, and acts on all A  (A — l)/2  molecular pairs 
at once. The totality of these long-range effective 
interactions consequently is proportional to A, and 
therefore provides a nonvanishing effect on the free 
energy in the conventional large-system limit.

A comparison of eq 3.7 and 3.8 allows one to conclude

°  = ^ J  dxij* dx2/ 1t(xi,x2)g[C2'0)(xi,x2) (3.13)

Next multiply both sides of eq 3.12 by ST2—1grC2 '0) (12) 
and integrate with respect to Xi and x2 to obtain (for 
the finite system function 0i)

°  =  5 /  dXlf  (3-14)

This last relation allows us to put integral eq 3.12 into 
a form most suitable for passage to the conventional 
large-system limit

The Journal o f  Physical Chemistry, Vol. 74, N o. 21, 1970



Sy m p o s iu m  o n  St r u c t u r e s  o f  W a t e r  a n d  A q u e o u s  S o l u t io n s 3681

/i f(1 2 ) = 0i(1 2 ) +

0t(23)]
gr(3.0) (123)
g,C2 ,0) (1 2 ) +

N  -  2 r
-  J  dx3[i)i(13) +

(N  -  2) (N  — 3) f ,  f ,  , N --------— --------J  dx,J dxA(34) x

~g(4'0) (1234)
_ gr<2 >°>(1 2 ) (3.15)

Now the integrals will become strictly confined to 
regions of molecular size. Of course

N  -  2   ̂ (N  — 2 ) (N  — 3) . (p<«)*-------------- ► p'1’, ------------------------------>■------- -
0  2 0  2

(3.16)

in that large-system limit, where p(1) is the fixed 
singlet density N / 0.

Equation 3.15 is the basic firs>order equation that 
must in principle be solved for v\. In a practical sense 
that would be very difficult, though nowadays evalua­
tion of integrals of the type it contains is becoming 
increasingly more feasible with rapid electronic com­
puters. As section V below will illustrate, however, 
that equation may be used (without being fully solved) 
to infer important features of the effective potential 
for specific substances.

There may well exist applications in which the many- 
body potential Ft has significant magnitude, but for 
which the error incurred in the first-order estimate 
v (ij)  £=  V i  -|- Vi(ij) is quite small. In this connection 
it should be realized that the free energy F  is unchanged 
to linear order in X by replacement of by the effec­
tive pair-potential sum, due to the extremum character 
of our variational principle. Likewise, the pair cor­
relation function will be unchanged through first order 
in X upon making that potential replacement.

The concepts involved in the first-order equation 
which generates Vi (he., and i\) from a given F+ may 
readily be applied in succeeding orders. To do so, it is 
useful to recognize that the first-order calculation 
amounts to a linear projection operation P

PFf( l . . . N )  =  E  v1(ij)  (3.17)
i< j = 1

P2 =  P (3.18)

The second of these relations is required for all projec­
tions, and states in the present case that any potential 

already in pairwise additive form is carried identi­
cally into the effective potential.

By comparing the second-order eq 3.6 with the first- 
order eq 3.5 we see that

E  vi(ij)
i<3 — 1

. • .N )  +

N —|2V N

E  vi(ij) > = E  M v )
i< j— 1 J / i< j= l

(3.19)

in other words, the second-order effective pair potential

»2 is projected out of a combination of Ff and Vi just 
as vi before was projected out of Ft. Equation 3.19 
may be rewritten thus

PF2+(i ...A T) = E  n {i j )
, < 3  =  1

F2+( 1 . . .N )  =  j  F3 E  v S j )  +  Ff( l . . . N )  
4 L ,<3 = 1

r N
: E  h W  -  v \ i . . . n )
L k<i = 1

X

(3.20)

which shows directly that if Ff is a pairwise addi­
tive function (which becomes identified in first order 
as X v i(ij)) , then v2 vanishes identically. One inci­
dentally sees here from the factor /J in F2t that v2 will 
tend toward zero as the temperature is raised at fixed 
density.

The detailed procedure of carrying out the projec­
tion in second order is entirely the same as before. 
The new “many-body potential” V% takes the place 
of F1) and by the same strategy as shown by eq 3.7 
and 3.8 with V 2 inserted for F1) one first computes 
«2t and / 2t(xi,x2). Then after writing

2 e2ff2(xi,x2) = _   ̂ +  f)a(xi,x2) (3.21)

in direct correspondence with eq 3.11 for vh we will 
have a linear integral equation for determination of 
the short-range second-order function w2 which is iso- 
morphous with eq 3.12 above. Second-order analogs 
of integral conditions 3.13 and 3.14 are also available, 
and they lead finally to the second-order version of 
eq 3.15

/ .+(2 ) = 0,(1 2 ) +  dXs x

[0,(13) +  0,(23) ]
?<3,°)(123) , (N  — 2 ) (N  — 3) w 

~r __„ X
^ ■ 0)(12) 2122

J  dx3 J  dx402(34) ^
g<4'°)(1234)
PC2 '0)(1 2 ) ]ff«-°>(34) (3.22)

In the projection-operator terminology, the third- 
order equation is

pj|| [f+ -  e «im  t(pf)2 +
4 F + E  v& j )  +  7 (E  vi ( i j ) ) 2] -  

(3[Ft -  3 E  ] E  ^ (v )j =  E  «*(#) (3-23)

If V* is pairwise additive, this relation shows that 
v3 would vanish as v2 would. In the high temperature 
regime, v3 will be proportional to j32.

By continuation of the procedure we have outlined,
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we would eventually obtain (appropriate to the large- 
system limit functions 6n and g (n'0))

°° r _(1) f
e = E  J dx20„(xi,x2)giC2,0) (xi,x2)

G)F  _ So Zd^eX p / / òdD(1 2 )\
\  Ò/S / v „

dx2[ ) Ĉ2 .m) (1 2 )

(4.4)

CO
i(xi,x2) = 7 2( x i ,x 2)  +  E  i«(xi,x2)

n = 1 (3.24)
The pressure in the model system may be computed 

from

after having set X equal to unity. The corresponding 
effective pair potential approximation to the partition 
function thereupon becomes

l i ^ Æ y e x p ( _ m )  x
fi

1 (exp(—dF) =  —  ^

J  d x i.. J" dxjv expj^—/? E  

IV. Effective Pair Potential Formulas

(3.25)

A criterion has now been advanced for representing 
a given substance by a “model substance,” whose hypo­
thetical molecules interact by the effective pairwise- 
additive potential which optimally preserves the original 
local order. The next step must be deduction of the 
thermodynamic properties of this model substance, and 
to that end we shall now derive statistical-mechanical 
expressions for mean energy, pressure, and compressibil­
ity. This task is rendered nontrivial by the density 
and temperature dependence of the effective pair po­
tential. In this section we shall denote correlation 
functions in the model system by an extra superscript

. .n ) =  gf(n)(l. . .n \ Y jV {ij)) (4.1)

and 0 will be strictly the infinite-system limit function.
The thermodynamic energy E  may be obtained from 

the Helmholtz free energy F  by means of the thermo­
dynamic relation

By applying this operation to the logarithm of the 
model partition function (3.25), one finds the energy 
per particle to be

F _  Fo /ôdA N  — 1 ^
N  ~  N  +  V 0(8 ) N,V +  2fi2

f  to ( * s r ) „ > aM(12> <4-3>

where E 0 is the zero-density energy for N  widely 
separated molecules. This general result is equally 
applicable to all phases, fluid or crystalline. If the 
model system is in the liquid state and is macro- 
scopically large, then both f) and g ,2-m) depend only on 
relative configuration coordinates so that eq 4.3 may 
be simplified somewhat to

V =  - (4.5)

If once again we utilize eq 3.25 for F , the result may be 
expressed in terms of a g {2-m) integral by using Green’s 
technique for volume differentiation of configuration 
integrals.9 One finds for the fluid phases

^ » i  +  
P •Rr>)> N  fip(1)<2'm>(12), p = - =  —v “U V

(4.6)

The vector ri2 is the spatial separation between the 
centers of molecules 1 and 2, and the gradient operator 
following it in eq 4.6 acts only on those position co­
ordinates.

The isothermal compressibility kt is defined as

or equivalently

Now set

pttT ^  Jd x* lt-Vrj(12) X 

[20<*-»>(12) +  p (Òg(2^ (12)) gA]  (4.9)

by indicating that 0 is held fixed in the partial deriva­
tive of g(2’m>, we mean to include on ly  the contribution 
due to the explicit variation in density, and not the 
implicit variation occurring through variation of the 
effective potential. We can verify from eq 4.6 and 4.8 
that Hr is the isothermal compressibility for a system 
of molecules that interact at all temperatures and den­
sities with a short-range potential that coincidentally 
equals 0 when the latter is evaluated at the actual tem­
perature and density of interest. The general fluctua­
tion-compressibility theorem10 applies in the case of 
such temperature and density independent interactions 
of short range, and allows us to write

(9) H . S . G reen, “ T h e  M olecu la r  T h e o ry  o f  F lu id s,”  N orth -H o lla n d  
P ublish ing  C o ., A m sterdam , 1952, p  51.
(10) T . L . H ill, “ S tatistical M ech an ics ,”  M cG ra w -H ill, N e w  Y o rk , 
N . Y ., 1956, p 236.
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pnT v p  C
y  = 1 +  y  J dx2[g(2'm)(12) -  1] (4.10)

The pair correlation function occurring here must 
strictly be taken as the infinite-system limit function, 
before the integration is carried out.

After eq 4.6 is multiplied throughout by p, the appli­
cation of an isothermal density derivative leads to the 
following compressibility formula

- - T + ' M r )pKT piiT d p  \ O p / i
+

P W
20

PVp
2 0 .Mig Tir Vi2

f ò v ( l 2 ) \  f ò g ® ’ro)(1 2 ) \

àp )p,;

( à û ( l2 )\ J ò v (  1 2 )\
\  ò p  A  \  òp J«

/Ò W 2 )\ Ì  
A òp2 ) j

,(2,m)(12) X

f  dx2 j f  dxsf dx4j g r 12-Vru0(12) -  p(Òy 2)) J  X

8g<»-»>(12)/ ÒO(34)\
80(34) \ ò p  J ,  {  A i >

The implicit density variation of g !i -m) through v enters 
this last expression via the functional derivative
gg(2,m)(12)

50(34)
|/3(p(1))2[i7C4'- )(l234) -

0(2,«) (12)0(2 ,»>(34)] _  ppi)[gi  3,m>(l24 ) X

5(Xl -  x3) +  gr(3'm)(123)5(x2 -  x4)] -

^ (2-m)(12)5(Xl -  x3)5(x2 -  x4) (4.12)

Under conventional circumstances one expects an 
expression of type 4.10 to yield the isothermal com­
pressibility of a fluid system. Indeed that is invariably 
true with interactions of limited range, whether those 
interactions are pairwise additive or not. However 
the model system effective pair potential has essentially 
infinite range. This infinite range is clear enough in 
the constant “tail” 2 t/ (N  — 1) of 0(xi,x2), but it is also 
manifest in the density dependence of t>(xi,x2) as extra 
particles are placed into the volume “0 microscopically 
far from molecules 1 and 2. The terms in kT expression
4.11 following the one containing kT are the direct 
result of these long-ranged contributions.

The compressibility kT measures the local (but large- 
dimension) density fluctuations in the effective poten­
tial model system. It is this local compressibility 
which determines the intensity of X-ray scattering 
extrapolated to zero scattering angle. Conventionally 
this would be identical with the thermodynamic com­
pressibility for an overall compression of the entire 
system, but the long-range interactions induce a differ­
ence. The magnitude of kt — kT hence measures the

Figure 1. Relative configuration variables for a pair of water 
molecules. ri2 is the separaton between the oxygen nuclei, and bi and b2 are unit vectors along the molecular symmetry axes. 
Euler angles a, 0, 7  are an ordered set of rotations which carry the 
orientation of molecule 1 into that of molecule 2 . Configurations 
for which ru does not pierce the sphere quadrant as shown may be 
generated by reflection in symmetry planes x y  or x z  or both.

inability of the model system to mimic the local density 
fluctuations of the initial real liquid. If the effective 
potential approximation has validity, this difference 
should be small.

V. Application to Water
The water molecule possesses C2v symmetry. Mea­

surements indicate11 that an isolated molecule incor­
porates O-H bonds of length 0.957 A, and an angle 
between these bonds at the oxygen nucleus of 104.5°. 
Consequently we treat each molecule in the liquid as a 
rigid asymmetric rotor with the same symmetry. Each 
configuration vector xs will involve six components: 
three to specify the Cartesian coordinates of the oxygen 
nucleus, plus three Euler angles to fix the molecule’s 
orientation in space.

The three normal modes of vibration, vh v2, and r3, 
for the water molecule occur at 3656.65, 1594.59, and 
3755.79 cm-1.12 At room temperature these vibra­
tions are virtually all unexcited, so the partition func­
tion for internal degrees of freedom will contain the 
factor

expt-VsdMri +  V2 +  r3)] (5.1)

The potential energy V 2 for an isolated pair of water 
molecules depends irreiucibly upon six relative con­
figuration variables. Figure 1 shows that these vari­
ables may be taken to be the polar coordinates of the 
second oxygen nucleus relative to the first, and Euler 
angles for the rotation which would carry the first 
molecule into the orientation of the second. Figure 1 
also demonstrates that the 0 -0  polar coordinates need 
only be considered in one quadrant, since the other 
configurations differ only by symmetry operations 
permitted by the molecular C2„ symmetry. For fluid 
phases, the functions v and g1-2 ™1 depend on the same

(11) D . E isenberg  and W . K au zm an n , “ T h e  S tru cture and P roperties 
o f  W a te r ,”  O xford  U n ivers itr  Press, N ew  Y o rk , N . Y ., 1969, p  4.

(12) R eferen ce  11, p  7 .
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relative configuration variables as V 2, and exhibit the 
same symmetry properties.

The many-body potential Ft( l .. .N )  is surely signifi­
cant in liquid water. Since the isolated molecules have 
a large permanent dipole moment (1.84 D), there must 
be large local fluctuating electric fields in the liquid. 
These fields polarize the molecules, and the correspond­
ingly modified molecular moments in turn affect the 
fluctuating fields.

At small distances, hydrogen bonding is the most 
important aspect of water molecule interactions. This 
type of interaction is already manifest in V-2, which 
would plunge to about —5 kcal/mol for a fully formed, 
essentially linear, hydrogen bond.13 However it has 
been suggested14'15 that the energy of hydrogen bonding 
is not additive, and detailed quantum-mechanical cal­
culations support this hypothesis. Although energy 
nonadditivity is found to be nonuniform in sign,16 the 
predominant influence of sequential sets of hydrogen 
bonds in any condensed phase appears to amount to an 
effective strengthening of each hydrogen bond.1647

Thus it appears that V t is negative for most config­
urations of interest in liquid water. The quantity 
e(/3,p) is most likely dominated by n t(d,p), and since 
eq 3.7 shows this latter to be a canonical average of 
V \  we tentatively conclude that

«08,P) <  0 (5.2)

for liquid water. Although e provides an important 
contribution to the water model-system chemical po­
tential (and therefore affects that model system’s phase 
changes), it has the same numerical value for all molecu­
lar configurations. Consequently it has no effect 
whatever upon the local order established by the mole­
cules in the model system.

On the other hand it is clear that the difference be­
tween the bare two-molecule potential V 2 and the short- 
range effective pair potential v is directly reflected in 
the local molecular arrangements. Without having to 
solve the sequence of linear vn integral equations de­
rived in the previous section, we can with some con­
fidence infer the major features of the difference be­
tween V 2 and v, by keeping in mind that this difference 
must be selected to produce substantially the same 
structural shifts as Ff.

The best currently available ab in itio  Hartree-Fock 
calculations of V 2 indicate that the lowest energy for a 
pair of water molecules is achieved in the configuration 
shown in Figure 2. The 0 -0  distance is 3.00 A, and 
the energy of the hydrogen bond at that nuclear con­
figuration is —4.72 kcal/mol.16

Within the regular hexagonal ice lattice one can 
identify sequences of hydrogen bonds of any length 
passing from oxygen to oxygen. As already pointed 
out, these sequential groupings (the most common type 
for a given large number of molecules) produce extra 
energy stabilization beyond that for just V 2 interac-

Figure 2. Stable water-molecule pair configuration according to 
Hartree-Fock calculations (ref 16). Molecules 1 and 2 lie in 
perpendicular planes.

tions. It has also been established (at least for se­
quential triplets) that this hydrogen-bond nonadditivity 
contribution to V t acts to compress distances in the 
crystal.

The melting of ice to produce liquid water obviously 
adds configurational disorder: the new phase lacks 
long-range periodicity and exhibits fluidity. Still, the 
melting energy only amounts to about one-eighth of the 
crystal’s sublimation energy, so the liquid presumably 
consists of a random space-filling network of strained 
hydrogen bonds, incorporating occasional broken bonds 
and interstitials. Indeed the X-ray scattering from 
water18 shows that this network is spatially quite homo­
geneous (not broken up into disconnected “clusters” ), 
and retains the local propensity for tetrahedral co­
ordination that always appears in the ices and clath- 
rates.19

Although hydrogen-bond sequences may be some­
what fewer in number and shorter in average length in 
the liquid compared to ice, they should still exert the 
same stabilizing and compressing effects. The short- 
range effective potential 0 can produce the same result 
by exhibiting a deeper hydrogen-bond energy minimum 
than V i, at a somewhat smaller 0 -0  distance. 
Figure 3 illustrates this presumption by comparing 
schematic V 2 and v curves for ri2 variation in the con­
figuration shown in Figure 2. One must keep in mind 
here that a deepening of the hydrogen-bond part of the 
pair potential must be compensated by a rise for some 
other configurations, since eq 3.14 and its analogs for 
62, vs, ••• imply for liquid water that in a finite system

0 = /d x 2[F2(xi,x2) -  D(xi,x2)]g(2'0)(xi,x2) (5.3)

But in any event the primary structural effect here is a 
strengthening of the hydrogen bonds in the random

(13) P . A . K o llm an  and L . C . A llen, J. Chem. Phys., 51 , 3286 (1969).
(14) H . S. F rank  and W . Y .  W en , Disc. Faraday Soc., 24 , 133 (1957).
(15) H . S . F rank, Proc. Roy. Soc., A 247 , 481 (1958).
(16) D . H ankins, J . W . M osk ow itz , and F . H . Stillinger, Chem. Phys. 
Lett., 4, 527 (1970).
(17) J . D elB ene and J. A . P ople , ibid., 4, 426 (1 969).
(18) A . H . N arten  and H . A . L ev y , Science, 165, 447 (1 969).
(19) G . A . Jeffrey and R . K . M eM u llan , Progr. Inorg. Chem., 8 , 
43  (1967).
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Figure 3. Qualitative shift expected between V 2 and v. The 
hydrogen-bond nonaddivity effect of sequential groupings of 
molecules in the liquid deepen the minimum and move it to 
shorter 0 - 0  distance. The pair geometry is the one shown in 
Figure 2, except for the n 2 variation. The V 2 minimum 
parameters shown are taken from ref 16.

liquid network, so at a given temperature f) produces 
more hydrogen bonds on the average than V 2 alone 
would produce.

The quantity Ft very likely also affects the direc­
tionality of hydrogen bonding in liquid water. Har- 
tree-Fock calculations1316-20 agree that the 0 variation 
of F2 in the pair arrangement shown in Figure 2 (with 
fixed ri2 and maintaining the symmetry plane) gives a 
broad and flat featureless minimum. Consequently 
the lone pairs of electrons in the valence shell of the 
proton acceptor molecule must be quite delocalized. 
In particular this 0 variation of V 2 fails to display rela­
tive minima localized about 0 =  +54°44' and 0 =  
— 54°44', the characteristic angles for perfect tetra­
hedral coordination about the acceptor molecule oxygen 
nucleus.

According to Coulson21 the observed bond angle in 
water implies substantial hybridization of the oxygen 
2s and 2p orbitals involved in the bonding. The lone 
pairs of electrons on the oxygen are therefore also par­
tially hybridized. However it is clear that the hy­
bridization is not of the full sp3 type that obtains in 
methane,22 so indeed the full set of tetrahedral coordina­
tion directions is not inherent in the electronic structure 
of an isolated water molecule.

Tetrahedral coordination however appears to occur 
with high probability in the liquid. Consistent with 
this presumption, consider a pair of water molecules in 
the configuration shown in Figure 2, but with 0 equal to 
±54° 44'. The resulting hydrogen bond along one of 
these ideal tetrahedral directions surely will increase the 
degree of hybridization of the acceptor oxygen toward 
pure sp3, and the lone pair of electrons not involved in 
that hydrogen bond will then be more localized along 
the remaining tetrahedral direction. Consequently 
the formation of a second hydrogen bond to the ac­
ceptor oxygen (right-hand molecule in Figure 2) will be 
confined to that remaining tetrahedral direction. This

Figure 4. Angular variation of V 2 and v. Figure 2 gives the 
relevant configurations, with only 0 varying. As a result of 
enhanced hybridization of oxygen orbitals in the liquid, one 
expects v to be depressed relative to V 2 at the ideal 
tetrahedral angles indicated by arrows.

argues in favor of a cooperativity to tetrahedral ge­
ometry in that initial formation of tetrahedral hydrogen 
bonding facilitates extension of that local geometry in 
further hydrogen bonding. As advocated, this amounts 
to a three-molecule effect.

The effective pair potential v consequently should 
manifest those tetrahedral angles more obviously than 
F2. A s Figure 4 indicates, we surmise that v should be 
depressed relative to V 2 at the ideal tetrahedral angles. 
The model system would then exhibit the enhanced 
extent of local tetrahedral order that is possible in real 
water as a result of nonadditive contributions to the 
potential energy in the latter.

As a final aspect of the qualitative behavior of v for 
water, we inquire about the large r12 regime. For 
these large distances it is known23 that the pair corre­
lation function behaves thus

gm(xi,x2) -  1 ~ 9gx 0  -  1 ) b
4wp(2Z) +  1) 1

T12 b2

T» 3ri2r12'
(5.4)

In this expression, the b’s are unit vectors along the 
molecular symmetry axes, D  is the static dielectric 
constant, and gK is the Kirkwood24 orientational corre­
lation function

gK = 1 +  j dx2(bi-b2)<7(2)(xi,x2) (5.5)

(20) K . M orok u m a  and L . Pedersen , J. Chem. Phys., 48 , 3275 
(1968).
(21) C . A . C oulson , “ V a len ce ,”  O xford  U n iversity  Press, N ew  Y ork , 
N . Y ., 1961, p  221.
(22) R . F . W . B ader, J. Amer. Chem. Soc., 86 , 5070 (1964).
(23) A . B en -N aim  and F . H . Stillinger, “ A sp ects  o f th e  S ta tistica l 
M ech an ica l T h eory  o f W a te r ”  in  “ S tru cture  and T ra n sp ort P rocesses 
in W a ter  and A qu eou s Solu tions,”  R . A . H o m e , E d ., W iley , N ew  
Y ork , N . Y ., in press.
(24) J . G . K irk w ood , J. Chem. Phys., 7 , 911 (1939).
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We shall assume that the first-order perturbation 
estimate of v as outlined in section III above 
predicts the correct qualitative trend at large n2. In 
this order of approximation we know that g iv and 
0 ( 2 ,m) a g r e 6 ) s o  in fact gK will be the same in the model 
system subject to v as in the real liquid. Equation 5.4 
then shows that the static dielectric constant D will 
also be the same in first order.

The true molecular pair interaction V 2 at large 
separation possesses dipole-dipole behavior

F 2( x i ,x 2)  ~ /i52bi-Ti2-b2 (5.6)

appropriate for the dipole moment Hv =  1.84 D of an 
isolated molecule under vacuum. Two principal modi­
fications of this form will be produced by many-body 
interactions in the liquid, (a) There will be an en­
hancement of the dipole moment m„ to a larger average 
value Hi due to charge transfer and polarization in hy­
drogen bonding with the molecule’s immediate neigh­
bors. (b) A form of dielectric shielding of F2(12) by 
intervening molecules will take place, even if these 
molecules are not permitted to reorient in the electric 
field of molecules 1 and 2. This polarization is partly 
electronic, but also involves nuclear displacement in the 
three normal vibrational modes at fixed molecular 
orientation. The appropriate dielectric constant D lT 
refers experimentally to a wavelength range around 
0.1-1.0 mm.

The first-order perturbation eq 3.15 is designed to 
assure that the mean value of the many-body interac­
tions V t as a function of xi,x2 is the same as the mean 
of IVei +  2i>i( i f ) . In particular the right side of that 
equation has terms giving: (1) the effective interac­
tion acting directly between molecules 1 and 2; (2) the 
effective interaction of 1 with 2’s “correlation cloud” 
and of 2 with l ’s correlation cloud; and (3) the effec­
tive potential between the two correlation clouds. 
Effects a and b above suggest that v (= F 2 +  U) at large 
rn  acts as the interaction of two point dipoles hi em­
bedded in a dielectric medium with constant and
each (for computational simplicity) located centrally 
in an otherwise empty spherical cavity. An elemen­
tary computation then yields

0(xi,x2) ^  F 2(x 1;x 2)  +  Di ( X ! ,X 2)

~ e w h r * ( ;r i ) ’ Fi(x" x') (57>
When the liquid is at or near its melting point, jit, is 

probably close to the molecular dipole moment in ice. 
This latter has been estimated25 to be 2.95 D. Further­
more, the high-frequency dielectric constant has been 
reported to be 4.5.26 Using these numbers we find

9-Dir
(2 Dir +  l ) 2ter - 1.03 (5.8)

Considering the uncertainty of m  and Dir, this factor

should be regarded as currently indistinguishable from 
unity. It is curious that in the large rn regime ap­
parently little modification of V 2 is required; effects a 
and b above essentially cancel each other.

VI. Discussion
(1 ) The A-molecule potential F w(x i. , . x w) was

regarded above as temperature independent. In most 
applications (including water at ordinary temperatures) 
this assumption is correct. But neighboring molecules 
in interaction with each other tend to perturb their 
vibrational frequencies. If these internal vibrations 
are thermally excited under the ambient conditions, 
then the appropriate potential function, which includes 
a shift in vibrational free energy, becomes a function of 
temperature: Fjv(xx. . .XN$ ) .  However this elabora­
tion in no way changes the effective potential formalism 
presented above.

(2) Besides water, liquid metals provide an interest­
ing class of fluids for application of the effective pair 
potential technique. The ions in a liquid metal move 
about under the influence of some potential function 
Fw(ri- • . t i f f i )  that is strongly influenced by the pres­
ence of degenerate conduction electrons. Certainly 
this many-ion potential is not precisely resolvable into 
pair contributions, but for certain purposes it would be 
convenient to know the optimal effective pair potential 
approximation.27'28 For these substances in particular 
it should be possible experimentally to detect a differ­
ence between the two isothermal compressibilities k t  
and (tT-

(3) No barrier exists in principal to the extension 
of the effective potential method to liquid mixtures. Of 
course a distinct temperature and composition depen­
dent effective potential yab(xa,xb) would have to be 
introduced for each different pair of molecular species. 
The multicomponent version of variational principle 
(2.8) then would require minimization over variation of 
all these v ^ . A particularly interesting application 
would be fused salts, where one would look for the di­
electric shielding of the Coulomb interaction at large 
ion pair separation, and for the extent to which the ea 
for different ions could be identified as Born cavity 
energies.29

(4) The critical region for a fluid very likely will be 
more poorly described by the effective pair potential 
model than the liquid near the triple point. This does

(25) L . O nsager and M . D upuis, “ T h e  E lectrica l P roperties o f  I c e ”  
in “ E lectro ly tes ,”  B . Pesce, E d ., P ergam on Press, N ew  Y o rk , N . Y ., 
1962, p 27.
(26) E . H . G rant, T . J . Buchanan , and H . F . C ook , J. Chem. Phys., 
26 , 156 (1957).
(27) M . D . Johnson , P . H u tch in son , and N . H . M a rch , Proc. Roy. 
Soc., A 282 , 283 (1964).

(28) P . A scarelli and R . J . H arrison, Phys. Rev. Lett., 22 , 385 (1 969 ).
(29) F . H . Stillinger, “ E qu ilib riu m  T h e o ry  o f P ure F u sed  S alts”  
in  "M o lte n  Salt C h em istry ,”  M . B lander, E d ., In terscien ce , N ew  
Y ork , N . Y ., 1964.
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not mean to say that the model fluid will necessarily 
fail to exhibit nonclassical critical exponents.30 How­
ever, a fluid in the critical state has density fluctuations 
of large spatial extent and magnitude. The definition 
of t>(xi,X2;/3,p) does not permit this function to adjust 
its density dependence to the local value of the density 
(which may be sensibly constant over many molecular 
diameters). Instead, only the overall density is recog­
nized, and the average many-body structural effects 
built into v may be a significant misrepresentation. 
One possible outcome is a substantial displacement of 
the model system critical point from that of the real 
substance it attempts to imitate.

(5) In order to quantify our qualitative analysis of 
v for water, an iterated series of quantum-mechanical 
and statistical-mechanical calculations should be car­
ried out. One might start by guessing a reasonable ap­
proximation to v, consistent whh the few currently 
known facts about V 2 and the qualitative changes

taking V 2 to 0.31 By then using high-speed electronic 
computers to simulate the corresponding model liquid 
(via either a Monte Carlo or molecular dynamics tech­
nique), it would be possible to observe which local ar­
rangements of molecules predominate in the liquid (at 
least as predicted by that approximate 0). These local 
arrangements of small groupings of, say, two to five 
molecules thereupon should be the ones examined by 
extensive and accurate quantum-mechanical calcula­
tions of V 2 and nonadditivity energies. With better 
estimates of the V N, the computer liquid simulation 
could be used to refine i  (and estimate e), and finally 
the entire procedure would be recycled until con­
vergence obtained.

(30) M . E . F isher, “ L ectures in T h eore tica l P h ysics  V I I  C ,”  U ni­
versity  o f  C o lorado  Press, B oulder, C o lo ., 1965, pp  1-159 .
(31) O ne such ch o ice  fo r  an an alytic  fit to  v fo r  w ater is suggested in 
ref 23.

Approximate Methods for Determining the Structure of 

H20  and HOD Using Near-Infrared Spectroscopy

by W. A. P. Luck* and W. Ditter
Hauptlaboratorium der Badischen Anilin- & Soda-Fabrik AG, Ludwigshafen/Rh., Germany (Received March 2, 1970)

Approximate methods are described for determining the H-bonded state of liquid water to the critical region. 
It is shown that differences between spectra of solutions, and liquids in the bulk, indicate H bonds having dif­
ferent angles and distances. Spectra from water in solution in HP and NH3 and in the gas-hydrate state are also 
presented.

Various theories of liquids have been advanced that 
assume lattice-like structures having cavity defects. A 
simple application of such liquid models can be demon­
strated for densities under saturation conditions (Figure 
1). The upper parts of the curves show the densities 
of different liquids. At low temperatures the densities 
of normal liquids decrease with increasing temperature 
in a linear fashion. (Increasing amplitudes of thermal 
motions.) The straight lines at high temperatures are 
the geometrical locus of the sum of densities of liquid 
and vapor in the saturated state. (One consequence 
of this is known as the rule of Cailletet and Mathias.) 
In a simple model the straight line gives the density of 
an ideal liquid. (Density decreases only as a result of 
thermal motions.) In addition the model assumes 
that the density of a real liquid depends upon the num­

ber of cavity defects. The number of these defects in 
our model is exactly equal to the number of molecules 
in the vapor state. In liquids with hydrogen bonds 
(H bonds) we must also take orientation defects into 
account, because the H bonds are dependent upon the 
angle between the proton axis and the axis of the free 
electron pair of the H-bond acceptor.1 Therefore, a 
lattice-like model of liquids having H bonds must also 
involve the orientational defects of open H bonds. 
These orientational defects are especially important for 
water. The goal of our experiments has thus been to 
obtain information about the concentration of these 
orientational defects in water, CH3OH, and C2H5OH.

*  T o  w hom  correspondence should  be addressed.
(1) W . L uck , Naturwissenschaften, 52, 25, 49 (1 965 ); 54 , 601 (1967).
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Figure 1. Curves, saturation density in liquid pi and vapor state 
pv; straight line, extrapolated liquid density at low temperatures 
or pi +  pv. (Tetrachlorkohlenstoff =  CC14, benzol =  benzene, 
diäthyläther =  diethyl ether, dimethylbutan =
2 -methylbutane).

Figure 2. Fundamental OH vibration of CD3OH in CC1, at room 
temperature: sharp free OH band, 3640 cm“ 1; H-bond band, 
3340 cm- 1 ; H-bond band of cyclic dimers, 3640 cm- 1 .

One useful method for determining the number of 
closed H bonds is to determine the concentration de­
pendence of the OH- or NH - vibrations from ir. Fig­
ure 2 shows extinction coefficients of solutions of CD3- 
OH in CC14 in the wavelength region of the fundamental 
OH stretching vibration. With increasing concentra­
tion the sharp OH band at 3640 cm-1 decreases in 
extinction. It can be related to the non-H-bonded OH 
groups (free OH groups). In the medium-concentra­
tion range a broader band appears at 3520 cm-1. In 
the same concentration range a minimum is observed in

Figure 3. First overtone vibration of CD 3OH in CC14 at 20°: 
sharp free OH band, 7120 cm- 1 ; H-bond band, 
maximum 6550 cm- 1 .

the dipole moment.2'3 This broader band can be re­
lated to energetically unfavored H bonds. The dipole 
moment minimum indicates the presence of cyclic di­
mers or higher aggregates in cyclic forms. At higher 
concentrations a broad and intense H-bond band ap­
pears at 3340 cm-1. It is shifted down by 300 cm-1 from 
the free OH band. The first overtone spectra (Figure 
3) show similar effects. But contrary to the funda­
mental band the intensity of the first overtone H-bond 
band is less and its frequency shift is about double. 
This makes it advantageous to employ overtone spectra 
in the study of broad liquid spectra because the over­
lapping between free and H-bond bands is less in the 
overtone region. In addition the photometric ac­
curacy is much higher in the overtone region and the 
accuracy in the thicknesses of the absorption cells is 
also much higher. (Our experiments were conducted 
with the Cary Model 14 instrument.)

Investigations of the concentration dependences of 
the ir spectra make it possible to examine equilibria 
related to H-bond association. This method cannot be 
readily applied to water, however, because there are no 
solvents that dissolve water in sufficiently high con­
centrations without forming H bonds. We thus have 
two possibilities for study in this case.

1. Complexes of Water
We shall first examine complexes of water with 

organic molecules. (See ref 4.) The dashed curve (— ) 
in Figure 4 shows a combination band of 5 g of water/
1. of dioxane. (The spectrum of dioxane is subtracted by 
compensation in the reference beam.) The band that is

(2) R . M e ck e  and A . R euter, Z. Naturforsch. A, 4 , 368 (1949).
(3) D . A . Ib b itson  and L . F . M oore , J. Chem. Soc. B, 76  (1967).
(4) S. C . M oh r , W . D . W ü k , and G . M . B arrow , J. Amer. Chem. 
Soc., 87 , 3048 (1965).
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Figure 4. Combination band of H 20  diluted in dioxane: A =
5 g of H 20/1. of dioxane, 20°, upper curves mixtures of A in CC14, 
dioxane spectra compensated.

maximal at 1.92 ¡j. refers to the OH-combination band of 
water in the H-bonded state, water-dioxane. The 
other curves of Figure 4 are water spectra obtained by 
dilution of the mixture A = 5 g of H20/1. of dioxane with 
CC14. (All spectra were obtained with a constant num­
ber of water molecules by keeping the product C n2od  =
2.5 (g l.-1 cm), where d = cell thickness, constant.)

The new band of the dilute systems is in the wave­
length range corresponding to the free-OH vibration. 
The appearance of two bands with a reasonably good 
isosbestic point indicates that the band with a maximum 
at 1.92 n belongs to water molecules with both OH 
groups H bonded to dioxane—the band in the short 
wavelength range belongs to free OH groups of water 
molecules whose second OH group is H bonded to di­
oxane. The free OH bond cannot belong to free water 
molecules without H bonds to dioxane because the 
solubility of water in CC14 is so small that nearly all 
water molecules must be in a complex-bonded form 
with dioxane.

The following experiments indicate that the change 
in the position of free OH bands of water is only small if 
the second OH group engages in H bond interactions 
with another molecule.

(a) van Thiel, Becker, and Pimentel6 employed the 
matrix technique (H20  in solid N2) at medium con­
centration and they observed a splitting of the free-OH 
vibration into two bands with a frequency difference of 
25 cm-1.

(b) Mohr, Wilk, and Barrow4 studied a series of 
mixtures, water-solvent, in the fundamental vibra­
tional region in a manner similar to that used for Figure
4. If we plot their frequencies corresponding to the 
maximum of the free-OH water band against the fre­
quency of the H-bond band, water-solvent (Figure 5),4 
we obtain a straight line with a slope of about 10 cm-1 
change in the band maximum of the free OH band per 
115 cm-1 difference of the maximum of the H-bond 
band, water-solvent, to the maximum of the free-water

1 Nitromethan
2 Nitrobenzol 
3Trioxan 
i Dimethylphthalat
5 3,4-Dimethoxybenz- 

aldehyd
6 Acetonitril
7 Butyrolacton
8 Äthylacetat
9 Methylat
10 Aceton
11 Dioxan
12 t-Butylperoxyd
13 Äthyläther
U N,N-Dimethyltormamid
15 Pyridazin
16 Pyridin
17 4-PycolineN-oxyd v '8H.0

3300 y H-ftiickt_4______
too H-Bfuct.

Figure 5. Frequency of the free OH fundamental vibration of 
H 20  as a function of the frequency of the band of H  bonds: 
H 20-different acceptors 1 to 17; diluted solutions in CC14.4

Figure 6. Frequency of the :ree OH fundamental vibration of 
dialcohols as a function of the. frequency of the intramolecular 
H-bond band; diluted solutions in CC14.

band, water in CCI4. From the point of view of the 
Badger-Baur rule the frequency shift of the abscissa is 
proportional to the H-bond interaction energy. Figure 
5 allows us to make the statement that the frequency of 
the free-OH group in water shifts proportionately to 
the H-bond interaction energy of the second OH group.

(c) Dialcohols very d lute in CC14 show intramolecu­
lar H bonds.1'6 The spectra show a band of the intra­
molecular H-bonded OH group and a band of the second 
OH group that is not H bonded. With increasing 
number of CH2 groups of aliphatic dialcohols the bond 
angle of the intramolecular H bond is favored.1 There­
fore, the H-bond interaction energy and the frequency 
shift of the H-bond bar d is favored. Figure 6 shows 
the relation between the frequency of the free-OH band 
and the band of the H-bonded OH group. Again we 
find a similar slope of 10 cm-1 change of the free OH 
band with a frequency shift of 130 cm"1 between the 
intramolecular H-bond band and the free-OH band.

(d) Results similar to those of Figure 4 were ob­
tained with water—CH3OH mixtures (Figure 7).

(5) M . v a n  T h iel, E . D . B ecker, and G . C . P im entel, J. Chem. Phys., 
27, 95, 243, 486 (1957).
(6) L . P . K u hn , J. Amer. Chem. Soc., 74 , 2492 (1 952 );' '76, 9323 
(1 954 ); 80 , 5950 (1958); 86 650 (1 964); J. Org. Chem., 2,8, 721 
(1963).
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Figure 7. Dotted curve combination band of H 20  (diluted 
solution in CH 3OH) at 20°: A =  20 g of H 20/1. of CH3OH; 
C H 3OH spectrum compensated, d =  10 cm; upper curves 
mixtures of A with CC14.
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Figure 8 . Combination band of liquid water under 
saturation conditions.

Compared to Figure 4 the H-bond band absorbs at a 
longer wavelength because of the stronger H-bond in­
teraction. The spectra (A =  5 cm3 of H20/1. of dimethyl 
sulfoxide) are very similar to the spectra of Figure 7. 
The maximum of the H20-D M S0 H-bond band occurs 
at 1.94 p.

A comparison of Figure 7 and of the DMSO results 
with Figure 4 shows that the concentration of free OH 
in dioxane is larger in agreement with the smaller fre­
quency shift (H-bond energy).

2. Temperature Dependence of Liquid Spectra
Examination of the temperature dependence of spec­

tra from liquids presents the possibility of obtaining

information about the H-bond state of liquids. This is 
accomplished with high-pressure cells.7 Figure 8 pro­
vides an example of one overtone band from liquid 
water under saturation conditions. With higher tem­
peratures a band appears having its maximum in the 
region of free OH. The ice band gives information 
about the absorption due to ideal linear H bonds of 
water. Between the maxima of the ice band and the 
free-OH band at higher temperatures the intensity is 
higher than in the solution experiments. We have 
found the same situation by studying the temperature 
dependence of spectra from alcohols in bulk in com­
parison with the solution spectra.8

In the following section we shall give some indica­
tions of how higher intensities between the two bands 
that appear in the complex spectra (Figures 4 and 7) 
can be understood.

(a) Let us first consider the fact that the H-bond 
interaction depends upon the distance between the 
proton donor and proton acceptor.9 This can be dem­
onstrated from the temperature dependence of the ice 
spectra (Figure 9). With lower temperatures the dis­
tances decrease and the H-bond interaction should in­
crease. In agreement with this we find an increase of 
frequency shift of the ice band with decreasing tem­
perature.

(b) The H-bond interaction depends upon the 
orientation of the H-bond systems.10 This can be

Table I :  X -(C H 2)„-OH,“ Ar (cm-1)

-n-
X 1 2 3 4 5

Fundamental Stretching Vibration
OH 30 78 156 153
OCHs 30 86 180
c h 2= c h — 18 40

18 28 40

H C = C — 42 50
First Overtone

OH 58 150
OCH3 70 (2 0 0 )
c h 2= c h — 32 79O- 40 67

0 The angle between the proton axis of the OH group and the
axis of the free electron pair orbital of the acceptor decreases 
with increasing n.  For n  =  4 this angle is zero and has a maxi­
mum.

(7) W . L uck , Ber. Bunaenges. Phys. Chem., 69, 626 (1 9 6 5 ); Z. 
Naturforsch. B, 24 , 482 (1969).
(8) W . A . P . L u ck  and W . D itter , Ber. Bunsenges. Phys. Chem., 72, 
365 (1 968).
(9) T . T . W all and D . F . H orn ig , J. Chem. Phys., 43 , 2079 (1 9 6 5 ); 
W . A . P . L u ck  and W . D itter, J. Mol. Struct., 1 ,2 6 1  (1 9 6 7 -1 9 6 8 ).
(10) W . G . Schneider, J. Chem. Phys., 23 , 26 (1 955 ); H . A . S taab , 
“ E in führun g  in die T heoretisch e O rganische C h em ie ,”  V erlag  
Chem ie, W einheim , 1959.
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Table II

Free OH in a free molecule 3^25
Free OH in a molecule 3700

whose second OH is H
bonded

H-bond band of a dimer 3545
H-bond band of a trimer 3510
H-bond band of a tetramer 3390
Ideal H-bond band of a 3335

polymer

-HsO-
Av A v / Aj>max VI Av

25 0 .0 6
3640
3620 20

180 0.46 3435 205
215 0.55
335 0.86 3260 380
390 1 3220 420

-------------- - ,----------------------- C H .O H ------------------------,
Av/  Avmax v Av A v / A vm&x

3660
0.05

0.49 3490 170 0.42
3445 215 0.52

0.9 3290 370 0.9
1 3250 410 1

Figure 9. Temperature dependence of the 2-n  
combination band of ice.

demonstrated by spectroscopic methods.1 Studies of 
intramolecular H bonds of aliphatic molecules with 
proton donors and proton acceptors on the ends give 
the frequency shifts in Table I.11

(c) The matrix studies with water6 give further 
indications of this angle effect of H bonds. The differ­
ent bands found in the matrix technique can easily be 
analyzed as in Table II. If we assume that the aggregates 
are cyclic we can determine the angle between the proton 
axis and the axis of the free electron pair orbital or the 
H-bond acceptor. We thus obtain a relation between 
the H-bond band frequency shift, A v ,  and the H-bond 
angles1 (Figure 10). The data from the dimer agree 
with the frequency of the 3520-cm_1 band observed in 
CC14 solutions (Figure 2). From the Badger-Baur rule, 
A v  is proportional to the interaction energy. Figure 10 
therefore provides approximate information about the 
effect of angle on the H-bond energy.

(d) Similar information about the effect of angle on 
the H bonds was obtained from the intramolecular H- 
bond data from oximes1 and from the intramolecular 
H-bond data from dialcohols.1

In bulk solvents we expect the intramolecular H 
bonds to have a distribution of H-bond angles and

1 0,4 AVq
Avm.,

A

♦
1 0(5

f i0,6 ////
/

0,7 /  Matrixtechnik 20*K 
' OHj0 ; a CH30H

1 CCl4 Lösungen 293* Y
0,8 /

/
/A 1//

a R-OH,.* CjH50H

0,9 K/
/

/✓
1.0 20* 40* 60* 80* 100*

- P ----- -
Figure 10. Angle dependence of the frequency shift Avg 
between the free OH fundamental vibration and the H-bond 
band, standardized by division by the frequency shift A % „  of 
the band of ideal H  bonds (angle zero).

distances. The X-ray scattering data show that the 
distance distribution function is not a continuum dis­
tribution function without accumulation at certain 
distances. Similar behavior is expected from the orien­
tational distribution. Accumulation at angles is ex­
pected for values of f} =  0 and at the angles of different 
cyclic aggregates. (In a cyclic dimer the total inter­
action energy is twice the interaction energy correspond­
ing to fi =  109°; equal to about the energy of one H 
bond with (3 = 0, etc.) In addition from the point of 
view of Figure 10 we must expect an accumulation of 
A v  values near A v  =  A rmax and A v  ~  0.5Avmax.

The extinction coefficients of the maxima of the H- 
bond bands decrease with A v  because of the increased 
broadening effect with A v .  This presents the spectro­
scopic possibility of recognizing the free-OH band, with 
/3 «  180°. Such statements present a point of view 
between the continuum model of liquids1213 and the

(11) W . A . P . L u ck  and W . D itter, Ber. Bunsenges. Phys. Chem., 
in  press.
(12) M . F alk  and T . A . F ord , Can. J. Chem., 44 , 1699 (1966).
(13) V . V an d  and W . A . Senior, J. Chem. Phys., 43 , 1896 (1965).
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Figure 11. The density (p) dependence of a CH  
overtone band of chloroform.

Figure 12. The density dependence of the maximum of a 
combination band of H 20 , diluted solutions in CC14 
at different temperatures.

mixture model. However, the experiments with water- 
solvent complexes presented before indicate that this 
accumulation effect for certain angles cannot be ne­
glected.

The complete analysis of different H bonds is not 
possible by ir methods because the effects of band over­
lap are severe. In addition Fermi resonance may occur 
between H-bond bands and some other weak bands. 
Therefore, we prefer to analyze the intensity of the 
free-OH vibration bands. The overlapping effects are 
small with H-bond bands in the region of the sharper 
free-OH bands. Effects of Fermi resonance with other 
weak bands can be cancelled by analysis of different 
overtone bands. Therefore, we have studied four H20  
overtone bands, two D20  overtone bands, and one 
HOD overtone band.7'14,16 The determinations of free 
OH from these bands gave similar results. We thus 
conclude that Fermi-resonance effects cannot be very 
important in our method. Nevertheless, our method is 
only approximate. There are some weak overlapping 
effects involving H-bond bands. In addition the fre­
quency of the free-OH band depends upon the density 
p of the environment. But this is a second-order effect. 
Empirically we found that the effect of environment is 
proportional to p2 (Figures 11-13) for all systems that 
we studied. The environmental effects are listed as 
follows. The “jump” at the critical point in Figure 13

HCCls d(AO/d(p2) «  15 cm-" g - ’ cm8
H 20  in CCU d(AD/d(p2) «  20 c m '1 g~2 cm8
Liquid HO D d(A^)/d(p2) «  60 cm"1 g“2 cm8

may arise from the effect of the free-OH change in a 
molecule whose second OH is bonded to a free molecule 
with two free OH’s (see section 1).

Figure 13. The density dependence of the first free-OH 
overtone band of HO D, liquid state under 
saturation conditions.

3. Analysis of the HOD Overtone Spectra
We shall demonstrate a method for determining the 

percentage of free OH’s from the first overtone spectral 
band from HOD (Figure 14). With HOD the effects of 
overlapping between different bands are smaller—  
therefore the spectra are more useful. The second 
overtone of the OH stretch absorbs at 1.392 p for T  >  

T k  (free OH) and at 1.562 p in ice (ideal H bond). The
1.59 p (free band) and the 1.718 p (ice band) belong to a 
combination band. The combination band 1.59 to 
1.718 p has a frequency shift and an intensity quotient 
that are similar to the corresponding quantities for 
fundamental free and H-bond bands. 12’16 Therefore 
this band is not useful for distinguishing between differ­
ent bands (free, H-bond bands, etc). It is known18 
that the possibility of observing peaks or shoulders 
from two overlapping bands depends upon the ratio of 
frequency shift A v  to the half-width A v i/ ,  of the two 
bands. For two bands with the same intensity /  and 
the same A v i / „  peaks or shoulders can only be observed 
if18

A v  >  0 .8 5A pi/ 2

(14) W . L uck , Fort8chr. Chem. Forsch., 4 , 653 (1964) ; “ P h y sico - 
C hem ica l P rocesses in  M ixed  A qu eou s S o lven ts ,”  H einem ann, 
L on d on , 1967, p 11; Ber. Bunsenges. Phys. Chem., 67, 186 (1 9 6 3 ); 
W . L u ck  and W . D itter , ibid., 70 , 1113 (1966); W . L u ck , G . 
B ôttger , and H . H arders, J. PhysK Chem., 71 , 459 (1967).
(15) W . L u ck  and W . D itter, J. Mol. Struct., 1, 339 (1 9 6 7 -1 9 6 8 ).
(16) E . U . F ra n ck  and K . R oth , Discuss. Faraday Soc., 4 3 , 108 
(1967).
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(M W> 150 1,60 1,70 \60

Figure 14. First overtone band (1.4-1.56 y )  and combination 
band (1.58-1.72 y )  of HO D (20 ml of H 20/1. of D 20 )  under 
saturation conditions.

If two bands overlap with different intensity or different 
Avi/ 2 the chance of observing peaks or shoulders is less. 16

For HOD we obtain the data in Table III. Theoreti­
cal calculations involving the overlapping of two 
bands in conjunction with the data of Table III 
have shown16 that we cannot expect distinct indications 
of overlapping from bands of different species in the

Table I I I

y Av/Aui/2
I  (free)/ 
/(ice )

Fundamental16 4 —1.3 —0.2
Combination 1.59 -1.718 1.15 0.18
First overtone 1.392-1.562 2.5 1.55

case of the HOD fundamental and combination band, 
but we must expect such indications for the overtone 
band. This provides a useful means of understanding 
statements in various articles dealing with spectra from 
water. The overtone spectra do not show isosbestic 
points for large temperature regions, but they give 
indications of isosbestic points for small temperature 
regions (Figure 8 ). In small temperature regions we 
can assume that water structure changes only by the 
change in the concentrations o: two different species. 
But for the entire temperature region we should assume 
changes arising from more than two species. These 
may be open OH groups, and different types of H bonds.

As a first approximation we shall attempt to deter-

----► Temp.[°cJ

Figure 15. Dielectric constants of H 20  as functions of 
temperature and density (measurements see ref 17).

mine the percentage of free-OH groups that have no 
H-bond interactions by determining the optical density 
at the wavelength of the maxima for T  >  T k . We shall 
assume that all H bonds are closed in ice, but that for 
T  >  T k  all H bonds are open. The assumption for 
T  >  T k is only approximate. We arrive at this from 
the observation that for p = pk and T  >  T k , the optical 
density of water is constant. This is not true for 
CH3OH and C2H5OH, but for both of the alcohols it is 
true for T  >  T k  (H20 ).s This may mean that T k for 
these alcohols depends upon the dispersion interaction 
of the CH groups and the H bond of the OH groups. 
But in the case of water the H bond dominates. The 
H-bond interaction of one OH group in water is similar 
in magnitude to that in alcohols. This follows from the 
Ac of the H-bond bands.

In the case of water there may be a small amount of 
H-bond-like interactions above T k , but examination of 
the dielectric constant data17 (Figure 15) shows that the 
remainder cannot be large. Figure 16 shows the per­
centage P  of non-H-bonded OH groups of water under 
saturation conditions as a function of T. The approxi­
mate analysis of three different bands gives similar 
results.

Our approximation method neglects changes of ex­
tinction coefficients with T. Therefore, it may be pref­
erable to determine P  from the areas of bands. It 
may be shown that the area of the free-OH band in the 
case of a strong change in environment does not change 
during the temperature rise for saturated alcohol vapor.8 
To minimize overlap effects we have taken only the 
area of the free-OH bands from short wavelength up to 
the maximum. Figure 17 gives the results for five 
different bands. The three bands involving the best 
experimental conditions agree very well with Figure 16. 
Therefore our approximate method for determining P  
can be examined, and it yields the experimental possibil-

(17) A . S. Quist and W . L . M arshall, J. Phys. Chem., 69, 3165 
(1965).
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Figure 16. Percentage of free OH in liquid water under 
saturation conditions, determined by the optical density of 
different free OH bands of H 2O and one of HO D (values of 
first approximation).

Figure 17. Percentage P  of free OH in water, determined by 
the areas of different free-OH bands of H 20, D 20 , and HOD  
(second approximation).

ity of obtaining information on the structure of various 
H-bonded liquids. For example Walrafen’s Raman 
data from water18 agree very well with our ir data, 
and it is possible to show that with our experimental P  
values (Figure 17) one can calculate thermodynamic 
quantities for water and alcohols. 19 This is possible 
only with the two-state approximation—free OH and 
H-bonded OH. This very simple model may mean 
that the second state is an average of H-bonded states. 
In addition we can show that not only the behavior of 
water, but also the profiles of all bands even to the fine 
details can be obtained by use of the Du Pont curve 
analyzer with three band systems: ice-like, free, and a 
broad band of energetically unfavored H bonds be­
tween the other two band systems.20

Solution Spectra
The spectra of an aqueous electrolyte solution at a 

given temperature are similar to the spectra of pure 
water at some other temperature. If we classify ions 
in a series according to thier influence on water spectra 
we obtain the lyotropic ion series identified by effects 
on water structure as follows.21 Some ions produce an 
increase in intensity in the wavelength region of free

W. A. P. Luck and W. D itter

Figure 18. Extinction coefficients of water in H 20 -H F  
solutions. The intensity in the region of the free OH absorption 
increases with increasing concentration of HF.

Figure 19. Optical density over water concentration of the 
first overtone band, solutions of N H 3 in water.

OH (structure breakers). As an example consider 
Figure 18 showing spectra from HF-H20  mixtures. 
The strong association of HF seems to disturb the 
water structure, and in agreement with the spectro­
scopic results such mixtures yield a large density maxi­
mum as a function of composition.

Some ions produce a decrease of intensity in the re­
gion of the free-OH vibration (structure makers). As 
an example Figure 19 shows spectra from aqueous solu­
tions of NH3—a decrease of intensity in the region of 1.4 
to 1.45 n is apparent in the figure. In addition these 
spectra give evidence of the NH vibration at 1.52 ju- 
The band maxima of NH3 in CC14 are included in Figure

(18) G . E . W alra fen  in  “ H yd rogen  B on d ed  S o lven t S ystem s,”  A . K  
C ov in g ton  and  P . Jones, E d ., T a y lo r  and Francis L on d on , 1968.
(19) W . L uck , Discuss. Faraday Soc., 43 , 115 (1967).
(20) W . L u ck  and W . D itter, Z. Naiurforsch. B , 24 , 482 (1 969).
(21) W . L uck , Ber. Bunsenges. Phys. Chem., 69 , 69 (1 965).
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Figure 20. Extinction coefficients of the first overtone band of 
water at T k , in different solutions, in ice, and of the gas hydrate 
in S02. (Substitute 5.75 mmol/1. instead of 5.75 mol/1.)

19. The frequency of the NH band is not changed in 
the aqueous solution. This result could mean that NH3 
acts as an acceptor for free OH groups of water. The 
separation between ions having spectra that look like 
spectra of pure water at temperatures higher than the 
solution temperature (structure breakers) and ions 
having spectra that look like water at (relatively) lower 
temperatures (structure makers) depends upon the 
solution temperature.21 At higher temperatures the 
number of structure “breakers” decreases. The posi­
tion of a given salt ion in this series depends mainly 
upon the anions; the role of the anions depends upon 
e2/r.

Pauling has assumed in one article that liquid water 
has a gas-hydrate structure.22 A study of gas hydrates, 
therefore, is of interest. Figure 20 shows S02 gas- 
hydrate spectra in the solid state. In this system we 
found a broad ice-like band. The maximum is shifted 
to shorter wavelengths. We expected this because the

Figure 21. Extinction coefficients of the first C H 3OH overtone 
band, CH3OH in different solutions at 20°. The spectrum of 
the SO2 solutions indicates a small interaction of the OH 
protons with S02, a small concentration of C H 3OH H-bond 
aggregates, and therefore a strong C H 80 H -S 0 2 interaction.

water molecules in the gas-hydrate structure are pri­
marily in five-membere i rings with ¡3 «  10°. The 
difference between the value of ft and zero induces an 
unfavored H bond with a smaller Av, compared to ice. 
The spectra of water diluted in S02 give only a small 
Ar in comparison to water diluted in CC14. This im­
plies a small interaction between water protons and 
S02.

It may be that specia interactions exist between the 
O atoms of the OH grcups and S02. This is demon­
strated by Figure 2 1 . The figure indicates a small 
wavelength shift for the free OH vibration of methanol 
in liquid S02. A comparison of this spectrum with 
spectra in different solvents shows a smaller intensity of 
the H-bond band (1.45 to 1 .6  n) for S02 as solvent. 
This agrees with the observation of complexes between 
S02 and ketones.23

(22) L . P auling  in D . H a cz i, “ H y d rog en  B on d in g ,”  P ergam on 
Press, L ond on , 1959, p 1.
(23) H . W inde, Z. Phys. Chem. (Leipzig), 234, 225 (1967); 
“ G m elin ’s H andbuch  d er  A n organ ischen  C h em ie .,”  8  A u fl., V erlag 
C hem ie, W ein heim , 1960, 9S [B ] 1125.
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A Neutron Inelastic Scattering Investigation of the Concentration and 

Anion Dependence of Low Frequency Motions of H20  

Molecules in Ionic Solutions1

by P. S. Leung and G. J. Safford*
Union Carbide Corporation, Sterling Forest Research Center, Tuxedo, New York 10987 {Received March 2, 1970)

The dependences of intermolecular frequencies and of diffusive kinetics on concentration, on cation, and on 
anion have been investigated using neutron inelastic scattering for H20 molecules in aqueous solutions. In 
CsCl, NaCl, and MgCl2 solutions, water frequencies are observed up to concentrations of about 0.5 m. In 
contrast, characteristic frequencies of water persist to concentrations above 4.6 m for KC1, but for LiCl any 
correspondence with water frequencies is lost above 0.02 m. With further increases in concentration, inter­
molecular frequencies characteristic of primary ion-water hydration complexes appear and intensify. Below 
25°, the diffusive kinetics were in accord with a delayed-diffusion mechanism. For dilute solutions (especially 
<0.5 m), the values of the self-diffusion coefficients (D) and residence times (ro) were nearly identical with those 
for water. At 1°, with increasing concentration, the D ’s decrease and the r0’s increase relative to water for KF, 
NaCl, LiCl, MgCL, MgS04, and CrCl3 (“positive hydration”), while the reverse is true for CsCl, CsBr, KSCN, 
KI, KBr, and KC1 (“negative hydration”). However, for concentrated solutions of certain strongly hydrating 
cations (e.g., Crs+ and Li+), jump reorientations of individual waters in the primary layers are sufficiently 
restricted, so that diffusion of entire cation-water complexes is observed. For CsCl and CsBr, the D ’s increase 
and the r0’s decrease initially with increasing concentration, but become nearly constant, due to increased ion 
pairing. For KSCN solutions, with increasing concentration D  increases and rQ decreases initially relative to 
water. They then go through a maximum and minimum, respectively, and approach the values for water cor­
responding to a decrease in “negative hydration.” Thus, while SCN-  ions increase the diffusive mobility in 
the solvent, reorientations of waters in primary hydration coordinations are at least as restricted as those in 
water. In concentrated solutions of small and/or highly charged cations (i.e., Li+, Mg2+, La3+)> the fre­
quencies and diffusive, characteristic parameters are primarily determined by the cation, and only secondarily 
by 1— anions. The replacement of Cl -  anions by NCb-  anions primarily causes small broadenings and loss of 
resolution of the intermolecular frequencies together with a slight increase in D  and a decrease in r0. Relative 
to MgCl2, in MgS04 solution, the S042- ion decreases slightly the anharmonicity of the vibrations of waters 
coordinated to the cations, but mainly restricts the diffusive mobility of water molecules beyond the primary 
layers. In contrast, for solutions of larger, singly charged cations, the intermolecular frequencies and the dif­
fusive kinetics show a strong dependence on anion. Thus, in potassium halide solutions, the “structure­
breaking” influence of the anions increases as Cl~ < Br~ < I- , and F-  acts as a “structure maker.” Experi­
mental evidence and a tentative explanation are given for abrupt variations with temperature in intermolecular 
frequencies and in the diffusive kinetics of a 4.6 m KC1 solution near 25°.

Introduction

Neutron inelastic scattering (nis) 2-4  has been used 
previously to study the motions of H20  molecules in 
solids, in liquids, and in concentrated ionic solutions. 
Due to the large scattering cross section of hydrogen 
relative to other elements, the nis spectra correspond 
primarily to vibrational and diffusive motions of H20  
molecules. As the spectra are not subject to optical 
selection rules, all intermolecular modes below 900 cm- 1  
as well as diffusive motions of H20  molecules which 
occur within the interaction time,5 in principle, are 
observed. Previous nis measurements12 on ionic solu­
tions, which were primarily restricted to higher con­
centrations (typically 4.6 to), have shown the following.

(a) The spectra of solutions with strongly hy­
drating, small and/or highly charged ions (e.g., La3+, 
Mg2+, Li+, and F- ), showed the rocking, twisting, and

wagging librational modes and fundamental metal- 
oxygen stretching and bending modes of ion-water 
hydration complexes at frequencies similar to those 
observed in nis spectra of the corresponding solid salt

* T o  w hom  correspondence should  be addressed.
(1 ) T h is  w ork  w as su pp orted  b y  th e  O ffice o f  Saline W a te r  o f th e  
D ep a rtm en t o f  th e  In terior.
(2) G . J . Safford , P . S. L eun g, A . W . N aum ann, and P . C . Schaffer, 
J. Chem. Phys., 50 , 4444 (1969).
(3) (a) K . E . L arsson and U . D ah lborg , J. Nucl. Energy Parts A/B,
16, 81 (1 962); (b ) K . E . L arsson in  “ T herm al N eu tron  S ca tterin g ,”
P . A . Egelstaff, E d ., A ca d em ic  Press, N ew  Y ork , N . Y ., 1965, p  347.
(4) T .  Springer, Nukleonik, 3 , 110 (1961). T h is  paper constitu tes  
on e  o f the  m ost com p lete  review s o f  the  app lica tion  o f  n eu tron  
scattering  to  the  studies o f  v ibra tion s and o f d iffu sive  m otion s  o f  
H 2O m olecu les in  w ater and ice  to  be  fou n d  in  th e  literatu re . P er­
tinent theories and  infrared  and R a m a n  m easurem ents are also 
review ed.
(5) K . E . L arsson, Inelastic Scattering Neutrons, Proc. Symp., 
1964, 2 , 3  (1965).
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hydrates. Further, the spectra6 for concentrated 
supercooled solutions of La(N03)s and CrCl3 above and 
below their glass transitions have been compared. In 
the glasses, any coupling of the hydrated ions to the 
lattice, which is characteristic of the crystalline hy­
drates, is absent. Below 900 cm-1, an even more pro­
nounced degree of correspondence is observed between 
intermolecular frequencies of the supercooled solutions 
and of the solid glasses. Such similarities in frequency 
indicate that the local orderings of H20  molecules in 
primary hydration layers of such ions are similar in 
solution to those in their glasses and solid hydrates. 
The strong primary ion-water interactions disrupt the 
initial solvent structure to form specific ion-water hy­
dration coordinations. Similar results for aqueous 
solutions have also been obtained from Raman and 
infrared studies7 -12  of the low frequency lines and their 
intensity variations. These optical measurements have 
provided important information on the symmetries 
and bond strengths of hydration complexes. Raman 
results have suggested that a degree of electron sharing 
in metal ion primary H20  bonds is common. Thus, 
the finite intensities of metal-water lines have been 
taken as evidence of covalent bonds in Mg(H20 ) 62 + 
and Zn(H20 )62+. The nis results2 indicated that in­
creasing temperature partially disorders these coordina­
tions, increases the anharmonicity and multiphonon 
contributions, and causes the corresponding frequencies 
to broaden and become less resolved.

(b) The spectra for solutions of the larger, singly 
charged cations (e .g ., Cs+, K+, and Na+) also showed 
frequencies characteristic of primary ion-water com­
plexes which were specific to a given salt. Such pri­
mary ion-water coordinations, while weaker than those 
involving small or highly charged cations, were still 
stronger than the average H20 -H 20  bonds in the sol­
vent. Thus, with increasing temperature, H20 -H 20  
coordinations were rapidly disrupted, and the number 
of primary hydration waters increased, so that their 
corresponding intermolecular frequencies became 
sharper and better defined.

(c) Analyses of the angular and temperature de­
pendences of the width of the diffusively broadened 
incident energy distributions (the “quasi-elastic com­
ponent” ) for concentrated solutions (typically 4.6 to or 
12 waters per ion pair) show that, below 25°, a delayed- 
diffusion model13 adequately approximated the diffu­
sive kinetics. Values of self-diffusion coefficients (D ) 
and of residence times (to) were obtained, which were in 
agreement with those from other techniques, within 
experimental uncertainty.2114-18 For solutions con­
taining small and/or highly charged ions, at all tem­
peratures, the D’s were decreased and the r0’s were in­
creased relative to water, and such ions acted as “posi­
tive hydrators” in the terminology of Samoilov. 19 In 
contrast, for solutions of larger, singly charged ions 
(even though ion-water complexes were formed), the

D’s were increased and r0’s decreased relative to water 
at lower temperatures, corresponding to an increased 
average reorientational mobility for waters (“negative 
hydration”). However, for certain salts (e.g., KC1 and 
CsCl), with increasing temperature, the values of the 
D ’ s and the t 0’ s  again closely approached those for 
water, in correspondence with a decrease in their “nega­
tive hydration” behaviors.

In the present investigation emphasis has been placed 
on determining the dependences of the diffusive kinetics 
and of the intermolecular frequencies on both concen­
tration and on the influence of specific anions relative to 
cations. The range of concentrations varied typically 
between 0.5 to (approximately equal to 110 waters per 
ion pair) and the saturation limit of a given salt. At 
the lower concentrations, the spectral contributions of 
the relatively small number of H20  molecules in pri­
mary hydration layers are negligible, and the spectra 
are primarily characteristic of the “bulk-solvent.” The 
extent to which water structure can persist in dilute 
solutions and the relative influences of ionic size, charge, 
and the strength and coordinations in the primary 
layers in disrupting the distant bulk solvent have been 
the subject of considerable interest. Frank and Wen20 
postulated a region of “disrupted water structure” 
intermediate to the primary hydration layer and the 
distant solvent. Samoilov19 has emphasized that ions 
hydrate in dilute solutions so that a minimum modifi­
cation of the solvent structure occurs. In such an 
“intermediate region,” the average number of bonds 
per H20  would, in general, be lower than for water, and 
the reorientational freedom of H20  molecules increased. 
However, it has been argued21 that strong primary ion-

(6) P . S . L eung, S. Sanborn, and G . J. Safford , J. Phys. Chem., 74, 
3710 (1970).
(7) (a) R . E . H ester, “ R am an  S p ectroscop y  T h e o ry  and P ra ctice ,”  
H . A . Szam anski, E d ., P lenum  P ublish in g  C o ., N ew  Y ork , N . Y ., 
1967, p  101; (b ) D . E . Irish, ibid., p  224.
(8) G. E . W alrafen, J. Chem. Phys., 44 , 1546 (1966).
(9) J . O . B urgm an, J. Sciesinski, and K . Skôld , Phys. Rev., 170, 
808 (1968).
(10) D . A . D raegert and D . W illiam s, J. Chem. Phys., 48 , 401 
(1968).
(11) J. P . M ath ieu  and M . L ou n sbu ry , C. R. Acad. Sci. Paris, 229, 
1315 (1949).
(12) J. H . H ibben , J. Chem. Phys., 5 , 166 (1937).
(13) K . S. S ingw i and A . S jôlander, Phys. Rev., 119, 863 (1960).
(14) L . E n d om , H . G . H ertz, B . T h ill, and M . D . Zeidler, Ber. 
Bunsenges. Phys. Chem., 71 , 1008 (1967).
(15) J . H . W ang, J. Phys. Chem., 58 , 686 (1954).
(16) C . M . D av is  and T . A . L itov itz , J. Chem. Phys., 42 , 2563 
(1965).
(17) B . P . F abricand , S . S. G oldberg , K . Leifer, and S. G . Ungar, 
Mol. Phys., 7 , 425 (1964).
(18) D . W . M cC a ll and D . C . D ou glass, J. Phys. Chem., 69 , 2001 
(1965).
(19) O . Y a . Sam oilov , “ Structure o f A qu eou s E lectro ly te  S olutions 
and the H y d ra tion  o f Io n s ,”  C onsu ltants B ureau  Enterprises, Inc., 
N ew  Y ork , N . Y ., 1965.
(20) H . S. F rank and W . Y .  W en, Discuss. Faraday Soc., 24, 
133 (1957).
(21) V . I . T ik h om irov , J. Struct. Chem. (USSR), 4 , 479 (1963).
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water interactions can lead to the polarization of H20  
bonds and to a strengthening of bonds beyond the pri­
mary layer, which would tend to decrease the reorienta- 
tional freedom. The relative influence of the reduction 
of the number of bonds in the intermediate region and 
of this cooperative strengthening of bonds by polariza­
tion would affect the average diffusive kinetics, and 
determine the structure-“making” or -“breaking” in­
fluence of a salt.

At high concentrations, where the nis spectra are 
characteristic of ions and their strongly coordinated 
primary layers, the overall diffusive process may pri­
marily involve motions of ions together with their waters 
of hydration, as reorientations of individual H20  mole­
cules may involve long delay times. Indeed, nmr 
measurements22 have indicated that the exchange rates 
for H20  molecules between the hydration sheath and 
the solvent may exceed 10  sec.

The influence, relative to cations, of different anions 
on the intermolecular vibrational frequencies and the 
diffusive dynamics of H20  molecules has been investi­
gated. For solutions of strongly hydrating La3+ and 
Li+ cations, the relative influence of Cl-  vs. N 03~ 
anions, and for Mg2+, the relative influence of S042- 
and of Cl-  anions were studied. Also, variations in 
inelastic and quasi-elastic components with anion were 
compared for KC1, KBr, KI, and KSCN and for CsF, 
CsCl, and CsBr. The results have been compared 
(where possible) with optical and relaxation results and 
with pertinent hydration theories.

Experimental Section
Instrum ents. The present measurements were made 

using a beryllium-filtered incident beam and a neutron 
time-of-flight spectrometer which has been described 
previously.23 The application of this type of spectrom­
eter to studies of liquids is described in the litera­
ture.24 The solutions (prepared from analytical grade 
reagents and deionized water) were contained in grooves 
(having average thickness of 0.42 mm) in a thin A1 
plate backed by cadmium. A 2-X layer of an inert 
polymer film protected against corrosion, and the cell 
was appropriately shielded to prevent scattering by the 
sample holder. As reported in extensive detail pre­
viously,2 the polymer film and the A1 window produced 
negligible spectral distortions or background contribu­
tions and the sample thickness yielded negligible spec­
tral distortions from multiple scattering. For the 
spectra taken at 1 °, the sample was cooled by circulating 
water from an ice-water bath, shielded to avoid the 
scattering of neutrons by the coolant.

A n a lysis  o f  Data. The procedures used for the treat­
ment of the data, for checking its reliability and re­
producibility, and for the analysis of the quasi-elastic 
components have been extensively described in the 
literature, 2 25 so that only a summary will be given here.

The spectra were corrected for measured background,

for counter efficiency, and for chopper transmission. 
Background corrections were made at each scattering 
angle by a channel-by-channel subtraction of the mea­
sured spectra of the empty sample holder. Thus, 
background was predominantly a flat component upon 
which was superimposed a weaker, broad distribution 
centering at about channel 146. The latter component 
varied with chopper speed, as expected for the “ 180° 
burst.” While small and significant variations oc­
curred in the background with both scattering angle 
and cell geometry, spectra independent of a given cell 
could be systematically obtained after background cor­
rections. The statistical uncertainties shown for the 
spectra correspond to ± 1  standard deviation, calcu­
lated from the total and background counts per channel. 
The solid curves in the neutron spectra were averaged 
through the data points with regard to statistics. The 
reproducibility and reliability of spectral features were 
further tested by (a) comparisons of spectra remea­
sured with fresh solutions; (b) comparisons of data 
collected on the four independent counter banks, elec­
tronics, and memory banks of the time-of-flight analy­
zer; and (c) comparisons with background spectra for 
the empty cell to show that no spectral artifacts from 
neutrons scattered by the sample holder or shielding 
arose.

To obtain the quasi-elastic maxima, the low fre­
quency inelastic contribution was estimated using a gas 
model of mass 1826'27 and then subtracted. A value of 
T (the Lorentz half-width at half-maximum) was then 
chosen which yielded the optimum agreement in shape 
after a comparison between the measured incident dis­
tribution, broadened by Lorentzian functions of vary­
ing half-widths at half-maximum, T, and an observed 
quasi-elastic maximum.

Measurements for most of the spectra were made at 
1 °, where the delayed-diffusion limit of the general 
Singwi-Sj olander model13 has been shown previously to 
be a valid approximation. For this model

, y  =  n- ( \ ------- - 2W )  (1 )
TO \  1 +  K W t J

where

K 2 = k02 +  fcf2 — 2k0kf cos (¡> 

and for k0 ~  kt

K 2 «  4/c02 sin2 <j>/2

(22) J . A . Jackson, J. F . Lem ons, and H . T au b e , J. Chem. Phys., 32 , 
553 (1960).
(23) G . J . S afford  and A . W . N aum ann, ibid., 45 , 3787 (1966).
(24) P . A . Egelstaff, E d ., “ T herm al N eu tron  S catterin g ,”  A ca d e m ic  
Press, N ew  Y ork , N . Y ., 1965.
(25) G . J . Safford , P . C . Schaffer, P . S. L eung, G . F . D oeb b ler , 
G . W . B rad y , and E . F . X .  L yden , J. Chem. Phys., 50 , 2140 (1 969 ).
(26) B . N . B rock h ouse, Nuovo Cimenio, Suppl., 9, 45 (1958).
(27) A . N . G olan d  and K . O tnes, Phys. Rev., 153, 184 (1967).
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NEUTRON ENERGY GAIN (cm"')

Figure 1. The neutron time-of-flight spectra, measured at 1° 
and a scattering angle of 45° for dilute solutions of LiCl, MgCl2, 
CsCl, and NaCl and for a 4.6 m  solution of KC1 (at 15°), are 
compared with the water spectrum at 25°. The vertical lines 
show the peaks in the water spectrum which occur in solutions 
at nearly the same frequencies. The frequencies in parentheses 
are froip Raman measurements8 and those in brackets are from 
another nis measurement.® In  this and the following figures, 
the statistical errors, as calculated from the total and 
background counts, are represented for 'comparison with the 
spectra by the solid strip at the top of the figure. A t a given 
channel, the full width of the strip extends from + 1  to — 1 
standard deviation, or.

and where k0 =  initial neutron momentum vector, 
fcf = final neutron momentum vector, <f> =  scattering 
angle, r0 =  “residence time,” D  =  self-diffusion coeffi­
cient, and e~ 2W =  the Debye-Waller factor. Values of 
D  and r0 were chosen to yield an optimum fit to a curve 
of T vs. K 2.

Results and Discussion
The nis spectra reflect the vibrational and diffusive 

motions of H20  molecules characteristic of the “bulk- 
solvent” for dilute solutions and of primary ion-water 
complexes for concentrated solutions. At low concen­
trations (typically of 0.5 m  and below, corresponding to 
more than 1 1 0  waters per ion pair), the torsional com­
ponents, 2 as well as the lower frequency modes in the 
spectra for the CsCl, NaCl, and MgCl2 solutions, show 
a pronounced correspondence with those observed for 
water (Figure 1), which becomes lost in a manner 
specific to a given salt with increasing concentration 
(Figures 2 and 3). However, such a correspondence is 
not observed for dilute LiCl solutions (Figure 2 ), except 
at lower concentration (typically below about 0.05 m), 
while in contrast, for KC1 solutions (Figure 1), fre­
quencies characteristic of water appear to persist even 
to concentrations as high as 4.6 m. Small frequency

NEUTRON ENERGY GAIN (cm'1)

Figure 2. The neutron time-of-flight spectra are shown for LiCl 
solutions as a function of the joncentration. The reported 
(Raman8,12 and ir10) frequencies are marked with 
R  and IR , respectively.

shifts relative to water and within the experimental 
resolution cannot be precluded, and variations in in­
tensities of the maxima relative to water do occur.

In correspondence with the similarity to water of the 
inelastic frequencies, the curves of T vs. K 2 for dilute 
solutions are also nearly within experimental error of 
that for water (Figure 4). While the individual points 
are within error of those for water, the points for CsCl 
lie systematically above that for water, while those for 
MgCL, NaCl, and LiCl lie below. The near coinci­
dence of these curves implies that the values of D  and 
T0 are similar to water and that any changes in the 
activation energies are small relative to the energy of a 
hydrogen bond in water (approximately 2.5 kcal/mol). 
Thus, despite the different hydration powers of mag­
nesium, sodium, and cesium ions, it appears that below 
about 0.5 m these ions do not strongly disrupt the struc­
ture of the bulk-solvent relative to water. In contrast 
to the above salts, LiCl is more effective in disrupting 
the solvent structure while KC1 is less effective.

The ability of such ions to alter the long-range struc­
ture of the distant solvent depends on the strength 
(relative to water) of their primary ion-water inter­
action, on the polarization of solvent molecules by the 
primary complexes, and on the degree of structural 
mismatch between primary hydration complexes and 
the distant solvent structure.21'28-30 Both the relative
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NEUTRON ENERGY GAIN [cm1]

Figure 3. The neutron time-of-flight spectra, measured at 1° 
and a scattering angle of 45° for CsCl solutions at various 
concentrations, are shown on the left. They are compared with 
spectra of a 4.6 m  solution as a function of temperature as 
shown on the right. The frequencies characteristic of pure 
water are indicated in the spectrum of the 0.5 m  solution and 
are observed to coincide with the frequencies of the inelastic 
maxima observed at this concentration. The vertical lines 1-6 
indicate new frequencies characteristic of cation-water 
complexes that appear at concentrations above 4.6 m .

number of H20  molecules and the diffusive freedom in 
such an intermediate region depend on the transition 
from the distant region, where the structure and forces 
are primarily determined by water structure, to the 
primary hydration complexes, where they are deter­
mined by specific ion-water coordinations. The abil­
ity of the Li+ ion to strongly alter the solvent structure 
at low concentrations could result, in part, from its 
small number of specifically coordinated primary waters. 
The small Li+ ion can polarize water molecules, 31 as a 
result of the formation of a strongly coordinated pri­
mary hydration layer involving four waters in a tetra­
hedral coordination, 32 and possibly even a second 
layer.33'34 The waters adjacent to hydrated Li+ ions 

, would undergo large reorientations to bond to the hy­
drated ions, and a cooperative structural readjustment, 
involving many molecules, could result. In contrast, 
larger ions like Na+, Mg2+, and Cs+ accommodate a 
greater number of primary hydration waters and would 
not require as large a structural perturbation from the 
bulk water structure in order for it to couple to the 
strongly ordered hydration layers about an ion.

With increasing concentration, as shown in Figures 
2 and 3, any spectral correspondence to water frequen­

cies characteristic of lower concentrations is rapidly lost, 
and new frequencies characteristic of librational and 
metal-oxygen stretching and bending modes in the ion- 
water complexes appear and intensify (as reported pre­
viously2). The observed broadening and damping of 
the inelastic spectra at intermediate concentration 
(for example, at 2.5 m  CsCl) probably reflects the pres­
ence of contributions from both frequencies characteris­
tic of the disrupted solvent and frequencies characteris­
tic of primary ion-water complexes. For small or 
highly charged ions, such frequencies were attributed to 
cation-water hydration complexes, where the primary 
cation-water interaction can involve a degree of co­
valency.7'35 Thus, Nakagawa and Shimanouchi,36 
from infrared results, have argued that metal-oxygen 
bond stretching force constants and the degree of co­
valency decrease in the progression Cr3+ >  Ni2+ ~  
Mn2+ ~  Fe2+ >  Cu2+ «  Zn2+ >  Mg2+.

In Figure 5 the inelastic spectra of La(N03)3 and 
LaCl3 and of LiCl, LiSCN, and LiN03 are intercom- 
pared. Both the LaCl3 and La(N03)3 spectra show 
large departures from water, and a strong correspond­
ence is observed between their intermolecular frequen­
cies. A similar, but less pronounced, correspondence is 
observed between the spectra of the three lithium salts. 
These results emphasize that the orderings and the 
coordinations in the primary hydration complexes of 
small and/or highly charged cations are influenced 
secondarily by the 1 — anions. In correspondence, the 
observed variations of the associated diffusive kinetics 
and parameters with 1  — anions are smaller relative to 
those observed with cations (Figures 6 and 7). Thus, 
the T vs. K 2 curve for La(N03) 3 lies close to, but sys­
tematically below, that for LaCl3. This suggests that 
the N 03~ ions (relative to the Cl-  ions) may weaken and 
perturb the hydration sphere about cations and, hence, 
the effective negative hydration for nitrate ions is 
slightly larger than for chloride ions, in keeping with 
results previously reported in the literature.36-40

(28) M . Kaminsky, Discuss. Faraday Soc., 24, 171 (1957).
(29) J. Greyson and H. Snell, J. Phys. Chem., 73, 3208 (1969).
(30) K. A. Valiyev and M . M . Zripov, J. Struct. Chem. {USSR), 7, 
470 (1966).
(31) O. D. Bonner and G. B, Woolsey, J. Phys. Chem., 72, 899 
(1968).
(32) D. E. Woessner, B. S. Snowden, Jr., and A. G. Ostroff, J. Chem. 
Phys., 49, 371 (1968).
(33) J. C. Hindman, ibid., 36, 1000 (1962).
(34) H. Rtlterjans, F. Schreiner, U. Sage, and T . Ackermann, J. 
Phys. Chem., 73, 986 (1969), have noted that even at 130° the second 
hydration layer of the L i+ ion in LiCl is only partially disrupted.
(35) I. Nakagawa and T. Shimanouchi, Spectrochim. Acta, 20, 429 
(1964).
(36) H. S. Frank and M. W. Evans, J. Chem.. Phys., 13, 507 (1945).
(37) T. H. Cannon and R. E. Richards, Trans. Faraday Soc., 62, 
1378 (1966).
(38) R. E. Hester and W. E. L. Grossman, Spectrochim. Acta, 23A, 
1945 (1967).
(39) G. A. Andreev, Proc. Acad. Sci. USSR, Phys. Chem. Sect., 145, 
518 (1962).
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Figure 4. The observed T vs. K 2 curves at 1° are shown as a function of concentration for CsCl, NaCl, LiCl, and MgCl2 solutions. 
The typical error shown represents the limits to which a value of T could be varied without incurring large variations in shape 
outside of statistical accuracy between an observed quasielastic maximum and the Lorentzian broadened incident energy distribution. 
The full solid lines through the data points represent fits with the simple delayed-diffusion model (see text) to the data. The dashed 
lines for the 10.0 and the 15.02 rn LiCl solutions were faired through data points, as discussed in the text. A t these concentrations, 
the simple delayed-diffusion model was not adequate to describe the diffusive kinetics.

The effects relative to Cl-  and N 03_ of the doubly 
charged S042- anion on the intermolecular frequencies 
of cation-water hydration complexes, and on the diffu­
sive kinetics, are shown in Figures 7 and 8 . The spec­
trum for a MgS04 solution is compared with the spectra 
for MgCl2-6H20  and MgS04-7H20. For the mag­
nesium sulfate solution and its corresponding solid 
hydrate, the frequencies in the region of the librational 
modes of H20  molecules coordinated to the cation are 
closely similar to those observed for a magnesium chlo­
ride solution and its corresponding solid salt hydrate, 
as shown in Table I, indicating a degree of similarity 
in the primary cation-water coordinations. In this 
regard, the local orderings obtained from X-ray diffrac­
tion for many magnesium salt hydrates41'42 and for 
solutions43 show that the magnesium ion is generally 
surrounded octahedrally by six water molecules with 
cation-water distances typically between 2  and 2.2 A. 
The similarity in the primary coordination of the mag­
nesium cations in both the sulfate and chloride salts is 
evidenced in the nis spectra by the similarities of the 
frequencies characteristic of cation-water coordinations 
in the solutions and in the solid hydrates. However, 
for the sulfate, these frequencies (especially the higher 
frequency modes) and the elastic peak appear more

intense, corresponding to a larger Debye-Waller factor 
and to a smaller average vibrational amplitude. Thus, 
the sulfate ion (relative to the chloride ion) appears 
primarily to have decreased the anharmonicity of the 
cation-water potential. Further, as shown in Figure 7, 
T vs. K 2 for the 2.3 m  solutions of magnesium sulfate 
lies below that for the more concentrated 4.6 m mag­
nesium chloride solution. Thus, the sulfate ion relative 
to Cl-  further decreases D  and increases to for waters 
beyond the primary hydration layer.

In contrast to the La3+, Mg2+, and Li+ salts, no 
significant correspondence in intermolecular frequencies 
is observed between the four potassium salts shown in 
Figure 9. Also, the diffusive kinetics show a large 
anion dependence (Figure 7). Thus, the relative in­
fluence of the 1 — anions appears to increase with cation 
radius.

Certain features for observed cesium and potassium

(40) J. P. Mathieu and M. Lounsbury, Discuss. Faraday Soc., 
9, 196 (1950).
(41) R. W . G. Wyckoff, Ed., “ Crystal Structure,”  2nd ed, Vol. 3, 
Interscience, New York, N. Y., 1965.
(42) W. H. Baur, Acta Cryst., 17, 136 (1964).
(43) A. K . Dorosh and A. F. Skryshevskii, J. Struct. Chem. (.USSR), 
8, 348 (1967).
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Figure 5. The neutron time-of-flight spectra for L a (N 03)3 and 
LaCl3 solutions are intercompared as are those for LiCl, LiSCN, 
and L iN 0 3. The Raman and ir frequencies for LiCl, from 
Walrafen8 and Draegert and Williams,10 respectively, are shown. 
The Raman frequency shown for L iN 0 3 was from Mathieu and 
Lounsbury.11 The correspondence of observed nis frequencies is 
indicated by the vertical lines 1-7 for the lanthanum salts and 
by the lines A -H  for the lithium salts.

salt solutions and their dependence on concentration, 
on anion, and on temperature will now be considered in 
more detail. At 1 ° and concentrations typically above
2.0  m, the diffusive kinetics of the bromide and chloride 
solutions are in accord with a “negative hydration” 
behavior. The self-diffusion coefficients and the resi­
dence times determined from eq 1  relative to water are 
in the progressions (see Table II) D * CaCi ~  D *CsBr ~  
-D *K B r >  D * k c i  >  D * HjO >  D * c SF >  -D * k f , >  and TKF >

TCsF >  THjO >  TKC1 >  TKBr >  TCsBr ~  TCsCl- A s  s h o w n
in Figure 8 , the inelastic frequencies for a 4.6 to CsF 
solution correspond well with those observed for the KF 
solution and for IvF-2H20  and show no significant 
similarity to those observed for CsBr and CsCl (Figure
9) . Thus, F~ anion in the presence of the larger, singly 
charged cations K + and Cs+ appears principally to 
determine the coordinations of the primary water, and 
the relative influence of the cations appears to be sec­
ondary. While the curve of T vs. K 2 for CsF (Figure
10) lies well below those for CsBr, CsCl, and water, it 
lies above that for KF. Hence, Csf does not show as 
strong a “positive hydration” behavior as KF, possi­
bly due to ion pairing. The larger Cs+ ion may also 
weaken solvent-solvent bonds more effectively than the 
smaller K + cation.

For concentrations of CsBr above 2.0 to and of CsCl 
above 4.6 to, the inelastic spectra show maxima that

Figure 6. A t the top, the observed r  vs. K 2 curves at 1° are 
compared to show the dependence on cation for a series of 4.6 m 
(indicated otherwise) chloride solutions. Curves shown at the 
middle and at the bottom illustrate various functional forms 
observed for r  vs. K 2 (see text). The line extensions on the 
10.0 m  LiCl and 5.7 m  MgCL curves are drawn to emphasize the 
existence of a linear relationship for r  vs. K 2 over the portion 
of the curve indicated.

differ from those of water, and that occur at nearly 
identical frequencies for both of these salts. The near 
independence on anion of the inelastic frequencies (Fig­
ure 9) and the r vs. K 2 curves (Figure 10) for both CsCl 
and CsBr solutions suggests that the spectra correspond 
primarily to cation-water complexes. As noted by 
Hindman,33 such “structure-breaking” cations may 
form hydration complexes while yet decreasing the 
solution viscosity. However, for such large, singly 
charged cations, the primary coordination layers may 
not be complete and direct ion pairing may occur.44 
Relative to these cesium solutions, both the inter- 
molecular frequencies and the curves of T vs. K 2 (hence, 
the diffusive parameters) for the potassium halide solu­
tions show a larger variation with anion. This differ­
ence is most probably due to a weaker structure-break-

(44) R. M . Lawrence and R. F. Kruh, J. Chem. Phys., 47, 4758 
(1967).
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Figure 7. Observed r  vs. K '1 curves at 1° are compared for a series of lanthanum, magnesium, lithium, and potassium salts to show 
the dependences on anion. The concentrations of the solutions are 4.6 to, unless otherwise indicated.

Table I : Observed and Calculated Modes of the 
M g(H 20 ) 62+ Octahedral Complex

,—Observed frequencies, cm 1— Calcu­
Nia“ . / Raman Ir lated Assignment

706 719“.* 607* Rocking
7496 librational

575 Twisting modes
454 (w)9 4604* 471* Wagging
382 37041 310*.* 320*

360c'.>
3704* vi sym stretch mode
360/3 of complex
365 4 * 425*
365'.!
3804”*

337 (w) 2054* Vi

315/3
3154*

222 2584* 251*
240'.'./3

180 134* Vii
267 269* n f i r  active

499* Vt)

“ MgCl2-6H20 . 6 M gS04-7H20 . ' MgSO, solution. * Mg-
(N 0 3)2 solution. ' Mg(C104)2 solut.on. /  MgCl2 solution. 
9 (w) =  weak. * Reference 35. * I .  Gamo, B u ll. C hem . S oc.
J a p ., 34 , 760 (1961). ' R. E. Hester and R. A. Plane, In o rg . 
C hem ., 3, 768 (1964). * M . R. Lapont., C . R . A ca d . S ci. P a r is ,  
244, 1481 (1957). * A. daSilveira, M . M . Marques, and N . M . 
Marques, C . R . A ca d . S ci. P a r is , 252, 3983 (1961); M o l. P h y s ., 
9, 271 (1965). m J. P. Mathieu, C . R . A ca d . S ci. P a r is , 231, 896 
(1950).

ing effect of the K+ ion (approximately the size of an 
H20  molecule) relative to the larger Cs+ ion. Indeed,

Table II : Self-Diffusion Coefficients and Average Residence 
Times for Water Molecules in Ionic Solutions at 1°

H 20

TO x 10** 
sec (from 

eq 1)

2.4

D X  106 
cm 2/sec 

(from eq 1)

0.8

D* X  106 
cm !/sec  (from 

the slope o f 
r  vs. A* 

curve near 
origin)

1.2
MgS04 2.3 m 10.2 0.45 0.56
MgCl, 0.5 m 2.8 0.6 1.1

1.0 m 3.5 0.76 1.0
4.6 to 6.1 0.4 0.5
5.7 to 11.1 0.37 0.46

LiCl 0.5 m 2.4 0.75 1.1
3 .0  to 3.3 0.67 1.0
4 .6  to 3.2 0.64 0.9

NaCl 0.47 to 2.3 0.81 1.25
4.6 m 2.8 0.75 1.05
6.1 w 3.1 0.52 0.85

CsF 4.6 m 2.9 0.53 0.99
CsCl 0.5 to 2.2 0.77 1.2

2.5 to 2.0 0.84 1.4
4.6 to 1.4 0.90 1.4
9.6 to 1.5 0.90 1.5

CsBr 2.5 to 2.25 0.71 1.42
4 .0  to 1.75 0.74 1.31

KBr 4 .6  to 1.83 0.83 1.43
K I 4 .6  to 1.7 0.82 1.47
KSCN 18.0 to 2.3 0.5 0.99

4.6 to 1.7 1.0 1.44

it has been suggested46 that in KC1 solutions the anions 
may primarily disrupt the solvent structure, as the K +

(45) G. W. Brady and J. T. Krause, J. Chem. Phys., 27, 304 (1957).
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NUMBER OF 28//-sec CHANNELS

Figure 8. The nis spectrum of a 4.6 m  CsF solution is 
compared with the spectra of 4.6 m  K F  and of K F 2H 2O. The 
spectrum of 2.2 m  MgSth is also compared with the spectra of 
4.6 m  MgCh and MgSOrBW). These spectra were measured 
at 1° for the solutions and at —25° for the solid hydrates.

ion may not have a sufficiently strong field to withdraw 
molecules from the solvent structure. Relative to 
CsCl at 1°, KC1 is a “weaker structure breaker.” This 
then results in its T vs. K 2 lying below that for CsCl and 
for the persistence, below 25°, of frequencies character­
istic of water (Figure 1 1 ), which give way to ion-water 
frequencies with increasing thermal disruption of the 
solvent, as discussed below.

The most pronounced correspondence in the char­
acteristic inelastic frequencies of the cation-water hy­
dration complexes and in the T vs. K 2 is observed by 
comparing spectra of CsBr at concentration >2.0 rn to 
those for more concentrated CsCl solutions (concen­
trations >4.6 m ). The concentration dependence 
could result in part both from an earlier disruption of 
solvent by the larger Br-  anion (relative to Cl- ), and 
from the formation of a relatively larger number of 
cation-water pairs at low concentrations, due to the 

.smaller degree of ion pairing in CsBr than in CsCl. 
Further, at concentrations above 2.5 m  for CsBr and 
above 4.6 m for CsCl, both the inelastic frequencies 
(Figure 3) and the T vs. K 2 curves (Figures 4 and 10) 
show only relatively small changes with an additional 
increase in concentration. A similar behavior in self­
diffusion coefficients has been reported by Endom, et 
a l.u This “saturation” could result from an increased 
ion pairing with increasing concentration, to the extent

that, with a further addition of salt, the formation of 
new hydration complexes would be limited.

With increasing temperature, the spectra for CsCl 
and KC1 indicate a decrease in the “negative hydration” 
behavior and an increase in the number of primary ion- 
water pairs, in keeping with that reported by Endom, 
et a l.u  Above 25° the inelastic frequencies characteris­
tic of ion-water complexes in CsCl and in KC1 persist 
and become more prominent as the temperature is in­
creased to 75° . 2 The diffusive kinetics show a cor­
responding trend (Figure 15 in ref 2). At 1° the T vs. 
K 2 curves for both CsCl and KC1 are above that for 
water, in correspondence to increases in the D ’s and 
reductions in the r0’s relative to water. However, by 
25° the T vs. K 2 curve has decreased and crossed below 
that for water, while that for CsCl nearly coincides with 
the water curve. Thus, between 0 and 25°, a trend is 
observed for both these salts, such that diffusive mobil­
ity, initially greater than water, becomes comparable 
to or more restricted than for water. Further, this 
trend is accentuated at higher concentrations. The 
curve for 9.6 m  CsCl at 1°, which is only slightly above 
that for 4.6 m  CsCl, lies significantly below it at 75° 
(Figure 10), in keeping with a more rapid thermal break­
down of the water-water coordination than of the pri­
mary ion-water coordinations. Indeed, it has been 
argued46 that the thermal decomposition of the Cs- 
H20  hydration complex is not appreciable until 100°.

Similar, but more pronounced, changes with both 
concentration and temperature are observed for KSCN 
solution. At 1° a 4.6 m  solution of KSCN shows a 
structure-breaking behavior. The curve of I' vs. K 2 
(Figures 7 and 10) lies above those for water and for 
KC1, and inelastic frequencies, 2 characteristic of ion- 
water frequencies, are observed. Thus, at 1° the 
SCN-  appears to have more efficiently disrupted the 
solvent structure than Cl- . However, with increasing 
concentration (Figure 10), the curve for KSCN de­
creases and approaches that for water. Simulta­
neously, the inelastic frequencies become better resolved 
and defined,2 in accord with an increase in the relative 
number of primary ion-water coordinations with bond­
ings similar in strength to pure water. As the tem­
perature2 is increased above 1°, T vs. K 2 for KSCN de­
creases, approaches that for water, and then falls below 
it. Correspondingly, the ion-water inelastic maxima 
also sharpen and become better defined with increasing 
temperature. Again, such behavior reflects an increase 
in primary hydration with increasing temperature, as 
discussed above for CsCl.

In Figure 7 it is observed that T vs. K 2 for a 4.6 m  
KSCN solution lies well above those for water and KC1, 
nearly coinciding with that for KBr. In contrast, the 
T vs. K 2 for LiSCN lies only slightly above that for 
LiCl. Thus, in the presence of the strongly hydrating

(46) M . Eigen and E. Wicke, Z . Elektrochem ., 55, 354 (1951).
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NEUTRON ENERGY GAIN (crn1)

NUMBER OF 28/z-sec CHANNELS

Figure 9. The neutron time-of-flight spectra for potassium halides are compared. The frequencies marked (R) and IR )  are those 
from reported Raman8 and ir,10 respectively. The spectra of 4.0 m  CsBr and 9.6 m  CsCl are intercompared. The vertical lines are 
to indicate a similarity in the observed frequencies between the spectra.

Figure 10. The observed r  vs. K }  curves at 1° for KSCN, CsBr, CsCl, and CsF at various concentrations are shown at the left.
For 2.5, 6.0, and 9.0 m KSCN solutions only one point (to confirm observed trends) was measured. The temperature and concentration 
effects on r  vs. K 2 for CsCl solutions are shown on the right. The dashed lines at 75° were faired through data points, as the 
validity of the simple delayed-diffusion model is questionable at higher temperatures (see text).
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Figure 11. The neutron time-of-flight spectra for 4.6 m  KC1 solution (3.2 m  at 1°) are shown as a function of temperature. The 
frequencies marked W  correspond to those observed for water.1 The Raman and ir frequencies, which were reported by Walrafen8 
and Draegert and Williams,10 are also indicated.

Li+ ion, the structure-breaking influence of the SCN~ 
ion relative to Cl-  ion is smaller than in the presence of 
the K+ ion. Indeed, Brady45 has suggested that, in 
KC1 solutions, the anion is primarily responsible for 
disrupting the water structure rather than the smaller 
K + ion, which is about the size of an H20  molecule. 
It has been suggested47 that the linear SCN-  ion may, 
to an extent, be able to incorporate into the solvent 
structure, which could partially decrease the influence 
of its size. Thus, the structural disruption effect ap­
pears to be smaller than for Br~ and 1“ . However, 
the anion-water bonds formed from the anisotropic 
charge distribution may give rise to structural mis­
matches between anion-water complexes and the sol­
vent structure. This would, in part, be responsible for

a larger disruption than for Cl-  ion. In contrast, in 
LiSCN, where waters are strongly coordinated to the 
Li+, SCN-  is only slightly more effective than Cl-  in 
disrupting the structure.

For KC1 solutions, evidence determined from the 
derivative of the solubility with temperature has been 
cited48 that suggests a second-order transition may 
occur near 2 2 °. Also X-ray diffraction measurements49 
indicate that both ion-water coordinations and “water­
like” regions may coexist below 2 2 °, but a more homo-

(47) P. S. Bogoyavlenskii and Hstl K6-min, J . Struct. Chem . {U S S R ), 
1, 397 (1960).
(48) M . I. Schachparonow, Z h . F iz. K h im ., 27, 111 (1953). .
(49) V. I. Danilow and W. E. Neumark, Z . P h ys. P h ys ik . Z . S ow jet- 
un ion , 10, 673 (1936).
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geneous distribution of the H20  molecules occurs above 
22°. In regard to such evidence, it is noted that the 
temperature dependence of the observed widths of the 
quasi-elastic maxima shows a discontinuous change 
near 29° for a 4.6 m KC1 solution (Figure 1 2 ).

As reported previously,2 at lower temperatures, a 
delayed diffusion model appears to account for the 
shape and for the dependences of the observed width 
on K 2 and on temperature. Nevertheless, for most 
solutions, a temperature is reached above which “free- 
particle” motions60 may also contribute. To examine 
the temperature behavior, it is convenient to plot the 
observed dependence of r vs. K 2 in terms of the dimen­
sionless parameters1 '60 T/kT  =  y  and ft.DK2/kT  =  x  
for a series of temperatures (Figure 12).

For a KC1 solution, at small values of x , the values of 
y  fall on the y  — x  line as expected for the classical 
diffusion, but fall below this line at larger x  values. 
Between 1 and 25°, at larger values of x , y  increases in a 
regular manner with temperature, in accord with jump 
diffusion (eq 1 ), for which

ñ

TokT
1

0-2W

1 + ^ .
n

At large x  values, y  —> ñ/r0/c7', and as the residence time 
decreases exponentially with increasing temperature, y  
would increase. However, near 30°, y  vs. x  is observed 
to decrease abruptly, and curves above 30° are sys­
tematically low. Above 30° the y  vs. x  curves again 
begin to increase with temperature. The change in y  
near 30° could be associated with the onset of contribu­
tions from a “free particle” diffusive motion with char­
acteristic times, Tg = M D / k T , which near 30° have 
become comparable to the neutron interaction time. 
M  would correspond to the net mass of a number of 
molecules moving in a correlated manner and would 
approximately correspond to about 80 to 10 0  waters 
(i.e., five to six ions and their hydration layers). The 
rise in the y  vs. x  curves above 30° with temperature 
could correspond to a decrease in M  with increasing 
temperature, so that rg would again become short 
compared to the interaction time and, hence, a delayed 
diffusion behavior would again predominate.

Such a decrease in y  near the transition temperature 
could also occur if a sudden change in the jump diffu­
sion parameters (D, r0) occurred due to a change of 
solution structure. At lower temperatures, the hy­
drated ions may be “spanned” by regions of the solvent 
around local orderings similar to water, and diffusion 
would mainly be due to activated jumps of individual 
molecules with an average activation energy lower than 
that for water. Near the transition temperature, the 
thermal excitation may break the weaker bridging 
solvent structure, decouple the hydrated ions, and 
allow correlated motions of groups of hydrated ions to

Figure 12. The observed temperature dependences of T / k s T  
vs. H D K ^/k^T  are shown for a 4.6 m  KC1 (3.2 m  at 1°) solution. 
In  the insert, the values of the self-diffusion coefficients 
obtained from the initial slopes of the r  vs. K 2 curves are plotted 
vs. temperature ( X ). The reported48 temperature derivative of 
the solubility is also plotted as a function of temperature (O).

occur. With additional increases in temperature, a 
further reduction in the size of the higher hydration 
layers and in the correlat on range could occur. At 
present, the above explanations must be considered 
tentative. However, they can provide a plausible and 
consistent explanation for the observed changes in the 
solubility, X-ray, and neutron data.

For certain strongly hjdrating ions, at sufficiently 
high concentrations such tnat a majority of the waters 
present are strongly coorcLnated with the primary hy­
dration layers, the observed diffusive kinetics may not 
be solely due to the thermally activated jumps of in­
dividual H20  molecules. Indeed, nmr measurements 
have indicated that the exchange times for H20  mole­
cules from the primary hydration layers may exceed 
10 ~ 4 sec for such cations as Be2+, Al3+, Ga3+, and 
Qr3+ 2i,5i,52 The possibility then exists that, within 
the range of nis interaction times that are experiment­
ally observable, the only ooservable contribution to the 
diffusive broadenings wou.d arise from ions which dif­
fuse together with their hydration layers, in keeping 
with the proposal by Olson, et al.b3 If such motions of 
the hydrated ions were in accord with classical diffu­
sion,26 then the Lorentzian half-width would be given 
by

r = fiD K 2 (2 )

(50) P. A. Egelstaff, Advan. Phjs., 11, 203 (1962).
(51) R. E. Connick and R. E Poulson, J. Chem. Phys., 30, 759 
(1959).
(52) M . Alei, Jr., and J. A. Jackson, ibid., 41,3402 (1964).
(53) M . Y. Olson, Y . Kanazawa, and H. Taube, ibid., 51, 289 
(1969).
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The observed width would be a linear function of K 2. 
The values of the D ’s and of the slopes of T vs. K 2 should 
be small relative to those for a single H20, due to the 
higher mass.

In Figure 6, a series of F vs. K 2’s measured at 1° for 
different salts and different concentrations illustrates 
the experimentally observed functional shapes of various 
diffusive kinetics. The curve for 0.5 m  LiCl solution 
shows a T vs. K 2 similar to that for pure water, in keep­
ing with the simple jump diffusion model. In like 
manner, the T vs. K 2 curve for the 5.7 m  MgCl2 solution 
again is in accord with the simple jump diffusion model. 
However, at this concentration, the magnesium ion has 
effectively increased the value of t0 and decreased the 
value of D  relative to water and the 0.5 m  LiCl solution. 
Thus, at higher K 2 values, F is observed to approach the 
constant value of fi/ro expected for the simple jump 
diffusion. In contrast, for both the 15.02 m  LiCl and 
the 4.3 m  CrCl3 solutions, T has a dependence on K 2 
which is linear over the entire range of observed K 2 
values. However, the slopes and, hence, their values 
of D  lie well below those for the more dilute solutions. 
Further, the curve for CrCl3 lies below that for the
15.02 to solution of LiCl which, as noted above, would 
be expected in view of the masses if the primary con­
tribution to diffusion involved the classical diffusion of 
hydrated cations. Indeed, in such a case, the slope, 
fiD, would be smaller for the heavy, higher charged ion 
than for the lighter lithium ion and its hydration layer 
in accord with the observation. If the concentration 
is reduced slightly for lithium chloride (from 15.02 to 
10 m), the curve of F vs. K 2 is no longer linear over the 
entire range of K 2, but appears to have two nearly 
linear regions. Thus, in the 10 to solution of LiCl, the 
observed diffusive kinetics may involve the mo­
tions of hydrated lithium ions, as well as jump 
reorientations of individual H20  molecules.

General Discussion
The variations and trends of the intermolecular fre­

quencies and the diffusive kinetics with concentration, 
with ions, and with temperature, as observed in this 
investigation, are in agreement with many previously 
reported theoretical and experimental results. In 
dilute aqueous ionic solutions, hydrated ions affect the 
more distant solvent structure in a manner specific to 
the size and charge of the ion, but “remnants” of water 
structure can persist.64'66 It is not implied that such 
a “waterlike” solvent structure is in exact correspond­
ence to the pure solvent. Rather, the solvent struc­
ture maintains an ordering, a relaxation time, and an 
activation energy closely similar to water. Thus, 
Samoilov19 has argued that hydration in dilute solu­
tions occurs with a minimum modification of the water 
structure. He suggests that while the heat of hydra­
tion contributed from the sum of energy over many 
molecules may be large, the interaction energy of an

ion with a single water molecule outside its hydration 
sphere could be small. In agreement, pmr17 has in­
dicated that the solvent at some distance from a hy­
drated ion may have a relaxation time similar to that 
of pure water, and the X-ray maxima66 for dilute solu­
tions persisted at the same positions as those of water. 
Spectroscopic results have also shown spectral features 
and maxima for solutions similar to those for water.64'55

The degree to which a “remnant” solvent structure 
beyond the primary hydration layer persists or is dis­
rupted with increasing concentration depends specif­
ically on the ions present. Thus, the results of recent 
Raman studies of alkali metal-nitrate solutions67 have 
shown that in dilute solutions, the hydrated N0 3~ ion 
experiences a nonspecific effect of the cation field due 
to the cation induced polarity of its hydration sheath. 
However, typically at concentrations of 1.5 to and 
above, this dependence becomes cation specific and 
varies as Li+ >  Na+ >  K + «  Cs+. In reasonable 
agreement with the results of this investigation, Kamin­
sky28 and, more recently, Greyson and Snell,29 have ob­
tained evidence that strongly hydrating ions like Mg2 + 
and Li+ can perturb the bulk-solvent, while weakly 
hydrating ions like K+ and Cl-  ions compete for water 
molecules with existing solvent structure. Thus, the 
hydration complexes formed by strongly hydrating 
cations appear able to produce significant changes in 
the distant solvent by long-range interactions. 29-31 
Such longer range structural modifications most proba­
bly do not result from large dipole-field interactions 
which, for most 1 +  cations (with the exception of 
Li+), are insufficient to reorient H20  molecules beyond 
the first layer.33 However, as pointed out by Hind­
man,33 the component of the ionic field in the H bond 
direction of the primary waters may redistribute the 
charge on the water protons and give rise to a coopera­
tive polarization that can alter the “structural tempera­
ture” of the solvent. This argument is consistent with 
ir68 results, which indicate that the strong and partially 
covalent cation-water coordinations can lead to a po­
larization and an increase in the bond strength between 
the primary hydration layer and the surrounding 
waters.

Recently an explanation for the effects of ions on the 
solvent structure has been proposed by Tikhomirov. 21 
He argues that the water molecules in the immediate 
vicinity of the ions are strongly reoriented and co­
ordinated in a manner specific to the cation. As a re­
sult, there is an “intermediate region” of structural 
misfit between the hydrated ion and the more distant

(54) D. E. Irish, B. McCarroll, and T. F. Young, J. Chem. Phys., 
39, 3436 (1963).
(55) G. E. Walrafen, ibid., 36, 1035 (1962).
(56) J. Beck, Physik. Z „ 40, 474 (1939).
(57) D. E. Irish and A. R. Davis, Can. J. Chem., 46, 943 (1968).
(58) G. Zundel and A. Murr, Z. Phys. Chem. (Frankfurt am M ain), 
54, 49 (1967).
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solvent in which water molecules must reorient to ac­
commodate these two structures. As a result, in this 
region the average number of bonds per water molecule 
would, in general, be reduced relative to water (a 
“negative hydration” trend). However, this reduction 
in the average number of bonds may be countered 
by the polarization of the primary water by the ion- 
field component in the bond direction, which lowers the 
effective temperature of the solution (a “positive hydra­
tion” trend). Thus, the mobility relative to water of 
molecules in the “intermediate region” will depend on 
the degree to which the reduction in the number of 
bonds due to the structural misfit has been compen­
sated by polarization. Tikhomirov21 argued that such 
polarization effects may be transmitted beyond the 
second and third hydration layers. The more covalent 
the primary cation-water interaction is, the stronger 
are the deformations of charge on the H20  molecules in 
the primary layers, and further is the “transmission” 
of such polarization effects. With increasing concen­
tration, the hydrated ions act on a decreasing number 
of “free-solvent” molecules, and the effects of polariza­
tion and of mismatches become more severe. Further, 
for certain salts, ion pairing may increase with concen­
tration, as discussed above for the CsCl and CsBr solu­
tions.

At lower temperatures, the “boundary-line” 59 be­
tween structure-breaking and -making cations is gen­
erally reported to occur between Na+ and K +, in ac­
cord with the observed dependence of the F vs. K 2 curves 
on cation (Figure 6). However, there exists ample evi­
dence14'28'69 that the structure-breaking and -making 
effects vary with both concentration and temperature, 
in a similar manner to that observed in the present and 
previous2 investigations. Thus, Kaminsky28 has pointed 
out that the ordering of H20  molecules about strongly 
hydrating ions like Be2+, Mg2+, and Li+ becomes in­
creasingly disturbed and diminishes with increasing 
temperature. Endom, et a l.,u  from spin-echo measure­
ments of the self-diffusion coefficients of H20  molecules 
in aqueous solutions, reported that certain salts (i.e ., 
KC1, KBr, KI, CsCl, CsBr), at low temperatures 
(typically 1 and 25°), show a structure-breaking tend­
ency. In contrast, at higher temperatures they show 
a structure-making tendency, such that the self-diffu­
sion coefficients are less than that for water. Thus, in 
accord with the present results, as the solvent structure 
is thermally disrupted, an increase in the solvation 
occurs. Also, Ionov,69 from nuclear quadruple relaxa­
tion measurements, argued that, above 50°, none of 
the salts, CsCl, KC1, NaCl, and LiCl, produces an in­
crease in the rotational freedom of water molecules

relative to pure water, and at 90°, these salts only de­
crease the relative rotational freedom. Thus, as the 
solvent structure is thermally disrupted, an increase 
in the solvation occurs.

In general, the larger halide and nitrate anions, while 
able to form ion-water coordinations, act as “negative 
hydrators.” In solutions of small and/or highly 
charged ions (Li+ and La3+) which form strong primary 
cation-water coordinations, the neutron spectra show 
only minor variances with anions in intermolecular 
frequencies and the diffusion kinetics relative to those 
for solutions of larger 1+  cations like K+. Hindman33 

has suggested that the high density of negative charge 
in the H20  molecule associated with the lone-pair re­
gions might provide a larger interaction energy be­
tween the water molecule and a cation than between the 
water molecule and an anion of equal radius. Similarly, 
Syrnikov60 calculated, by the molecular orbital method, 
the fraction of the energy of interaction between water 
molecules and alkali metal cations and halide anions 
associated with quantum mechanical effects. He found 
that the energy of delocalization of electrons upon hy­
dration decreases in going from lithium to cesium, and 
the interaction is smaller for the anions than for the 
cations. Also, Brady61 has argued from X-ray diffrac­
tion studies of LiCl solutions that the hydration of the 
Cl“ ions may not be “true” in that their ionic fields may 
not be sufficiently strong to withdraw solvent molecules 
from the liquid pseudo-lattice and realign them around 
the anions. The Cl-  ions are thus disposed in a fairly 
regular manner outside the primary hydration layer 
of the cations in the solutions. This is in keeping with 
Solovkin’s62 observation that, in the presence of smaller 
cations, the surface density of water molecules about 
the anion depends on the cation. However, as the 
size of the cation increases, it becomes independent of 
the cation. These arguments are in agreement with the 
present results.
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A Neutron Inelastic Scattering Investigation of the H20  Molecules in 

Aqueous Solutions and Solid Glasses of Lanthanum 

Nitrate and Chromic Chloride1
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The intermolecular frequencies below 900 cm" 1 and the diffusive kinetics of H20 molecules in La(N03)3 and 
CrCl3 solutions have been investigated, above and below their glass transitions, using neutron inelastic scatter­
ing. The persistence, at all temperatures, of frequencies characteristic of cation-water hydration complexes, 
which are primarily cation dependent, indicates that the local structures about the cation in the solution and 
in the glass are similar. For 3.5 m LaCh and La(N03)3 solutions at 1°, the reorientations of individual H20 ’s 
primarily contribute to the observed diffusive kinetics, which are also observed to be only slightly anion de­
pendent. For concentrated solutions of the small or highly-charged cations (i.e., Cr8+ and Li+), the motions 
of the whole hydration complex contribute primarily to the diffusive kinetics, and the self-diffusion coefficient 
decreases as the size of the complex increases. At temperatures near the Te’s of the solutions, the relaxation 
times associated with the diffusive motions of both the individual H20 ’s and the hydration complexes are longer 
than the neutron interaction time, and these motions no longer contribute to the spectra. These results have 
been compared with reported glass transition temperature measurements. It is suggested that the formation 
of a solid glass at low temperatures could be primarily associated with the restriction of the diffusive motions 
involving hydrated cations by “bridging” anions. Thus, higher glass transition temperatures would be as­
sociated with anions of higher basicity.

I. Introduction
Upon being supercooled, aqueous solutions of many 

multivalent ions become increasingly viscous and, be­
low a characteristic temperature (Tg), form solid 
glasses.2® It has been suggested that with decreasing 
temperature, “liquid-like” diffusive motions become 
damped as T e is approached, and a behavior akin to a 
harmonic solid is approached. On the basis of Raman 
spectra, it has been suggested215 that the formation of 
strongly coordinated, centrosymmetric cation-water 
complexes may partially inhibit the formation of 
crystalline ice and promote glass formation. Recently, 
Angell and Sare2a have studied the dependence of Tg 
on cation, on anion, and on concentration. For a given 
concentration and anion, the value of Tg increased 
with cationic charge. However, for a given cation, 
the variations in Tg with anion were also large, and Tg 
increased in the progression: chloride <  nitrate <  
sulfate, i.e ., with the basicity of the anion. Solutions 
containing quasi-spherical, singly-charged anions had 
lower Tg’s, while those containing asymmetric anions 
had higher Tg’s. This dependence was attributed to 
the bonding of the anions to the H20  molecules in 
the cation hydration sheath. It was suggested that the 
anions thus order their environment, reduce the con­
figurational entropy, and raise Tg.

For salts with a common anion and cationic charge, 
the Tg’s decrease linearly with concentration to a point 
such that they become independent of the cation and

then approach the Tg for vitreous ice. Thus, a concen­
tration is reached below which the cations become ef­
fectively shielded by their hydration sheaths, which 
correspond to approximately 6 to 8 H20  molecules for 
LiCl, 17 to 20 H20  molecules for divalent cations, and 
24 to 31 H20  molecules for trivalent cations. Further, 
Angell and Sare2s argued that chloride solutions at low 
temperatures tend to separate into “salt-rich” and 
“solvent-rich” regions. In the former, H20  molecules 
and anions may be oriented about cations with local 
orderings similar to their corresponding solid salt hy­
drates. Similar conclusions have been reached from 
observed Raman3 and neutron inelastic scattering4 
(nis) investigations of concentrated ionic solutions 
made at temperatures above 1°. In contrast, accord­
ing to Angell and Sare,2a the observed dependence of 
the Tg’s on concentration for nitrate solutions did not 
appear to indicate such a phase separation. The ten­
dency to separate may still be present; however, evi-

* To whom correspondence should be addressed.
(1) This work is partly supported by the Office of Saline Water, 
Department of the Interior.
(2) (a) C. A. Angell and E. J. Sare, J. Chem. Phys., 52, 1058 (1967); 
(b) R . E. Hester and W. E. L. Grossman, Spectrochim. Acta, 23A, 
1945 (1967).
(3) R . E. Hester and D. E. Irish in “ Raman Spectroscopy Theory 
and Practice,”  H. A. Szamanski, Ed., Plenum Publishing Co., New 
York, N .Y ., 1967, pp 101,224.
(4) G. J. Safford, P. S. Leung, A. W. Naumann, and P. C. Schaffer, 
J. Chem. Phys., 50, 4444 (1969).
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dence for such a separation may not be detected by 
experiments due to the high T e’s for nitrates.

In this investigation, the spectra for solutions, 
glasses, and solid salt hydrates of La(N03)2 and CrCl3 
have been measured by neutron inelastic scattering to 
provide information at a molecular level which can 
complement the measurements on T e, discussed above. 
Previously, nis4'5 has been used to investigate simul­
taneously the intermolecular frequencies and the dif­
fusive kinetics of H20  molecules in ionic solutions, and 
their dependences on anion, cation, concentration, and 
temperature. For concentrated solutions of small 
and/or multivalent ions (e .g ., La3+, Mg2+, Li+, and 
F~), frequencies characteristic of primary ion-water 
hydration complexes are observed. These frequencies 
show a strong correspondence to those of the respective 
solid salt hydrates, suggesting a similarity in the local 
ordering of the hydration complexes. In contrast, 
at low concentrations, the nis spectra primarily reflect 
the bulk solvent, and information has been obtained 
on the ability of salts to perturb and disrupt the solvent 
structure relative to water.

The absence of optical selection rules in nis allows, in 
principle, all motions, including vibrations and diffu­
sive motions, to be observed. Diffusive motions give 
rise to a broadening of the incident energy distribution 
(the “quasi-elastic” component). By studying the 
dependence of the widths and areas on scattering angle, 
and the dependence upon temperature of the quasi­
elastic component, information may be obtained on the 
functional form of the diffusive kinetics and the numeri­
cal values of the associated diffusive parameters. As 
reported previously,4'5 below 25°, for most salt solu­
tions, the diffusive kinetics are ;n accord with a de­
lay ed-diffusion approximation.6 Small and/or highly 
charged ions decrease the self-diffusion coefficient, D , 
and increase the residence time, to, relative to water. 
Ion-water interactions give rise to higher activation 
energies for the movement of H20  molecules relative 
to pure water; thus, these salts act as “positive hydra- 
tors.”7 In contrast, salts of ions of low charge-to- 
radius ratio increase D  and decrease r0 relative to water 
and act as “negative hydrators” .7

In this investigation the intermolecular frequencies 
(below 900 cm-1) and changes in the diffusive kinetics 
from 1° to below T g have been observed for La(N03)3 
and CrCl3 solutions. It might be expected that any 
ordering involving the ion-water complexes would be 
similar in the glass and in the supercooled liquid, and 
any effects arising from the coupling of such complexes 
to a lattice (as for the solid salt hydrates) would be 
absent. Further, in the supercooled liquid, any relaxa- 
tional broadening would be reduced relative to tem­
perature above 1 °, where most previous measurements 
on water and ionic solutions have been made. This 
should further facilitate comparisons between the 
spectra of the supercooled solutions and the glasses.

II. Experimental Section
A . Instrum ental. The measurements were made 

using the beryllium-filtered incident beam and a time- 
of-flight spectrometer described in detail previously.4 
The solutions were prepared from reagent grade ma­
terials and deionized water. The solution samples were 
0.42 mm in average thickness and were contained in an 
aluminum sample holder, appropriately shielded so that 
the neutrons could only be scattered from the liquid. 
A thin layer of an inert polymer film (2 n in thickness), 
plated on the cell and the aluminum windows, afforded 
protection against corrosion without significantly con­
tributing to background. As detailed previously, 4 
measurements have shown that the above sample thick­
ness yielded negligible spectral distortions due to multi­
ple scattering. For spectra measured below 0°, the 
samples were cooled by flowing liquid nitrogen or liquid 
nitrogen boil-off gas through a channel in the sample 
holder and the temperature was controlled to ± 2 °. 
Care was taken to prevent condensation on the scat­
tering surface of the sample. For spectra taken at 
+  1 °, the sample was cooled by circulating water from 
an ice bath and was shielded to avoid scattering of 
neutrons by the coolant. The glass transitions for 
the solutions were determined using a simple differen­
tial thermal analysis technique, identical with that de­
scribed by Angell and Sare.2a A Honeywell Electronic 
19 dual pen recorder was used to follow the differential 
emf and temperatures. The two trivalent salts mea­
sured and their concentrations were chosen as they had 
high glass transition temperatures, and measurements 
had shown that when these solutions were held above 
their glass transitions in the supercooled state for the 
periods over which the spectra were measured (typically 
6 hr), no significant degree of crystallization had oc­
curred. In addition, the high glass transition tempera­
tures allowed the samples to be cooled to the vicinity 
of the glass transition directly in the sample holder 
at a sufficiently rapid rate so that crystallization did 
not occur.

B . A n a lysis  o f  Data. The spectra were corrected 
for background, for counter efficiency, and for chopper 
transmission. The background corrections were made 
by a channel-by-channel subtraction of the spectra 
obtained for the empty sample holder, and were found 
to be predominantly a flat component upon which was 
superimposed a weaker broad distribution, centering at 
about channel 146. This latter component, which 
varied with rotor speed, is ascribed to the 180° burst. 
Statistical uncertainties were calculated from the total 
number of background counts and the number of ob-

(5) P. S. Leung and G. J . Safford, J. Phys. Chew... 74, 3696 (1970).
(6) K. S. Singwi and A. Sjolander, Phys. Rev., 119, 863 (1960).
(7) O. Ya. Samoilov, “ Structure of Aqueous Electrolyte Solutions 
and the Hydration of Ions,”  Consultants Bureau Enterprises, Inc., 
New York, N. Y „  1965.
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NEUTRON ENERGY GAIN (cm-')

Figure 1. The time-of-flight spectra for a L a (N 0 3)3 solution at temperatures above and below the glass transition are compared 
with its solid hydrate. The vertical lines indicate the similarity in the frequencies. The corresponding frequency distributions for 
the glasses and supercooled solutions are shown in Figure 3.

served counts per channel. Further, the reproduci­
bility and reliability of spectral features were checked 
by comparisons of spectra remeasured at different times 
with new solutions; comparisons of data collected from 
four independent counter banks, electronics, and mem­
ory banks from the time-of-flight analyzer; and a 
comparison with background spectra for the empty cell 
to show that no spectral features or maxima arose from 
the sample holder or the aluminum window. The solid 
curves in Figures 1 to 3 were averaged through the data 
points with regard to statistical uncertainties. The 
half-width at half-maximum, T, for the Lorentzian func­
tion associated with a diffusively broadened incident 
energy distribution was determined in a manner de­
scribed in detail previously.4 Specifically, T’s were 
selected by comparing the observed quasi-elastic com­
ponent with the measured incident-energy distribu­
tion which had been further broadened by a series of

The Journal o f  P h ysical Chem istry, Vol. 74, N o. 21, 1970

Lorentzian fucntions of varying half-widths at half­
maxima.

III. Results and Discussion
A . Inelastic Spectra. The time-of-flight spectra 

for neutrons scattered from solutions of CrCh and La- 
(N03)3i at temperatures above and below their glass 
transitions, are shown in Figures 1 and 2 and compared 
with those of the corresponding solid salt hydrates and 
of hexagonal ice. The corresponding frequency dis­
tributions shown in Figure 3 were calculated assuming 
the cubic one-phonon cross section8'9 and a Debye- 
Waller factor of unity.4 The following features and 
trends were observed, (a) A strong correspondence 
in spectral features and frequencies (below 900 cm-1)

(8) L. S. Kothari and K. S. Singwi, Solid State Phys., 8, 109 (1959).
(9) L. V. Tarasov, Soviet Phys.-Solid State, 3, 1039 (1961).
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N U M B E R  OF 2 8 / / - s e c  C H A N N E L S

Figure 2. The time-of-flight spectra for a CrCl3 solution at temperatures above and below the glass transition are compared with its 
solid hydrate. The vertical lines indicate similar frequencies among the spectra. The correspondence between these frequencies 
and the reported ir frequencies and the frequency distribution are shown in Figure 3.

exists between the supercooled solutions above T g and 
the solid glasses, (b) The observed frequencies 
(which differ from those of water and ice) are associated 
with the characteristic modes of cation-water hydra­
tion complexes, and good correspondence is observed 
with reported infrared and Raman frequencies. Thus, 
for CrCh, certain of these frequencies have been as­
signed to the librational modes of H20  molecules and to 
the metal-oxygen stretching modes characteristic of 
the Cr(H20)63+ complexes. The Cr3+-water coordina­
tions may involve a degree of covalent bonding. 10 
Evidence has also been cited for the existence of octahe­
dral ion-water complexes in solutions of rare earth 
halides. 11 In previous nis investigations, 4 similar fre­
quencies, characteristic of strongly coordinated, pri­
mary cation-water complexes, were observed for solu­
tions containing La3+, Mg2+, and Li+ cations. Such 
frequencies (as well as the diffusive kinetics and param­

eters) were found to be only weakly affected by — 1 
anions and to be primarily determined by the cation- 
water coordinations, (c) The spectra of the solutions 
at 1 ° and of the solid crystalline hydrates also show in­
elastic maxima at frequencies similar to those observed 
for the glasses and for the supercooled liquids. How­
ever, in the solutions at 1 °, these maxima are broad­
ened by the increased diff isional and relaxational rates. 
The change in intensity could vary due to the popula­
tion factor. In the spectrum of CrCl3-6H20, these 
maxima appear nearly as sharp as in the spectra of the 
glass and the supercooled liquid. However, for La- 
(N0 3)3-6H20 , despite the absence of any relaxational 
broadening, these frequencies appear broader than for

(10) I. Nakagawa and T. Shinanouchi, Spectrochim. Acta, 2 0 ,  429 
(1964).
(11) A. Pabst, Amer. J. Sci., 2 2 2 ,  426 (1931).
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Figure 3. The one-phonon frequency distributions calculated from the time-of-flight spectra of CrCl3 and L a (N 0 3)3 solutions above 
and below their glass transitions are compared. The spectra shown for CrCl3 were measured at 173°K (glass) and 188°K (liquid), 
and the spectra for L a (N 0 3)3 were measured at 183°K (glass) and 277°K (liquid). In  order to reduce the size of the graph, the 
intensity of the right half of each spectrum has been reduced by the factor indicated on the graph. Frequencies enclosed by brackets 
are reported ir frequencies (see ref 10, 17, 18) of the corresponding hydrates. The frequency with an asterisk was calculated from the 
reported value of the La-(O D 2) “rocking” vibration. A noticeable change in intensity is observed for L a (N 03)3 in passing from the 
glass to the liquid in the region around 160 cm-1 where anion-water frequencies occur. This change may be due to the broadening 
of the liquid spectrum as compared to that of the glass. This change is less noticeable for the CrCl3 however. In  general, the 
spectra of the glasses exhibit better resolution. Note, for example, the splitting of the frequency which occurs at 554 cm-1 in liquid 
L a (N 0 3)3 into two components (440 cm-1 and 600 " ’em) in the spectra of the glass. This and other small shifts cannot be excluded 
because of experimental resolution and the uncertainty in assigning frequencies.

The Journal o f  Physical Chemistry, V ol. 74, N o . 81, 1970
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either the glass or the supercooled liquid. It therefore 
appears possible that, in La(N03)3-6H20, coupling of 
the “hydrated ions” to the lattice has split their charac­
teristic frequencies into unresolved components, mak­
ing them appear broadened. For CrCl3-6H20, the in­
fluences of such coupling of complex vibrations to the 
lattice would be relatively less pronounced due to the 
stronger, and partially covalent, primary cation-water 
coordinations.

These results suggest a degree of similarity in the 
coordinations and local ordering of hydrated cations 
between the glasses and the corresponding supercooled, 
concentrated, viscous liquids. Such cation-water com­
plexes could, in part, be responsible for the ability of 
supercooling and inhibiting the formation of hexagonal 
ice,2b and, at lower temperatures and concentrations, 
for the formation of “salt-rich” and “water-rich” re­
gions of the type postulated by Angell and Sare.2a On 
the basis of the above results, the strong dependence 
of T e on anions cannot be associated with significant 
alterations in the cation-water coordinations in these 
complexes by anions. Rather, in keeping with the 
argument of Angell and Sare,2a anions may bind to the 
protons of H20  molecules already strongly oriented 
about cations, and thus affect the orderings and diffu­
sive motions of hydrated cations.

B . Q uasi-E lastic Spectra. In previous investiga­
tions,4'5 it has been found that, for many ionic solu­
tions, at lower temperatures the observed shape of the 
temperature and angular dependences of the quasi­
elastic maxima were well approximated by a delayed- 
diffusion model.6 Thus, in solutions, the ion-water 
complexes, in general, are considered as dynamic, and 
H20  molecules oscillate for a period r0, and then rapidly 
reorientate or jump to a new site. For this model, the 
incident energy distribution becomes broadened by a 
Lorentzian function with a half-width at half-maximum 
given by

r^[‘-nSk] (1)
where

|7d2| = fc02 +  k (2 — 2k0ki cos <f>

and k0 =  initial neutron momentum vector, kt = final 
neutron momentum vector, $ =  scattering angle, to =  
“residence time,” D  =  self-diffusion coefficient, e~ 2W 
=  the Debye-Waller factor. For small values of 
|A2|, T approaches f iD K 2 and, hence, the T vs. K 2 rises 
linearly as expected for classical diffusion.12 At larger 
values of K 2, T approaches a constant value of H/t0. 
D  and t 0 can be obtained by an optimum fit of eq 1 

to the observed T vs. K 2 dependence.
In Figure 4, the curves of I  vs. K 2 for 4.3 m  La- 

(N03)3, 4.3 m  LaCl3, 4.23 m  CrCl3, and 15.02 m  LiCl 
solutions at 1° are compared with that for water. In

addition, quasi-elastic components observed for the 
supercooled solutions and the glasses of CrCl3 and La- 
(N03) 3 are shown, and compared both with the incident 
energy distribution and with this distribution broad­
ened by the Lorentzian functions with different F values. 
The following features and trends should be noted.

(a) The curves of F vs. K 2 at 1° for these solutions 
all lie below that for water, in accord with a “positive 
hydration behavior.” 4 Thus, the formation of ion- 
water hydration complexes (whose characteristic fre­
quencies appear in the inelastic region) decreases the 
self-diffusion coefficients and increases the residence 
times, relative to water.

(b) At 1° the curves of T vs. K 2 for La(N03)3 and 
LaCl3 solutions rise linearly at the origin, and then ap­
proach a nearly constant value at the larger values of 
K 2, in accord with the delayed-diffusion model. Fur­
ther, in correspondence to the behavior discussed above, 
for the observed inelastic frequencies, the T vs. K 2 
curves for 3.5 m  lanthanum solutions show only sec­
ondary variations when Cl-  anions are replaced by 
N 03~ anions. Again, this implies that both the forma­
tion of the hydration complexes and the thermally 
activated reorientations of the H20  molecules are de­
termined primarily by cations. The weak dependence 
on anion is contrary to that for the glass transitions, 
which, for a given cation, are significantly higher for 
nitrate solutions than for chloride solutions. This sug­
gests that, in solutions of strongly hydrating cations, 
the strong anion dependences of the glass transitions 
could result from other than their influence upon the 
ordering of H20  molecules about the cations or upon 
the activated jumps of individual H20  molecules. 
Thus, the possibility exists that the anions may mainly 
restrict motions involving the entire hydrated cations13 
and influence the ordering of their environment. Such 
motions could well contribute negligibly to the nis 
spectra at 1° and at concentrations of typically 15 
H 20 ’s  per ion pair, where activated jumps of individual 
H20  molecules predominate.

(c) In contrast to the results for lanthanum salts, at 
1°, T is observed to depend nearly linearly on K 2 (over 
the observed range) for the 4.23 m  CrCh solution and 
for the very concentrated (15.02 m ) LiCl solution. 
Such a linear dependence is more in keeping with a 
classical diffusion behavior, for which F = f iD K 2. 
However, from the slopes at the origins of the T vs. 
K 2 curves, it is seen that the self-diffusion coefficients, 
D , decrease in the progression H20  >  3.5 m  La(N03) 3 
«  3.5 m  LaCl3 >  15.02 m  LiCl >  4.23 m  CrCl3. The 
nearly linear dependences of the T vs. K 2 curve and the 
low values of the diffusion coefficient for the concen­
trated LiCl and CrCl3 solutions may be explained if it

(12) B. N. Brockhouse, Nuovo Cimento, Suppl., 9, 45 (1958).
(13) Evidence for hydrated cations (Cd(H20)42+) being the mobile
entities has been reported: C. T. Moynihan and C. A. Angell,
J. Phys. Chem., 74, 736 (1970).
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Figure 4. The energy distribution of the incident beam, determined by measuring the distribution of neutrons elastically scattered 
from vanadium, is shown in the lower left graph. This distribution broadened by Lorentzian functions with various half-widths, F, 
as discussed in the Experimental Section and the main text, is also shown on the same graph.

The quasi-elastic distributions for the supercooled liquid above T e and for the glass of the 4.23 m CrCl3 and 4.3 m  L a (N 0 3)3 
solutions are shown in the upper graph. When compared to the Lorentzian broadened incident distributions, these quasi-elastic 
distributions have half-width r ’s below 0.005 MeV, which is close to the resolution limit.

In  the lower middle graph, r ’s are plotted as a function of K 2 for several solutions and H 20  at 1°. The r ’s for 15.02 m  LiC l and 
4.23 m  CrCl3 appear to be linear with K 2, as expected for classical diffusion. The lower right graph contains the plots of r  vs. K 2 for 
4.6 m  and 10 m  solutions of LiC l and L iN 0 3. For 4.6 m  LiCl and L iN 0 3 and for 3.5 m  L a fN 03)3 and LaCl3 solutions, the lines are 
optimum fits to the delayed-diffusion model (eq 1). The diffusive parameters obtained by the fitting are given in Table I.

Table I
D *  X 106 cm2/sec 

(from the slope 
of r  vs. K 2 near 

the origin)

3.5  m  La(N03)3 0.5
3 .5  m  LaCl3 0 .5
4 . 6 «  L iN 0 3 1.1
4 .6 m  LiCl 0 .9

to X 10» sec 
(from eq 1)

6.3
7.9
2 .8
3.2
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is assumed that the contribution to the quasi-elastic 
components primarily arises from diffusive motions 
which involve motions of the entire cation hydration 
complex, rather than jump reorientations of individual 
H20  molecules. Thus, it has been reported14 that, 
for Cr2+ and other strongly hydrating cations, the 
average exchange times for individual H20  molecules 
from the hydration sheath can exceed 1 0 -4  sec, and, 
hence, would not contribute significantly to the quasi­
elastic component (as discussed above). In addition, 
at a concentration of 15.02 m  for LiCl, most of the H20  
molecules should be in the primary layers of the cations. 
The diffusion coefficient for the strongly hydrated Cr8+ 
cation would then be less than that expected for the 
lighter lithium ion and smaller primary hydration 
layer. Also, the results of Angeli and Sare2a show that 
the Tg for a 4.23 m  CrCL solution lies well above that 
for a 15.02 m  LiCl solution, in keeping with a hypothesis 
that a higher value of Tg could result from a lower de­
gree of mobility for a hydrated cation.

(d) At temperatures below 1 °, the “quasi-elastic” 
components for both the supercooled liquids above Tg 
and the glasses of CrCl3 and La(N03)3 (Figure 4) show 
no significant broadening within resolution and statis­
tical uncertainties when compared with the incident 
energy distribution and the Lorentzian broadened dis­
tributions. This does not necessarily imply that relaxa- 
tional motions have ceased. Rather, it implies that 
any relaxational processes are occurring at such a 
sufficiently slow rate that their characteristic times 
exceed the largest neutron interaction time, so that 
they no longer contribute to the nis spectra. As de­
tailed in the literature,1516 a neutron interaction time 
may be defined by Unt =  1  /kv„, where v0 is the neutron 
velocity relative to a scattering center. /int may be 
varied with K  (and, hence, with scattering angle). 
Motions with characteristic times or periods longer 
than about 10  ~ 10 sec (longer than ¿¡nt) would not yield 
experimentally distinguishable broadenings of the in­
cident energy distribution. Thus, for example, in 
cooling the 3.5 m  La(N03)3 from 1° to just above its 
glass transition temperature, the relaxational time in­
creases from 6.4 X 10~ 12 sec to an expected value far in 
excess of 10~ 10 sec. Correspondingly, as noted above, 
the inelastic frequencies17'18 characteristic of ion-water 
complexes sharpen, but do not show any major changes 
in the maxima.

(e) At a concentration of 4.6 m, the curve of F vs. K 2

for lithium nitrate lies above that for lithium chloride, 
indicating a stronger “negative hydration effect” for 
the nitrate ion. In contrast, for the 10 m  solutions, 
corresponding to 5.5 water molecules per ion pair, the 
diffusive kinetics may involve motions of the primary 
hydration complex. This, the curve of F vs. K 2 for 
LiN03 is observed to lie below' that of LiCl, which 
may indicate that the nitrate ion, acting as a “bridging” 
anion, is more effective in restricting diffusive motions 
involving hydrated catior s than the chloride ion.2a

The results of this investigation appear in agreement 
with the findings of Angell and Sare.2a Multivalent 
cations form strongly cocrdinated hydration complexes 
which could enhance the ability of supercooling and 
primarily determine the nelastic frequencies and ther­
mally activated reorientations of individual H20  mole­
cules in the supercooled solutions. Thus, both the 
relaxation times of individual H20  molecules and Tg 
increase with cationic ciarge. The anions only sec­
ondarily influence the cation-water complexes and the 
diffusive jumps of individual H20  molecules which 
predominate at 1 ° and at concentrations typically of 
about 15 H 20 ’s per ion pair. However, they can 
strongly affect the diffusive motion of the overall com­
plexes at lower temperatures or higher concentrations, 
so that Tg would have e major dependence on anion. 
With decreasing temperature below 0°, the relaxation 
times for reorientational jumps of individual H20  
molecules increase rapid.y, and the binding of anions 
to protons of H20  molecules associated with the cation 
sheath increasingly restricts the diffusive motions of 
such hydration units. The more basic an anion, the 
more it could produce a cooperative restriction of the 
diffusive motions of tha hydrated cations, and the 
higher the Tg would be.
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Permittivity and Dielectric and Proton Magnetic Relaxation of 

Aqueous Solutions of the Alkali Halides
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From the complex permittivities measured as a function of frequency between 5 and 38 GHz at 25° are derived 
the static permittivities, principal dielectric relaxation times, and relaxation time distribution parameters of 
aqueous solutions of all alkali halides (except LiF). The changes of these quantities with the electrolyte con­
centration are discussed in connection with the changes of the proton magnetic relaxation rates. Assuming 
simple models for the solutions, the evaluation of these changes yields the following information about the 
water molecules nearest to the cations and anions: disappearance of the dielectric orientational polarizability 
especially near the smaller cations but not near the anions; the magnitudes of the residence times near L i+, 
Na+, K+; arrangements and dynamics near L i+ and F~ differing from each other.

I. Introduction
A knowledge of the structural and dynamic changes 

of water induced by the addition of ions is important 
with respect to many physical and chemical processes 
in aqueous systems, especially biosystems. The mea­
surements of the complex permittivity of aqueous ionic 
solutions at various frequencies reported here contribute 
in providing this type of information.

The essential quantities derivable from the dielectric 
measurements are the permittivity extrapolated to 
zero frequency (“static” permittivity), the principal 
relaxation time of the dielectric orientational polariza­
tion of the solvent water, and the width of the relaxa­
tion time distribution. The dielectric relaxation time 
is closely related to the reorientation time of the water 
molecules, the time after which the correlation between 
subsequent values of a component of the permanent 
molecular electric dipole moment vector is lost.

Information about the reorientation time of the water 
molecules is also available from measurements of the 
proton magnetic relaxation rate. 1 2  Proton magnetic 
and dielectric relaxation measurements complement 
each other in a useful manner. In some cases, com­
parable quantities differ considerably for aqueous ionic 
solutions. A substantial intent of our investigations 
consists in explaining these differences and in trying to 
gain additional information from them.

For measurements of ionic influences on water, the 
alkali halides show the following advantages: they 
completely dissociate in aqueous solution, an important 
requirement for dielectric investigations of the solvent; 
they exhibit a simple and uniform electronic and geo­
metric structure, and within the group of these ions 
therefore a clear interrelationship of their influence on 
water can be expected; and for alkali halide solutions, 
complete proton magnetic relaxation data are avail­
able. 1

Several results of dielectric relaxation measurements 
on aqueous alkali halide solutions were published 
between 1948 and 1958 by Hasted and O’Konski 
with coworkers.3 However the number and relative 
accuracy of these data are not entirely sufficient in 
order to present a consistent total picture of the in­
fluences of the alkali and halide ions on the solvent 
water.

II. Measurements
The measurements were performed at frequencies 

between 5 and 38 GHz using wave guides filled with 
the respective liquids. Within the liquid, a receiving 
probe was shifted along the direction x  of wave propaga­
tion. Moving this probe, the wavelength X and the 
attenuation exponent a\ of a propagating wave E  =  
E  exp [iwt — {a  +  2 tn/\)af] was immediately deter­
mined by adjusting zero interference of the probe signal 
with a reference signal of fixed phase and calibrated 
variable amplitude.

From the measured X and aX, the real and imaginary 
parts e "  of the permittivity e = e' — i t "  follow 
according to

(s) + (S' (;)(  t )
with X0 = free space wavelength and Xc = cut-off wave­
length of the (empty) line used as measuring cell.

*  T o  w hom  correspondence sh ould  be addressed.
(1) L . E n d om , H . G . H ertz, B . T h ü l, and M . D . Zeidler, Ber. Bun- 
8enges. Phys. Chem., 71, 1008 (1967).
(2) G . E ngel and H . G . H ertz, ibid., 72, 808 (1968).
(3) J. B . H asted, D . M . R itson , and C . H . C ollie , J. Chem. Phys., 
16, 1 (1948); G . H . H aggis, J. B . H asted , and T . J . B u cha nan , 
ibid., 20, 1452 (1 952 ); J . B . H asted  and S. H . M .  E l S abeh , 
Trans. Faraday Soc., 49, 1003 (1 953 ); F . A . H arris and  C . T .  
O ’K on sk i, J. Phys. Chem., 61, 310 (1 9 5 7 ); J . B . H a sted  an d  G . W . 
R od erick , J. Chem. Phys., 29, 17 (1958).
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Further on, only that part of e" due to polarization 
processes is of interest here. It is calculated from t " ( v )  
measured at a frequency v according to

fp" M  = e " «  -  -

by subtracting the contribution 2 <r/i> (a  in sec-1) due to 
the ion drift. The a is the electrical (dc) conductivity 
of the ionic solutions measured at the frequency 5 kHz 
in the usual manner.

The salts used for preparing the solutions had the 
purity grades “p.A.,” “DAB6,” or “puriss.” The con­
ductivity of the pure water was smaller than 2 X 10 ~4 
ohm- 1  m-1. The measurements were performed on 1 
M  solutions, and, except RbF, RbBr, CsF, CsBr, also 
on 0.5 M  solutions at the temperature 25°. LiF could 
not be used because of its low solubility.

III. Determination of Characteristic Quantities 
from the Results of the Measurements

In plotting the measured values ep" ( v ) ,  e ' ( v)  in Car­
tesian coordinates, one can fit circular arcs to the points 
ep (v)  of every solution in such a way that the deviations 
remain within the limits of measuring errors (<  1 %  for 
e'; < 2 %  for ip " ) . An example is shown in Figure 1. 
The centers of the circles slightly lie below the t axis. 
The position of the center defines the angle hir/2 ex­
plained in Figure 1. The circular arc intersects the t 
axis in the points ei and e2.

Taking from the circular arc the lengths of the chords 
«2 — ep, €p — ej for each measuring point ep(v) (as for 
example drawn in Figure 1) and plotting the ratio

v |ep — e:|

vs. log v yields a descending straight line for every solu­
tion. Figure 2 shows a few examples. Here additionally 
the curve l/ v  vs. log v was plotted, and at the inter­
section of this curve with the v vs. log v lines, the rela­
tionships v =  vr =  2 xrs and v =  vr =  l / ( 2 xra) hold. 
The intersection point sharply determines the relaxa­
tion frequency vT (the frequency at the top of the circu­
lar arc, Figure 1, where dep"/du  = 0) and the principal 
relaxation time r3 of the respective solution.

Because of the measured points ep(v) lying on circular 
arcs (Figure 1), and because of the linearity of the v -  
log v plots (Figure 2), «„(«) can be described to very 
good approximation by the function

íp(w) — «1
«2 — ti

1 +  (zy-̂ COTs) 1- 4
(2 )

with co =  2irv. The b is related to the slope of the 
«(log v) lines (Figure 2) by

log e Av 
2 t t s A log v

(3)

conductivity contribution 2a/v, from measurements in 
dependence on the frequency v performed on pure water 
and on an aqueous 1 M  N a l solution.

Figure 2. The ratio v , eq 1, of the chord lengths |e2 — ep|, 
j tp — ii| (Figure 1) divided by the frequency v v s . the frequency 
v in log scale from measurements on three different salt solutions. 
The additional curve l/v v s . v (log) serves to determine 
the relaxation frequency vr and the relaxation 
time ts, respectively.

In the description by the function eq 2 with 1 >  b >  
h >  0 , the dielectric relaxation of aqueous ionic solu­
tions characteristically differs from that of pure water 
and aqueous solutions of nonelectrolytes. The ep(co) 
of pure water with bw ~  0.006, h ~  0 closely approxi­
mates the Debye function following from eq 2 with b =  
h =  0 , while 6p(cv) of aqueous solutions of organic non­
electrolytes4 obeys the Cole-Cole function, eq 2  with 
1 >  b =  h >  0 .

The function ep(w), eq 2, with 1 >  b >  h >  0 does not 
exactly satisfy the generally valid Kramers-Kronig 
relations6 (!) which connect the real and imaginary parts 
of the permittivity to each other. Therefore, eq 2 on 
principle only represents an approximate description 
of ep(o>) which cannot hold more or less beyond the mea-

(4) R . P otte l and U . K aa tze , Ber. Bunsenges. Phys. Chem., 73, 
437 (1969).
(5) H. F röh lich , “ T h e o ry  o f D ie lectr ics ,”  C larendon , O xford , 1958, 
P 8 .
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Figure 3. Imaginary part vs. real part of ( ip — ei)-1 from 
measurements of the complex permittivity ep(v )  in dependence 
on the frequency v performed on two different salt solutions.

suring frequency interval [about —0.65 <  log (oir8) <  
0.3], Consequently, the terminal points «i, e2 of the 
circular arc (Figure 1) do not agree with the correct 
asymptotic values of the permittivity at infinite fre­
quency, «(<») =  e„, and at zero frequency, e(0) =  e8, 
respectively. If a symmetrical continuation of the 
locus diagram (Figure 1) from the measured part 
toward the correct terminal points e„, es is assumed, 
then

b  -  h
*  « 1 ------------- g —  ( « 2  -  « 0  ( 4 )

b  -  h
Cs ~ € 2  -1--------  ( « 2  -  ei) (5)

holds.
To the function ep(w), eq 2, belongs a relaxation time 

distribution function which when plotted vs. In (t/ t„) 
is symmetrically bell shaped with respect to the princi­
pal relaxation time r8. Its width at the points of half­
maximum value amounts to

for h  <  b  «  1.
In order to determine «2 and h  more accurately than is 

possible from the ep(r) locus diagrams (Figure 1), we 
plotted the measured ep ( v )  data in the complex (ep — 
e i) - 1  plane (for example Figure 3) using ti =  5.4 ±  0.5. 
This «i value is common to all solutions as was found 
from the circular arc plots of cp(r). According to eq 2 ,

[«pM  — «i]_1 represents a straight line inclined to the 
imaginary axis by the angle h ir/ 2  and intersecting the 
real axis at (e2 — ei)- 1 . The e2 values obtained from 
diagrams like Figure 3 were used for calculating v, eq 1. 
Then from the «-log v plots (Figure 2 ), r8 and b  (eq 3) 
were taken.

The characteristic data h , b , e s , and rs derived from 
the measured ep(r) values of 1 M  solutions are compiled 
in Table I. A comparison of the ts values of 0.5 and 1 M

Table 1“

F - Cl- B r - I -

Li + 1.3 1.5 1.6
3.3 3.4 3 .5

65.5 65.0 64.0
- 4 . 2 - 7 . 0 - 9 . 9

Na+ 1.3 2.1 2.0 1.8
4.7 4.5 4.6 4.1

69.4 67.3 66.7 65.5
- 1 .1 - 7 . 3 - 9 . 7 -1 2 .8

K  + 1.8 2.7 2.7 1.9
4.6 5.1 4.4 4.4

69,9 68.9 68.2 67.8
- 2 . 6 - 7 . 9 -1 0 .3 -1 2 .2

Rb + 1.4 2.9 1.6 2.5
5.1 4.9 4.9 4.9

70.8 69.7 69.5 68.5
- 2 . 9 - 8 . 0 -1 0 .0 -1 1 .9

Cs + 2.6 2.7 2.7 2.6
3.1 » 3 « 3 « 3

71.2 70.7 70.3 69.9
+ 0 .5 - 6 . 1 - 7 . 3 - 9 . 2

» Explanation (sequence of the figures in each column): 100 h, 
1006, e„ (t. -  tw) / ( twc*) [% /m o l/ kg of H 20],

solutions indicated that r8 varies nearly linearly with the 
molal salt concentration c* [mol/kg of H20  ]. Instead of 
ts, therefore, in Table I only the relative molal deviations 
( r s —  t w) / ( t wc * )  of the principal relaxation times of the 
solutions from the relaxation time rw =  0.82 X 10_n sec 
(at 25°) of pure water are presented, since these quanti­
ties will be of primary interest further on. These de­
viations were determined from the r8 values of 1 M  
solutions.

IV. Interpretation of the “Static” Permittivity e8
In order to get information from the “static” per­

mittivities €s of the solutions, we assume the following 
model to be approximately valid.

Each ion together with the surrounding water, as far 
as it does not contribute to the orientational polariza­
tion, is considered to be a sphere consisting of a homo­
geneous dielectric medium with the permittivity ee ~  2 . 
These spheres all together occupy the fraction /  of the 
total volume of the solution. The water between these
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spheres is considered to be a homogeneous dielectric 
medium with the static permittivity ew = 78.3 of pure 
water.

Brown6 presents a relation between es and ew, ee, /, 
valid for this type of mixture of two different dielectrics, 
from which /  can be calculated according to

J ___ 2i w +  G0 Gw Gg
Gw Ge 2cw “h Gs

We tested this formula in the case of aqueous tetra- 
alkyl ammonium bromide solutions.4 The water mole­
cules around the especially large ions of these salts may 
be assumed to fully contribute to the orientational 
polarization. Consequently /  in eq 7 can be set equal 
to the known volume concentrations of the salts. The 
Gg values calculated from eq 7 with these/ values do not 
deviate by more than 2 %  from the gs values derived 
from measurements.

Inserting the gs values of the alkali halide solutions 
from Table I into eq 7, we calculated /  values in order 
to determine from it the quantity of water contained 
in the spheres with low permittivity g6, that is the water 
not contributing to the orientational polarization. 
With these/values, with the densities p of the solutions 
and the molar weights M + , Af_ of the ions, with the 
molar weight M '  =  18 g/mol and the apparent molar 
volume 7 m' = 18 cm3/mol of water, we get the numbers 
of moles of water, zf, not contributing to the orienta­
tional polarization per mole of electrolyte in a c molar 
solution according to

103(P/c) — (M +  +  M - )  _ 1 ~ /  /oN
2 f - --------------- w ------------------- 10  W  <8)

The numbers zf are compiled in Table II. They have 
the following meaning. The “static” permittivities gs 

of the solutions in comparison to gw of pure water are 
reduced to a greater extent than that estimated from the 
decrease in the water concentration. The additional 
decrement of the “static” permittivity is so large it 
appears as i f  Zf moles of water per mole of electrolyte 
do not contribute to the orientational polarization 
(“dielectric saturation” in the electric field of the ions).

The Zf values of the Li and Na salt solutions are 
more reliable than the other values. They are almost 
independent of the anions (!) so that it is justified to 
completely attribute them to the cations. Correspond­
ingly, within each line of the remaining data (being less 
reliable), the average value has been calculated and pre­
sented as cation value Zf+ in the last column.

In some ion crystals, Li+ is found to be fourfold and 
sixfold coordinated by H20  or 0. Thus the number 
Zf+ = 5.5 of water molecules without orientational 
polarizability in the hydration shell of Li+ seems to be 
reasonable. Assuming therefore the other zt + values 
to be significant too and comparing them with the coordi­
nation numbers z+ (Table III) allows the conclusion

Table II“

------------------ if
F -

(1.16)
Ci­

u m )
Br"

(1.80)
I -

(2.05) Zf +

Li+ 5.5 5 .5 5.4 5.5
(0.82)
Na+ 4.3 4.5 4 .5 4.5 4.5
(1.17) 
K  + 3.6 3.1 3.1 2 .8 3.2
(1.49) 
Rb + 2.7 2.4 2 .2 2 .0 2.3
(1.63)
Cs + 2.1 1.3 1.4 0.9 1.5
(1 .86)

“ ( ) =  ionic crystal radii in A from ref 7.

that differing from Li+ the inner hydration shells of the 
other cations are not completely saturated dielectrically. 
However, the most remarkable conclusion from Table II 
(zf+ = zf, Zf-  =  0) is that the anions (F~ included!) do 
not reduce the orientaticnal polarizability of their hy­
dration water.

V. Interpretation of the Variation of the Dielectric 
Relaxation Time rs in Connection with That of the 
Proton Magnetic Relaxation Rate (1/Ti)s

To get information from the relative molal changes of 
the principal dielectric relaxation times ts of the solu­
tions with respect to the dielectric relaxation time tw 
of pure water, we first assume the following model to be 
approximately valid.

Around each cation and anion there are z+ or z_ 
water molecules, respectively, having reorientation 
times t+ or t_ which may be different from the re­
orientation time rw of pure water due to disturbance of 
the microdynamics of water by the ions. The undis­
turbed water of molality cw* — (z+ +  z_)c* in c* molal 
solutions has the reorientation time rw of pure water 
(molality cw* = 55.5 mol of H20/kg of H20 ) . The orien­
tational motions of water molecules in different solvent 
regions are independent of each other. The water 
molecules in all solvent regions contribute the same 
amount to the static permittivity as in pure water (here 
we at first ignore the result of section IV).

For this model solution the function

GP(C0) -  Geo = 1 -  (Z+ +  Z-)C*/CW*
Gg Geo 1 "F fiOTw

z+c*/cw z -c* / cw*

1 +  fo!T+ 1 +  iw T-

represents an approximate description of the permit­
tivity gp  as a function of frequency. In the case of 
zc*/cw* «  1 this sum of Debye relaxation terms can be

(6) W. F. Brown, “ Handbuch der Physik,”  Vol. 17, S. FlUgge, Ed., 
Springer, Berlin, 1956, p 105.
(7) B. S. Gourary and F. J. Acrian, Solid State Phys., 10, 144 (1960).
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Figure 4. Calculated data of model salt solutions: Relative 
molal changes B ^ ,  B m±  of the dielectric relaxation time and 
of the proton magnetic relaxation rate (1 / T i) ,, respectively, and 
molal changes 6±' of the dielectric relaxation time distribution 
parameter b due to cations ( + )  or anions ( - ) v s .  the 
reorientation time ratio t±/ tw of z±  disturbed water 
molecules per ion.

fitted to the measured t p ( v )  as well as the function repre­
sented by eq 2. Forming from eq 9 the equation 
(dep'Vdco)*, =  0 , which determines the principal re­
laxation time rs(c*) = l/cor(c*), and differentiating 
(dep"/dc«dWr =  0 with respect to the solute molality 
c* for c* 0 , we get the limiting relative molal change 
of the relaxation time rs

with

B  d+ +  B  a (1 0 )

1  /  d (l/T i)g\
(1 /Ti)w\ dc* / c*-.o

B n =  B m+ +  B m (1 2 )

with

B m± = T ± ~  T w Z ±  

t-w
(13)

Graphical representations of B d±  and B m±  as a function 
of t ± / t w  are shown in Figure 4.

Now we will compare the information about the dis­
turbed water molecules contained in the 5  a and B m 
values as determined from dielectric or proton mag­
netic relaxation measurements, respectively. For this 
purpose we insert the B m+ and B m~ values from 
Hertz1 (recalculated from his Table 6, setting B mK+ =  
B mc r ) into eq 13 and calculate t + / t w  and t_ / tw taking 
for z+ and z_ the number of water molecules in the 
inner hydration layer (coordination number) of the 
cation or anion, respectively. These t± and z±  values 
we put into eq 1 1  to get B m±  values reduced to “dielec­
tric scale” (Figure 4) which we denote by (R m± )red- 
The difference values B d — (B m~ )red with B d from 
Table I and the ( B m+) re,i values are compiled in 
Table III.

Table I IP

F ~
(5 .1 )

— b a -  
c i­
te, l)

C »m  )red
B r ­
ie.?)

I -
(7 .8 ) Bd + (•5m+) red

Li+ - 3 . 2 - 3 . 8 - 2 . 9 - 3 . 3 + 4 .4
(4.9)
Na+ - 5 . 7 - 6 . 3 - 6 . 5 - 5 . 8 - 6 . 1 + 4 .3
(6.8) 
K  + - 7 . 2 - 6 . 9 - 7 .1 - 5 . 1 - 6 . 6 - 1 . 0
(7.7) 
Rb + - 7 . 5 - 7 . 0 - 6 . 8 - 4 . 9 - 6 . 6 - 3 . 1
( 8 . 2 )  

Cs + - 4 . 1 - 5 . 1 - 4 .1 - 2 . 2 - 3 . 9 - 4 . 3
(9.3)

° ( ) =  z+ or z_, respectively, according to eq 14. All B
values in % /m ol/kg of H 2O.

r±  r w

According to the observed linearity of rs(c*) the values 
of (ra — tw) / ( twc*) of 1 M  solutions compiled in 
Table I are taken to be equal to B d.

Referring to the same model of an aqueous ionic 
solution as described above, Hertz1 derived a relation 
between the reorientation times r+, r_ of disturbed 
water molecules and the relative molal change of the 
proton magnetic longitudinal relaxation rate (1 /Ti)s 
of solutions with respect to the relaxation rate (1 /T i)w 
of pure water

The number of water molecules in the inner hydra­
tion layer of the ions was calculated from the difference 
between the total number of water molecules in the 
solution and the number of water molecules outside 
of concentric spheres with the radius rc± +  rw around 
each cation or anion, respectively (rc± =  crystal radii 
of the ions, Table II; rw = 1.38 A, the radius of H20). 
The apparent molar volume of water outside these 
spheres is assumed to be equal to that in pure water, 
V m' =  18 cm3/mol. This method yields

z± = 2

47r
1 +  rw/r0± 3

NL(r± +  rwy  -  Fm±

1 +
or w 

8re±

(14)
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with N L = 6 X 1023 mol- 1  and FM + and FM-  being 
the apparent partial molar volumes of the ions from 
ref 8 (except F- ) referred to FM* = 42.3 cm3/mol from 
ref 9.

1. A n io n ic  E ffects. Within the limit of uncertainty 
of the B d and B m~ values, Table III shows the dif­
ferences B d — (B m~)red to be essentially independent of 
the anions. So it is justified to conclude (B m~ )Te<1 «  
B , r  which means that the dielectric and proton mag­
netic relaxation data yield the same information about 
the influence of the anions on the surrounding water 
(z_ molecules per ion). This information consists in 
the increased reorientation time ratio r_/rw ~  2.6  

produced by F-  and the decreased ratios t_ / tw «  0.9, 
0.8, and 0.4 produced by Cl- , Br- , and l - , respectively, 
as already presented1 and discussed2 by Hertz.

The result B d~  w (Bm- )red is plausible recalling that 
all z_ water molecules nearest to an anion fully contri­
bute to the dielectric orientational polarization (zt~  =  
0, Table II) so that the dielectric as well as the proton 
magnetic relaxation responds to the orientational be­
havior of the hydration water.

2. Cationic E ffects. As B d — (Bm- )rcd in Table 
III is found to be almost completely due to the cations, 
the average value has been calculated within each line 
of Table III and is presented as cation value B d+ in the 
next to last column. A comparison of corresponding 
B d+ and (Bm+)rea values (in the last column of Table
III) shows reasonable agreement only for Cs+ and Rb+, 
while there are drastic differences for Li + and Na+. 
This situation can be understood partly by considering 
that almost all water molecules nearest to Cs+ and Rb + 
contribute to the dielectric orientational polarization 
(zf+ «  z+, Tables II, III) while those nearest to Li+ 
and Na+ do not (Zf+ ~  z+). So with Cs+ and Rb+ 
both the proton magnetic and the dielectric relaxation 
respond to the decreased reorientation time ratios 
r+/r w «  0.7 and 0.8, respectively, 1 while with Li+ 
and Na+, only the proton magnetic relaxation can re­
spond to the increased reorientation time ratios t + / t w 

sk 2.5 and 1.5, respectively, 1 of the z+ water molecules 
nearest to the ions.

However, the preceding consideration does not ex­
plain why B d + of Li+, Na+, and K + is negative. An 
explanation requires a modification of the solution 
model. There are at least four effects which produce 
negative changes of the dielectric relaxation time rs 
but which do not significantly reduce the proton mag­
netic relaxation rate (1 /Ti)s with increasing electrolyte 
concentration. A detailed discussion will appear in a 
later publication. 10 Among them the effect most 
probably responsible for the negative B d+ values of 
Li+, Na+, and K+ has been proposed by Hertz. 1 After 
switching off an external electric field, “an additional 
decay of the electric polarization is caused by the ex­
change process of the water molecules into and out of 
the regions of low polarization (without orientational

Figure 5. Model of the aqueous ionic solutions introduced in 
section V2. ti, residence time; rw, r-reorientation times; z+ , 
z -  coordination numbers.

polarizability) formed by the hydration spheres” of 
small cations. Regarding this we modify the preced­
ing model of the solution (at the beginning of section V) 
in ascribing the cationic influence on the water only to 
the suppression of the orientational polarizability 
which Zf+ water molecules experience while they spend 
the limited time rf around a cation (Figure 5).

During a short time interval df, zf+c*(df/rf) moles of 
water per kg of H20  of a c* molal solution are exchanged 
between the regions without orientational polarizability 
near the cations and the “free” water of molality cw* — 
Zf+c* — Z - C *  having the reorientation time rw of pure 
water. The water molecules leaving the regions without 
orientational polarizability after an external electric field 
was switched off also do not contribute to the orienta­
tional polarization Pw(<) of the “free” water. So P w(t) is 
changed during df by

dPw(0 -Pw(0 -
zf+c* d t
Zf+C* — Z_C* Tf

d t
P w (0- (15)11

TV

due to the water molecules leaving the “free” water and 
entering the regions without orientational polarizabil­
ity and due to the ordinary dielectric relaxation of the 
“free” water. By this enlarged decay of the free water 
polarization with the decay time rw' (<rw) according to

Zf+C*______ Tw
Zf+c* — Z_C* T f

(16)

(8) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  Reinhold, New York, N. Y., 1950, p 253.
(9) B. E. Conway, et al., Z. Phys. Chem., 230, 157 (1965).
(10) R. Pottel and coworkers, to be published.
(11) Equation 15 has been derived with the assumption that the 
correlation time of the fluctuations of the component of the per­
manent electric dipole moment of the water molecules in the direc­
tion of the external electric field is essentially larger than the time 
between translational jumps.
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eq 9 is modified to give

z_<r z_c*
ip(w) — €„

€s C<a
,*  —  Zf+ C* . c,

+
, *  —  Zf+C*

1 +  ’̂cOTw, 1 +  iojT.
(17)

From this follows B A as in eq 10 and J5d as in eq 11 
but B  d+ according to

B  d+ = ~
2f T Vi

cw* T,
(18)

based on the supposition that B d+ is completely due 
to the exchange process.

With zf+ from Table II, B d+ from Table III, and 
cw* = 55.5 mol/kg of H20, eq 18 yields rf/rw ~  3.1, 
1.3, and 0.8 for Li+, Na+, and K +, respectively. Com­
paring these data with the reorientation time ratios 
t+/ rw «  2.5, 1.5, and 0.9, respectively, derived from 

one arrives at the reasonable conclusion that the 
time after which a water molecule reorientates in con­
tact with the ion is not far from the time after which it 
leaves the hydration sphere.

VI. Orientational Polarizability and Reorientation 
of the Hydration Water around Li+ and F~

The excess decrement of the static permittivity of 
Li+ halide solutions indicates that Zf+ ~  z+ water 
molecules per Li+ ion (Tables II, III) do not contribute 
to the dielectric orientational polarization (section IV). 
One may plausibly imagine that these zf + water mole­
cules are in contact with the Li + ion and that their per­
manent electric dipole moments are so rigidly ori­
ented in the strong radial ionic electric field (Figure 6a) 
that no electric dipole rotation is possible.

On the other hand the increase of the proton mag­
netic relaxation rate of Li+ halide solutions produced by 
Li+ 1 indicates that the water molecules nearest to the 
Li + ions must, according to r+/r w 2.5 (section 
V2), execute a restricted proton-around-proton rotation 
(which is necessary for proton magnetic relaxation to 
come about). Thus the dielectric and magnetic data 
are only compatible with a rotation of the hydration 
water molecules around their electric dipole axes (Fig­
ure 6a) which probably is restricted by the repulsion 
between the protons of neighboring water molecules.

The increase of the proton magnetic relaxation rate of 
alkali-F_ solutions produced by F_ 1 indicates that the 
water molecules nearest to the F~ ions also must ac­
complish a proton-around-proton rotation which, ac­
cording to r_/rw ~  2.6 (section VI), is just as much 
slowed down as in the case of Li +. But in contrast to 
Li+, the F_ ions produce no excess decrement of the 
static permittivity (section IV) so that the neighboring 
water molecules are expected to nearly fully contribute 
to the dielectric orientational polarization by a rotation 
of their permanent electric dipole moment, ¡¡d. From 
the finding of B d~ ~  (B m~ )ied (section VI) it follows

!
Restricted Proton j

a

C_j3 Restricted Proton

t ,  / i w — 2.3 ; z, = zt

Figure 6. Arrangement and dynamics of the water molecules 
in the inner hydration layer of L i+ (a) and F ~  (b).

that this rotation is as much restricted as the proton- 
around-proton rotation. So the dielectric and magnetic 
data in this case are only compatible with an asymmetri­
cal arrangement of the water molecules in contact with 
the F~ ion and a restricted rotation of these molecules 
around an axis not coinciding with the electric dipole 
axis (Figure 6b). The asymmetrical orientation of the 
electric dipole of a water molecule in the electric field 
of a small anion has, for example, been mentioned by 
Everett and Coulson in 194012 and has now found ex­
perimental support from the present dielectric and mag­
netic data.

VII. Interpretation of the Variation of the Relaxation 
Time Distribution parameter, b

As stated in section III the measured frequency re­
sponse ep(co) of the complex permittivity of the aqueous 
ionic solutions implies a relaxation time distribution 
characterized by the relaxation time distribution param­
eters b and h. The parameter b, derived from the mea­
sured ep(co) values according to eq 3, obeys the general 
relation

5 = 1 +
d«' '

d(cOTs).
(cos (hir/2)) (19)

iOTs = 1

For the model of the ionic solutions introduced at the 
beginning of section V we have taken eq 9 to approxi­
mately express ep(w). With t and ep"  from eq 9 in­
serted into eq 19, b becomes dependent on the elec­
trolyte molality, c*. Then the relative molal change 
of b for c* —> 0 is (regarding h «  1 ) given by

(£.L“6'-6+,+6-' «
with

(12) D. H. Everett and C. A. Coulson, Trans. Faraday Soc., 36, 633 
(1940).

The Journal o f  Physical Chem istry, Voi. 74, N o. 21, 1970



Symposium on Structures of W ater and A queous Solutions 3725

A comparison of the b values for 0.5 and 1 M  solu­
tions indicated that b varies almost linearly with the 
molal salt concentration, c*. Accordingly the values 
of (b — 6w)/c* of 1 M  solutions (c from Table I, bw ~  
0.006, section III) are taken to be equal to b'.

With the quantities B d (section Y), b', and B m+, 
B m-  derived from the dielectric or proton magnetic 
relaxation measurements, respectively, we have four 
known quantities which on principle could serve to 
calculate the four interesting unknown quantities 
t±/ tw z± by eq 1 0 , 13+, 1 3 and 20  without any 
further information. The supposition is that the 
model of the ionic solutions introduced at the beginning 
of section V suffices to nearly explain the change of the 
dielectric relaxation time rs induced by the ions. Ac­
cording to sections VI ,2  this car. only be expected to 
hold for the Cs halide solutions. Among the b values 
(Table I) of these solutions only that of the CsF solu­
tion is reliable enough for evaluation. So we have used 
the data of only the CsF solution to examine whether or 
not the method of calculating r±/r w and z± in the man­
ner just mentioned is consistent with the method in 
section V which involves taking z± from eq 14 and then 
calculating r±/r w from jBm± by eq 13+ and 13“ . The 
results are compiled in Table IV. Within the limits of

Table IV

By eq By eq
10, 20, 14,

13+, 13- 13 +, 1 3 -

C s  + 2+ 1 1 . 5 9 . 3

T + /t w 0 . 8 1 0 . 7 6
F - 2_ 5 . 3 5 . 1

r _ / r w 2 . 5 8 2 . 6 3

accuracy of the primary data, Table IV shows excellent 
agreement between the results derived from combining 
dielectric and proton magnetic relaxation data (3rd 
column) and the results derived solely from the magnetic 
data and an estimation of the coordination numbers z±  
(4th column). So it is justified to use together, as in

section V, the dielectric and proton magnetic relaxation 
data in order to get additional information about the 
more complex dielectric relaxation in solutions of cations 
smaller than Cs+.

VIII. Conclusion

For the interpretation if the static permittivity and 
the dielectric relaxation t .me of aqueous ionic solutions 
we have introduced three models. These models ob­
viously are more or less simplified pictures of the real 
solutions.

In the first model, concerning the static permittivity 
(section IV), the solvent water is divided into regions 
with and without orientational polarizability, the latter 
regions being the cation solvation shells.

In the second model, concerning the dielectric and 
proton magnetic relaxation (section V), the solvent is 
divided into cationic, anionic, and undisturbed water 
having different reorientation times (r+, r_, rw) but 
equal orientational polarizability. Because of the fea­
ture of the first model being neglected here, the second 
model is limited to reproduce the dielectric behavior 
of solutions with large caoions.

The third model (section V2, Figure 5) combines the 
features of the first and second model, and additionally 
includes the exchange of water molecules between the 
regions with and without orientational polarizability. 
But in this model the water near cations of medium and 
large size is artificially divided into molecules without 
orientational polarizability and molecules having the 
reorientation time (rw) and orientational polarizabil­
ity of pure water. Therefore, the third model is es­
pecially appropriate to reproduce the dielectric behavior 
of solutions with small cations.

In order to adjust the third model to solutions with 
cations of medium and Urge size, one should uniform ly  
attribute a reduced (bu: not vanishing) orientational 
polarizability and a modified reorientation time (r+) 
to all the water molecuUs near the cations. Together 
with the exchange process, such a model would be­
come relatively compiler ted while not much more sub­
stantial information can be gained than by considering 
the simpler models memioned above. So we have left 
out this refinement here. It will be presented in a 
later publication. 10
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Direct Proton Magnetic Resonance Cation Hydration Study of 

Uranyl Perchlorate, Nitrate, Chloride, and Bromide 

in Water-Acetone Mixtures1

by Anthony Fratiello,* Vicki Kubo, Robert E. Lee, and Ronald E. Schuster
Department of Chemistry, California State College, Los Angeles, Los Angeles, California 90033 (Received March 3, 1970)

A cation hydration number study has been carried out for solutions of U02(C104)2, U02(N0 3)2, UO2CI2, and 
U02Br2 in water-acetone mixtures by the direct proton magnetic resonance (pmr) method. At temperatures 
below —85°, proton exchange is slow enough to permit the observation of separate pmr signals for bulk water 
molecules and water molecules in the U(V+ solvation shell. In C104-  solutions, U022+ is hydrated by a maxi­
mum of four water molecules and complex formation is negligible. Bidentate complexing occurs with N03-  
and the equilibrium quotient for the formation of the mononitrato complex is roughly an order of magnitude 
greater than that for the dinitrato complex. Complexing is evident in the Cl-  and Br~ solutions but spectral 
complexities prevented an unambiguous identification of the species.

Introduction
The direct proton magnetic resonance (pmr) method 

has proved to be particularly well suited for the 
measurement of cation hydration numbers2“6 and 
for the quantitative estimation of competitive solva­
tion7'8 and complex formation9“ 13 in aqueous elec­
trolyte solutions. When proton exchange can be 
slowed by the addition of an inert solvent such as ace­
tone, and by cooling the sample to low temperatures, 
usually in the range of —50 to —10 0 °, separate pmr 
signals frequently can be observed for bulk water and 
water molecules in the cation solvation shell. Signal 
area measurements then provide accurate cation hydra­
tion numbers. Cations investigated in this manner 
include diamagnetic Al3+, Ga3+, In3+, Be2+, and 
M g 2+ ;2 -4 ,n ,i2  Sc3+ Y 3+, and Th4+ ;9'10 Sn4+, U 022+, 
and Zn2 + ;5 paramagnetic Co2 + ;6 and, in a preliminary 
manner, Er3+, Fe2+, Fe3+, and Ni2+.5

Although the complexing ability of the U 022+ ion is 
well known, the hydration number of this cation has 
been estimated only indirectly from spectroscopic14 
and thermochemical studies. 16 Also, a pmr study of the 
behavior of this ion in aqueous solvent mixtures and the 
nature of its complexes with a variety of anions would 
be a valuable complement to the results of investiga­
tions by other methods. 14-20 Since preliminary mea­
surements had indicated that U 022+ fell within the 
scope of this technique,6 a study of the C104- , N 03- , 
Cl- , and Br-  solutions of this cation was undertaken.

Experimental Methods
The U0 2 (C1 0 4)2, U 02(N03)2, acetone, and acetone- 

d6 (99.5%) were reagent grade and they were used as 
received. The Cl- , Br- , and several of the N 03-  
solutions were prepared by the addition of HC1 and

HBr (Brinkmann, ultrapure) and reagent grade H N 03 
to solutions of U 02(C104)2. Salt concentrations were 
determined by the passage of U 02(C104) 2 and U 02- 
(N03) 2 stock solutions through a Dowex 50W-X8 cation-
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(1) Presented in part at the 158th National Meeting of the American 
Chemical Society, New York, N. Y., Sept 7-12, 1969.
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exchange column, thoroughly washing the resin, and 
titrating the resultant acid solution with standardized 
NaOH. The pmr spectra were obtained immediately 
after the samples were prepared.

All pmr chemical shift and area measurements were 
made with a Varian A-60 and a Varian HA-100 nmr 
spectrometer, each equipped with a variable tempera­
ture accessory for studies from —150 to +200°, and an 
electronic signal integrator. The samples were cooled 
in the probe until the spectra revealed separate reso­
nance signals for bulk and cation solvation shell water 
molecules. At this point, the signals were integrated 
at least three times. The experimental method has 
been described in more detail elsewhere.3 7

Experimental Results
The cation hydration numbers for aqueous acetone 

solutions of U0 2 (C104)2 and UCbiNCVk are presented 
in Table I, and the water pmr spectra arising from two

Table I : Cation Hydration Numbers in Aqueous-Acetone 
Solutions of U 0 2(C104)2 and U 0 2(N 0 3)2

Salt Molality
/■-------Mole ratios------- ,

UO22 + : H2O : acetone
U022+ hy 

no.

U 0 2(C104)2 0.39 1.00:13.3:40.5 4 .0
0.36 1.00:13.8:43.8 4 .0
0.29 1.00:17.0:54.6“ 4 .0

0.24 1.00:13.3:66.8 3 .9
0.21 1.00:13.1:69. B 3 .9

0.13 1.00:13.3:131 4 .3

U 0 2(N 0 3)2 0.39 1.00:18.5:38.1 2.1

0.66 1.00:7.78:23.6 1.9
0.28 1.00:18.5:56.3 2 .0
0.26 1 .00:18 .5 :55 .4‘ 2.1
0.23 1.00:22.1:69.6“ 2 .0

0.22 1.00:18.5:72.4 1.7

0.17 1.00:18.5:95.4 1.3

0.093 1.00:18.5:180 -—'0

“ Samples contain a 1:1 mole ratio of HC104 to U 0 22+.
6 Samples contain acetone-^.

of these solutions are shown in Figures 1 and 2. In 
Table II, and in Figures 3 and 4, similar results are 
given for water-acetone mixtures containing regulated 
mole ratios of anion to U0 22+ ion, the concentrations 
resulting from the addition of HNO3, HC1, or HBr to a 
U0 2(C104)2 solution. The hydration numbers listed in 
both tables were measured with a 5-10% precision, and 
they represent the result of several integrations with 
duplicate samples. The two entries listed as ~ 0  indi cate 
that the solvation shell water signal either was too 
small to be accurately integrated (N03-  solution), or 
not observable (Cl-  solution). The acetone to water

Table I I : Cation Hydration Numbers in Acidified 
Aqueous-Acetone Solutions of U 0 2(C1C>4)2

Salt
Acid Molality

/—------- Mole ratios---------- >
U02 + :H + : H2O: Acetone

U022+hy
no.

h n o 3 0.45 1.00:0.94:14 .7 :36 .8 2.8
0.40 1.00:0 .97:13 .9 :39 .4 2.6

0.66 1 .00:0 .00 :7 .78 :23 .6“ 1.9
0.28 1 .00:0 .00:18 .5 :56 .3“ 2.0
0.26 1 .00:0 .00 :18 .5 :55 .40’6 2.1

0.27 1.00:0 .98:19 .9 :59 .7“ 1.5

HC1 0.32 1.00:1.00:16 .4 :49 .2 3.3
0.31 1.00:1.00:16 .9 :50 .7 2.8
0.44 1.00:1.02:12.1:35.1 3.1

0.26 1.00:1.96:20.1:59.7 1.8
0.27 1.00:1.87:19 .6 :56 .9 1.9
0.16 1.00:1.96:20.1:100“ 1.9

0.22 1.00:2 .94:23 .5 :70 .0 1.0 (± 2 .0 )

0.18 1.00:4.61:29.5:87.3 ^ 0

HBr 0.41 1.00:0.95:12 .8 :38 .4 3 .0
0.41 1.00:1 .01:13 .1 :38 .0 3.0
0.38 1.00:1.01:13 .8 :40 .6 3.0
0.25 1 .00:0 .95 :12 .8 :64 .1e 3.0

0.30 1.00:2.05:18 .0 :52 .2 3 .0
0.28 1.00:2.02:18.7:55.1 3.1

0.24 1.00:3 .07:22 .9 :65 .2 2.3
0.22 1.00:3 .01:23 .4 :70 .2 2.4

« U 0 2(N 0 3)2 was used instead of U 0 2(C104)2. h Sample con-
tained acetone-d6. c Sample contained a 5:1 mole ratio of
acetone to water.

0.39m U02(CI04)2 
U02 : H20 - A 

I : 13.3 :40.5

Figure 1. The water pmr spectrum of a U 0 2(C104)2 solution in 
a water-acetone mixture, recorded on a Varian A-60 nmr 
spectrometer. The signals arising from bulk water (Bhjo) and 
water molecules in the U 0 22+ ion solvation shell (Ch,o) are 
labeled, and the mole ratios of all species 
are given in the diagram.

mole ratios were varied from about 3:1 to 1 0 : 1  for the 
systems represented in Table I, whereas, with the ex­
ception of the two solutions noted, this solvent mole 
ratio was maintained at 3:1 for all solutions of Table II. 
The hydration number measurements were made in the 
temperature range —85 to —100°, the exact tempera-
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Figure 2. The water pmr spectrum of U 0 2(N 0 3)2 solution in a 
water-acetone mixture, recorded on a Varian A-60 nmr 
spectrometer. The signals arising from bulk water (BH2o) and 
water molecules in the U 0 22 + ion solvation shell (Ch2o) are 
labeled, and the mole ratios of all species 
are given in the diagram.

t=-80"C 
UOg- HCI : H20:A 

c) I : 2.9 ; 23.5 : 700

Figure 3. The water pmr spectra of solutions of U 0 2(C104)2 in 
water-acetone mixtures containing (a) 1:1, (b) 2:1, and (c) 3:1 
mole ratios of HC I to U 0 22+. The spectra were recorded on a 
Varian HA-100 nmr spectrometer. The signals arising from 
bulk water (Bh2o) and water molecules in the U 0 22 + ion 
solvation shell (Ch2o) are labeled, and the mole ratios of all 
species are given in the diagram.

ture in each case being that at which the bulk water and 
cation solvation shell water signals were well defined. 
The coordinated water signal appeared about 9.50 ppm 
downfield from internal acetone in the C104_ and N 03-  
solutions, and approximately 9.33 ppm in the halide 
systems, taking the center of the multiplet as the point 
of measurement.

Discussion
From the separation of the bulk and solvation shell 

signals in Figures 1 and 2  for acid free solutions of 
U 02(C104) 2 and U0 2(N03)2, respectively, one can esti­
mate that the lifetime of a proton at a particular site is 
approximately 0.005 sec. 21 This is only an order of 
magnitude calculation since the position of the bulk 
water signal and, consequently, the signal separation, 
depends on the acetone and added acid concentration, 
and temperature. The complexed water signal is essen-

c)

* - _ Q K O C

U02 : HBr; H20 ’A 
I : 3.0 :23.4-70.2

w

b) I : 2.0 : 18.7 : 55.1

ili*>iiUi t

0) I : 1.0 '• 13.8 ; 40.6

Figure 4. The pmr signals of water molecules in the TJ022 + ion 
solvation shell in U 0 2(C104)2 solutions in water-acetone 
mixtures containing (a) 1:1, (b) 2:1, and (c) 3:1 mole 
ratios of HBr to cation. The spectra were recorded on a 
Varian HA-100 nmr spectrometer. The mole ratios of all 
species are listed in the diagram.

tially independent of concentration, but it does exhibit 
a temperature dependence which we have observed 
only in a qualitative manner. The bulk water signal 
acid dependence was obtained from a comparison of the 
spectrum of Figure 1 with that corresponding to the 
U0 2(C104)2 solution of Table I designated as containing 
HC104. In both cases the solvation shell water proton 
chemical shift was 9.50 ppm (±0.08 ppm) downfield 
from internal acetone, whereas the addition of HC104 
displaced the bulk water signal 1.42 ppm downfield from 
its position in the acid free solution spectrum. Since 
protonation of the hydration water molecules is mini­
mized by the presence of the positive charge on the 
central cation, only anions and neutral bulk water mole­
cules can engage in this process. The low-field dis­
placement of a water signal upon protonation has been 
treated in detail elsewhere.22

The data of Table I demonstrate a rapid means of 
determining whether inner shell, cation-anion complex 
formation is occurring. The addition of acetone pro­
duces a reduction of the dielectric constant of the me­
dium, eventually to that of acetone, about 20 at 25°, at 
high concentrations of this component.23 Even though

(21) H. S. Gutowsky and C. H. Holm, J. Chem. Phys., 25, 1228 
(1956).
(22) J. A. Pople, W. G. Schneider, and J. J. Bernstein, “ High- 
resolution Nuclear Magnetic Resonance,”  McGraw-Hill, New York, 
N. Y., 1959, Chapters 15, 18.
(23) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,” 3rd ed, Reinhold, New York, N. Y., 1963,
p 161.

The Journal o f  P hysical Chem istry, Vol. 74, N o. 31 , 1970



Symposium on Structures of W ater and A queous Solutions 3729

these pmr measurements are made at —85 to —100°, 
the bulk dielectric constant should still be only about 
35, a much lower value than that of pure water.23 
Thus, if inner-shell complex formation is induced in 
solution, a decrease in the cation hydration number 
should be noted.

From Table I, the U 022+ ion is hydrated by four 
water molecules in CIO4-  solutions over a 3:1 to 1 0 : 1  
range of acetone to water mole ratio, and this value is 
not changed by the addition of HC104. This lack of 
dependence of the hydration number on solvent com­
position and acid concentration rules out the possibility 
of complex formation and hydrolysis, and it indicates 
that 4 is the maximum inner-shell hydration number of 
this cation. The inability of CIO4-  to complex U 022+ 
ion in the presence of sufficient water to complete the 
first solvation shell has been demonstrated by ir meth­
ods. 14 However, this direct measurement of a hydra­
tion number of four contrasts with the value of six 
derived from thermochemical measurements. 16 This 
discrepancy may result from the sensitivity of other 
methods extending beyond the first solvation shell.

In agreement with other spectroscopic and ion-ex- 
change studies, 16-20 the hydration numbers of Table I 
attest to the formation of complexes between U 022 + 
and NO3-  ions. As the mole ratio of acetone to water 
is increased from 3:1 to 10:1, the U 022+ ion hydration 
number decreases from its maximum value of four ob­
served in CIO4-  solutions, to essentially zero in N 03-  
solutions. Since only one acetone resonance signal is 
observed in all spectra, and based on the results of 
other studies which demonstrated the low solvating 
ability of acetone in aqueous solutions of similar con­
centrations,3’4'7'8 it may be assumed that only water 
molecules are solvating the U 022 + ion. Also, hydrolysis 
does not contribute appreciably to these low values 
since the presence of acid does not alter the results. 
Therefore, the hydration number decrease is most 
reasonably interpreted in terms of a replacement of 
water molecules by NO3 ~ ions. The replacement of 
four water molecules by two NO3-  ions in the U 022 + 
ion solvation shell means the complexing is bidentate 
in nature.

To place the complex formation in these systems on a 
more quantitative basis and to permit the identifica­
tion of the species present, experiments were carried 
out in which known amounts o; anion were added to 
U0 22+ ion in water-acetone mixtures of a 1 :3 mole ratio. 
This is the lowest acetone concentration which could 
be studied at the temperatures required by this pmr 
method. It was anticipated that equilibrium quotient 
measurements would be possible for processes such as

U02(H20) 42+ +  n o 3-  ^

(H20)2U 02N 03+ +  2H20  (1 )

(H20)2U 02N 03+ +  N 03-

U 02(N03)2 -f- 2H20  (2)

Presumably only one water molecule would be displaced 
in each step in halide solutions, and the study of higher 
complexes would be possible.

From the U 022+ ion hydration numbers in the N 03-  
solutions of Table II, it may be concluded that an equi­
librium situation prevails at each anion to cation mole 
ratio, and the processes possibly are represented by eq
I and 2 above. Assuming eq 1 applies in the 1:1 
N 03- :U 022+ solutions, *be hydration number of 2.7, 
the average of the two entries of Table II, can be ac­
counted for if 65% of theU022 + ionis present as (H20)2- 
U 02N 03+ and the remainder as U02(H20) 42+. The 
constancy of the hydrat on number with salt concen­
tration in the 2 : 1  N 03-  U 022+ solutions is consistent 
with the complete formation, within experimental 
error, of (H20)2U 02N 03- . The process of eq 2  would 
then apply to the 3:1 N 03- :U 022+ solutions and the 
cation hydration number of 1.5 would imply the pres­
ence of 25% of the UOt2+ ion as U 02(N03)2 and the 
remainder as (H20)2U 02N 03+. These considerations 
lead to a value of roughly ten for the ratio of K\ to K 2.

Although the U022+ icn hydration numbers of Table
II definitely reflect complex formation in the Cl-  and 
Br-  solutions, several features of these data and the 
spectra of Figures 3 anc 4 present a hindrance to an 
unambiguous identification of the species present. For 
example, the solutions containing a 1 : 1  mole ratio, 
Cl-  or Br-  to U 022+, exhibit two signals of approxi­
mately equal intensity fcr water molecules in the cation 
solvation shell. A thirc, broad signal appears in the 
same region of the Cl-  sclution spectra but its area can­
not be accurately determined. A simple complex such 
as (H20 )3U 02X + possibiy would give rise to two pmr 
signals, but with an area ratio of 2 : 1 . Next, the rela­
tive areas of the two principal hydration water signals 
in the Cl-  ion solution ipectra of Figure 3 apparently 
are unchanged with concentration, whereas in the Br-  
ion solution spectra in Figure 4, one of these signals 
broadens and appears to decrease in area as the anion 
concentration is increased. Thus, the signals of Figure 
4, and by analogy those in Figure 3, probably are due 
to different complexes, mther than water molecules in 
different environments in the same complex. Finally, 
the cation hydration number decreases by one unit for 
each mole of Cl-  ion added to solution, while the value 
is about 3 in the 1:1 and 2:1 Br-  to U 022+ solutions, 
and only slightly less in the 3 : 1  solution.

The hydration numbers of Table II are not consistent 
with a combination of simple complexes, and most 
likely species of unusual stoichiometry, possibly even 
polymer-like complexes are present. However, in the 
absence of more information, it is not worthwhile to 
speculate further as to the nature of the species. More 
extensive application of ir and Raman techniques to
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these aqueous-acetone solutions may be fruitful. A 
clarification also would be provided by oxygen-17 and 
halide ion nmr, an approach presently planned in these 
laboratories.
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A Hydrogen-1 and Tin-119 Nuclear Magnetic Resonance Cation Hydration 

Study of Aqueous Acetone Solutions of Stannic Chloride 

and Stannic Bromide1
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A cation hydration number study of aqueous acetone solutions of SnCh and SnBr4 has been carried out by 
means of 4H and 119Sn nmr spectroscopy. At low temperatures, proton exchange is slow enough to permit the 
observation of separate pmr signals for bulk water and water molecules in the Sn4+ solvation shell. Direct- 
signal integration yielded an average cation hydration number of about two in both the Cl-  and Br~ systems. 
This hydration number result, the appearance of only one solvation shell water signal, and the similar resonance 
position of this signal in all solutions were interpreted in terms of the presence of Sn(H20) 64+ and SnX62- as 
the dominant species. Only one 119Sn nmr signal was observed for these solutions at +25°, but the chemical 
shift dependence on dielectric constant was consistent with the presence of these two species undergoing rapid 
intermolecular exchange.

Introduction
Although proton exchange in aqueous electrolyte 

solutions is rapid at room temperature, recent studies 
have shown that by cooling the sample this exchange 
frequently can be slowed sufficiently to permit the ob­
servation of separate proton magnetic resonance (pmr) 
signals for bulk water and water molecules bound in 
the cation solvation shell.2 -13  Signal area measurements 
then provide an accurate value of the average hydration 
number of the cation. This direct pmr method has 
been used to determine hydration numbers for diamag­
netic Al3+, Ga3+, In3+, Be2+, and Mg2+,2 -4  diamagnetic 
U 022+,6'6 and paramagnetic Co2 + ;7 and to estimate 
competitive solvation in aqueous mixtures.8'9 Since 
inner shell, cation-anion complex formation involves 
the replacement of water molecules of hydration, this 
method is a valuable tool for evaluating the extent of 
such processes. Complex formation in aqueous-ace­
tone solutions of Sc(N0 3)8, Y(NOs)3, and Th(NOs)4;10’u

GaCh, GaBr3, and GaR; 12'13 and U 02(N03)2, U 02C12, 
and U 02Br25'6 has been studied by this nmr technique. 

A preliminary cation hydration number study re-

* To whom correspondence should be addressed.
(1) Presented in part at the 158th National Meeting of the American 
Chemical Society, New York, N. Y., Sept 7-12, 1969.
(2) (a) R. E. Schuster and A. Fratiello, J. Chem. Phys., 47, 1554
(1967); (b) L. D. Supran and N. Sheppard, Chem. Commun., 832
(1967) .
(3) A. Fratiello, R. E. Lee, V. M. Nishida, and R. E. Schuster, J. 
Chem. Phys., 48, 3705 (1968).
(4) N. A. Matwiyoff and H. Taube, J. Amer. Chem. Soc., 90, 2796
(1968) .
(5) A. Fratiello, V. Kubo, R. E. Lee, S. Peak, and R. E. Schuster, 
J. Inorg. Nud. Chem., in press.
(6) A. Fratiello, V. Kubo, R. E. Lee, and R. E. Schuster, J. Phys. 
Chem., 74, 3726 (1970).
(7) N. A. Matwiyoff and P. E. Darley, ibid., 72, 2659 (1968).
(8) A. Fratiello, R. E. Lee, V. M. Nishida, and R. E. Schuster, J. 
Chem. Phys., 47, 4951 (1967).
(9) A. Fratiello, R. E. Lee, V. M. Nishida, and R. E. Schuster, 
Inorg. Chem., 8, 69 (1969).
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vealed evidence for tin halide complexes in water- 
acetone mixtures.6 This report represents an attempt 
to place the results on a more quantitative basis, using 
both *H and 119Sn nmr spectroscopy. In these studies, 
ambiguities concerning the identification of the species 
can sometimes be minimized by metal-ion nmr spectra.

Experimental Methods
The reagent grade anhydrous stannic halides, ace­

tone, and acetone-rI6 (99.5%, Stohler) were used as 
received. The anhydrous nature of the salts was 
verified by the pmr spectra of their acetone solutions. 
To avoid the decomposition that attends sample heat­
ing, the solutions were prepared by mixing the reagents 
at —10 0 °, and the spectrum was recorded immediately 
thereafter. No pmr spectral evidence for acetone de­
composition was detected for SnCl4 or SnBr4 solutions, 
but the appearance of extraneous signals in Snl4 solu­
tions precluded the study of this halide.

The pmr chemical shift and area measurements were 
made with a Varian A-60 spectrometer equipped with a 
variable temperature device for studies from —150° to 
+200°, and an electronic signal integrator. The sam­
ples were cooled in the spectrometer probe until the 
proton exchange rate had been reduced sufficiently to 
permit the observation of a resonance signal for water 
molecules in the Sn4+ solvation shell and in bulk me­
dium. The water proton signal areas were integrated 
several times, and together with solution concentra­
tions the areas permitted hydration number calcula­
tions. A more detailed description of the pmr method 
has been given elsewhere.3’8

Although tin has three magnetically active isotopes, 
each with spin %,■ 1I9Sn was chosen because of its 
slightly greater abundance (8.7% compared to 7.7% 
and 0.4% for 117Sn and 1I5Sn, respectively). The U9Sn 
nmr measurements were made at 25° using a Varian 
DP-60 spectrometer, operating in the wide line mode 
at 24.3 MHz and 15.3 kG. The field scan was cali­
brated with a fluxmeter and frequency counter. The 
measurements were made primarily with SnCl4 solu­
tions and with only one SnBr4 solution. The lower 
solubility and signal intensity of SnBr4 limited the study 
to a 1 : 8  salt to water mole ratio, and at this concen­
tration the resonance peak was barely detectable. The 
chemical shifts were determined by calibrating the field 
sweep, making several recordings of the pure SnCl4 
signal, and comparing these with the spectra of a series 
of aqueous solutions. The pure SnCl4 spectrum was 
recorded at the beginning and end of each series in 
order to establish the stability of the spectrometer.

Experimental Results
The cation hydration numbers and solvation shell 

water chemical shifts for solutions of SnCl4 and SnBr4 
in water-acetone mixtures are listed in Table I. A 
representative water pmr spectrum is shown in Figure 1.

Figure 1. The water pmr spectrum of a SnCl4 solution in a 
water-acetone mixture, recorded on a Varian A-60 nmr 
spectrometer. The signals arising from bulk water (BH!o) and 
water molecules in the Sn1+ solvation shell (CH!o) are labeled, 
and the mole ratio of all species is given in the diagram.

Most concentrations were prepared in duplicate, and the 
hydration numbers were measured with a precision of 
±  10%. The chemical shifts listed in the last column 
indicate the separation, in Hz, between the solvation 
shell water signal and internal tetramethylsilane refer- 10 11 12 13

Table I  : Cation Hydration Numbers in Aqueous Acetone 
Solutions of SnCl4 and SnBr4 at —100°

Salt Molality
,— ----- Mole ratios-----------,
S11X4 : HCIO4 : H2O : acetone

Sn< + 
hy no.

S(ChsO),
Hz

SnCl4 0.15 1.00:0.00:5.32:100“ 1.5 677
0.17 1.00:0.94:7.51:100 1.6 662
0.15 1.00:1.00:8.00:100“ 1.8 668
0.14 1.00:1.00:8.00:110“ 1.7 669
0.20 1.00:0.97:9.87:75“ 1.4 672

0.17 1.00:1.52:8.09:101 1.7 656
0.13 1.00:1.47:7.59:125“ 1.8 669

0.17 1.00:2.02:7.88:101 1.6 660
0.17 1.00:2.01:8.10:100 1.8 658
0.15 1.00:2.09:8.12:113“ 1.4 665

0.17 1.00:1.01:8.29:100* 0 .7 608

SnBr4 0.22 1.00:0.70:6.30:75 2 .2 666

0.22 1.00:1.03:9.00:75 2 .0 661
0.17 1.00:1.06:8.49:100“ 1.7 672
0.17 1.00:1.13:8.12:100“ 1.7 666

0.17 1.00:1.51:7.31:100 2.1 648
0.22 1.00:1.58:8.76:76 2.1 652
0.17 1.00:1.53:12.3:100 1.7 680

0.17 1.00:1.70:8.74:100 2 .0 655

“ Samples were prepared using acetone-d6. 6 Samples were 
prepared using acetone-d6 and HC1.

(10) A. Fratiello, R. E. Lee, V. M. Nishida, and R. E. Schuster, 
J. Chem. Phys., 50, 3624 (1969).
(11) A. Fratiello, R. E. Lee, and R. E. Schuster, Inorg. Chem., 9, 
391 (1970).
(12) A. Fratiello, R. E. Lee, and R. E. Schuster, Mol. Phys., 18, 
19 (1970).
(13) A. Fratiello, R . E. Lee, and R. E. Schuster, Inorg. Chem., 9, 
82 (1970).
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t = + 2 5 °C

Figure 2. The n9Sn nmr spectra of (a) pure SnCl4 and (b) a 
solution of SnCh in a water-acetone mixture, recorded at 25° on 
a Yarian DP-60 nmr spectrometer, operating at 
24.3 M H z and 15.3 kG.

ence. The solvation shell peak was broad in most 
spectra, producing a 1 % precision in the shift values. 
Measurements were possible only over the solvent range 
indicated in Table I, since the samples either froze at 
— 10 0 ° at higher water concentrations, or the water 
signals were too broad to be treated quantitatively. 
Although —100° is listed as the temperature of study 
in Table I, the measurements in some cases were made a 
few degrees on either side of this value.

The chemical shifts of U9Sn in solutions of SnCl4 
and SnBr4 in a range of water-acetone mixtures are 
summarized in Table II, and spectra for pure SnCl4 
and one of these solutions are shown in Figure 2. The 
addition of water, acetone, or HC1 in all cases produced 
a displacement of the U9Sn signal to higher field than 
that of pure SnCh. Thus, the 8 values listed were 
calculated from (Hsoin — HsncOlOVfio, where H0 is

Table I I :  u9Sn Chemical Shifts in Aqueous Acetone
Solutions of SnCl4 and SnBr4 at 25°

€ at s,
Salt M ola lity S n X 4: H 2O : acetone 25 oa p p m 6

SnCl4 9.18 1.00:6.06:0.00 80 673
8.25 1 .0 0 :6 .70 :0 .00c 80 732
5.95 1.00:6.06:1.02 58 631
5.38 1.00:7.03:1.02 60 666
4.90 1.00:8.07:1.02 62 686
4.50 1.00:9.04:1.02 63 686
4.43 1.00:6.06:2.02 47 800
3.40 1.00:6.06:3.18 41 830
2.90 1.00:6.06:4.07 37 915
2.47 1.00:6.06:5.10 34 (967)

SnBr4 Pure 640
6.9 1.00:8.02:0.00 (1210)

“ From ref 16. b Shifts are with respect to pure SnCl4, mea­
sured separately. c Sample contained a 2:1 mole ratio of HC1 
to SnCl4.

15.3 kG. The concentrations differ markedly from 
those used in the pmr studies represented in Table I, 
because the low natural abundance of 119Sn prevented 
the use of higher acetone concentrations. However, 
the water to SnCl4 mole ratios are essentially the same 
in both cases.

Discussion
At room temperature, aqueous solutions of the tin 

tetrahalides exhibit only one water pmr signal, averaged 
by proton exchange among the positions corresponding 
to the species present. However, the spectrum of Fig­
ure 1  shows that at about —10 0 °, the exchange is slow 
enough to observe separate peaks for the Sn4+ solvation 
shell and bulk water. From the signal separation of 
355 Hz observed in the acid-free solution of Figure 1, 
and the fact that a temperature increase of only 5-10° 
causes a coalescence of the two signals, the lifetime of a 
proton in the solvation shell is approximately 5 X 10 -3  
sec. 14 This represents only a rough estimation since 
the signals are not of equal area, and the bulk water 
signal chemical shift, and, consequently, the signal 
separation, depends on acetone and acid concentration. 
In the 1:1 acid to SnCl4 solutions, the water peak 
separation was reduced to about 180 Hz, and to 80 Hz 
in the 2:1 solutions. However, the chemical shift data 
of Table I indicate that the solvation shell signal varies 
only slightly over this acid range. Thus, excess acid 
protons bond primarily to neutral bulk water molecules, 
rather than water molecules in the shell of a positive 
ion. The low-field displacement of a water signal in 
acid solution has been discussed previously. 15 In gen­
eral, the solvation shell water signal position varies to a 
significant extent only with temperature, although a 
quantitative study of this effect has not been made.

Another important feature of the data of Table I is 
the low cation hydration number, approximately two, 
observed in each system. This low value must be the 
result of processes such as hydrolysis or complex for­
mation, since Sn4+ could be expected to be hydrated to 
a greater extent. In the Br-  solutions, hydrolysis can be 
completely ruled out as a contributing process by the 
constancy of the hydration number at a value of two 
over a wide range of acid concentration. The slight 
increase in the hydration number from about 1.5 to 1.7 
as the acid to Sn4+ mole ratio was increased from 0 to 2  
is an indication that hydrolysis is occurring in the Cl-  
solutions, but not to the extent that it is the primary 
reason for the low values.

In view of these considerations, the hydration num­
bers can be attributed most reasonably to Sn4+-halide 
complex formation. In spite of the low salt molalities

(14) H . S . G u tow sk y  an d  C . H . H olm , J. Chem. Phys,, 2 5 , 1228 
(1956).
(15) J . A . P op le , W . G . Schneider, and H . J . B ernstein , “ H ig h - 
resolution  N uclear M agn etic  R eson a n ce ,”  M cG ra w -H ill, N ew  Y o rk , 
N . Y .,  1959, C hapters 15 and 18.
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used in this study, this process would still be favored by 
the high acetone concentration, and subsequent re­
duced dielectric constant, and the low temperature of 
study. The dielectric constant should increase from 
about 2 0 , that of pure acetone at these solvent com­
positions, to about 35 at —100° . 16 Even so, the ion­
pairing tendency should increase substantially from 
that in pure water, assuming a simple reciprocal di­
electric constant and temperature dependence. 17

The identification of the complexes present can be 
attempted by a detailed consideration of the hydration 
numbers, pmr spectral features, 119Sn nmr spectra, and 
the results of other investigations.18 First, the average 
hydration number of 2  could be simply explained by the 
presence of (H20 )2SnX4 as the dominant species in so­
lution. However, while this possibility cannot be ab­
solutely precluded, the data mentioned above can be 
more logically interpreted in terms of a process such as

3SnX4(aq) — > Sn(H20 ) 64 + +  2SnX62"  (1)

occurring in both systems. If complex formation is 
complete, the stoichiometry results in an average Sn4 + 
hydration number of 2. This process is supported by 
the pmr spectra of these solutions which showed in all 
cases only one resonance signal for acetone and only one 
resonance signal for the Sn4+ solvation shell water 
molecules. Numerous studies have demonstrated that 
acetone can solvate a cation only if there is an insuffi­
cient amount of water present to complete the prin­
cipal solvation shell.3'4'8'9 In such cases, a solvation 
shell acetone signal is readily observed. Thus, the ab­
sence of such a peak in these spectra, and the presence 
of a bulk water peak, are taken as evidence that Sn4+ is 
solvated only by water. Other equilibria which would 
produce the observed average hydration number of 
roughly 2 also can be postulated. For example, 
(H20 )2SnX4 in equilibrium with (H20 )3SnX3 + and 
(H20)SnX6-  is such a process. While such possibil­
ities cannot be disproved, the data of this and other 
studies are more consistent with the prevalence of the 
process of eq 1 .

The single complexed water signal could result from 
rapid intramolecular exchange, if different Sn4+-halide 
complexes were formed in each system. However, such 
complexes are distinguishable in Al3+ and Ga3+ solu­
tions, and presumably they should be observable 
here.912,13 The postulate of (H20 )2SnX4 as dom­
inating in each case, while supported by the observation 
of only one complexed water pmr peak, is discouraged 
by the chemical shift data of Table I. In the solutions 
containing HC104, the position of this signal was about 
665 ±  5 Hz downfield from TMS for Cl" solutions, and 
662 ±  8 Hz in the Br" solutions. The size and surface 
charge density differences between Cl" and Br" should 
produce a greater chemical shif" difference than that 
observed. The presence of Sn(H20)64+ as the prin­
cipal hydrated species in all solutions is consistent with

these average chemical shifts. Furthermore, as seen 
in Table I, the decrease in hydration number when HC1 
is added to the SnCl4 solution confirms the presence of 
higher chloro complexes such as SnCl«2".

The 119Sn nmr chemical shift data of Figure 2 and 
Table II do not lend themselves to an unambiguous 
interpretation, yet some features of interest were ob­
served. The detailed 11 'Sn study of a variety of tin 
compounds, including the tetrahalides and their mix­
tures, by Burke and Lair:erbur19 provided the basis for 
the experimental approach used here. At the low field 
of 5.3 kG which they used, a 1I9Sn nmr signal could not 
be observed for saturated solutions of the tetrahalides. 
As indicated by the specirum of Figure 2 , the use of a
15.3-kG field makes this c bservation possible even in so­
lutions diluted with acetone. Only at the concentra­
tions represented by the list SnCl4 entry of Table II and 
the one SnBr4 solution Ested were the chemical shift 
measurements uncertain. The discussion will deal 
with only the SnCl4 results, since they were obtained 
over a reasonable solvent concentration range.

The 119Sn nmr spectra ind the SnCl4 data of Table II 
can be summarized as follows. Only one signal was ob­
served in all solutions over a range of about 3000 ppm 
upfield and downfield from pure SnCl4. The position 
of this signal varies only slightly with water concentra­
tion from a molality of 9.2 to 4.5, but greater displace­
ments are produced by changes in the acetone concen­
tration. The addition o ’ HC1 displaced this signal an 
additional 50 ppm upfield from that of a comparable 
acid-free solution. The appearance of only one signal 
may mean that (H20 )2SnZ!l4 is the principal species pres­
ent, or that eq 1 or a similar process represents the 
system but intermolecular exchange is rapid at +25°. 
The pmr data previously discussed and the results of 
other studies to be described minimize, but cannot com­
pletely preclude, the presence of a mixture of inter­
mediate complexes undergoing rapid exchange. Of 
the processes being considered, only those involving an 
equilibrium would be strongly dependent on dielectric 
constant, with a decrease in this parameter displacing 
the equilibrium to the right. Notice that as the water 
concentration is increased from a 6 : 1  to 9:1 mole 
ratio with tin, the dielectric constant changes only 
slightly and, as mentioned above, the 119Sn chemical 
shift remains almost unchanged. The addition of ace­
tone produces a much greater decrease in dielectric con­
stant and corresponding shift displacement of almost 
300 ppm. This strong dependence of chemical shift on

(16) H . S. H arned  and  B . B  O w en, “ T h e  P h ysica l C hem istry  o f 
E lectro ly tic  S o lu tions,”  3rd ed, R ein h old , N ew  Y o rk , N . Y ., 1963,
p 161.
(17) R . A . R ob in son  and R . H . Stokes, “ E lectro ly te  S o lu tion s ,”  
A ca d em ic  Press, N ew  Y o rk , N . Y ., 1959.
(18) L . A . W ood w a rd  and L . E . A nderson , J. Chem. Soc., 1284 
(1957).
(19) J . J. B urke and P . C . L auterbur, J . Amer. Chem. Soc., 83 , 326 
(1961).
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dielectric constant argues against the presence of solely 
(H20 )2SnCl4, and in favor of a mixture of complexes, 
perhaps Sn(H20) 64+ and SnCl62-.

Finally, the results of other studies support the con­
tention that the products of eq 1 dominate in these so­
lutions. Raman measurements of aqueous solutions 
of SnBr4 containing excess Br-  demonstrated the pres­
ence of SnBr62-, and at high anion concentrations this 
species dominates. 18 Moreover, in aqueous SnCl4 so­
lutions the process of eq 1  has been suggested to 
explain the appearance of SnCL2- even in the absence 
of excess Cl- . 18 Thus, it is reasonable to assume that 
in the solutions of Tables I and II, the presence of large 
amounts of acetone would produce the same result as 
large anion concentrations, that is the formation of the 
hexahalo complex. By analogy, similar Raman mea­
surements and an ion-exchange study of concentrated 
gallium halide solutions demonstrated the presence of 
Ga(H20 )63+ and GaX4-  as the dominant species.20-22 
Their presence as the sole species in much more dilute 
solutions in aqueous acetone mixtures was confirmed by

pmr and 69Ga nmr studies. 12,13 It is apparent that 
Raman and variable temperature 119Sn and 170  nmr 
measurements in these aqueous acetone solutions would 
be decisive in the identification of the species present.
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Molecular Motion and Structure of Aqueous Mixtures with Nonelectrolytes 

As Studied by Nuclear Magnetic Relaxation Methods

by E. v. Goldammer and H. G. Hertz*
Institut für Physikalische Chemie und Elektrochemie der Universität, Karlsruhe, Germany (Received March 2, 1970)

Appropriate sets of reorientational correlation times rc—to be derived from nuclear magnetic relaxation times— 
and self-diffusion coefficients D are introduced. Between these quantities rules are given which must hold 
if the mixture has certain structural properties as to be described. After a brief discussion of the pure com­
ponents of the binary mixtures water and acetonitrile, pyridine, methanol, ethanol, tert-butyl alcohol, acetone, 
and tetrahydrofuran, the structural rules are applied to the experimental results reported. These latter data 
are rc and D of both components of the mixture and of different nuclei as a function of the composition and the 
corresponding activation energies. Among the various nuclei are the heteronuclei 14N and 170  of some of the 
organic molecules. The most important result of this investigation is the statement that generally a structural 
reinforcement appears in the water-rich region and that, however, rigid long-lived hydration spheres do not exist 
for the organic solutes studied. Furthermore, some evidence for the association of the organic molecules which 
finally develops to a certain degree of microheterogeneity will be reported.

1. Introduction
It is the purpose of the present paper to contribute to 

our knowledge of the structure of aqueous solutions of 
nonelectrolytes. The structure of a liquid may be de­
scribed in a number of different ways. For instance one 
may say that the liquid contains numbers nt of clusters 
with i particles or that in a solution the solute particles 
are surrounded by hydration cages of nh solvent mole­

cules. Partly we shall use this structure description on 
the following pages. To distinguish this type of de­
scription from other possible approaches we will call it 
in the following the “ aggregate approach.” The 
limiting case of this aggregate approach is the simple 
association of two molecules.

* T o  w h om  corresp on d en ce  should  be  addressed.
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Another more general description which we shall use 
as well concerns the molecular distribution function 
approach. In particular, the pair distribution function 
f(1 ,1>(rii) Urn £1) gives the probability to find a molecule 
1  at rii relative to a given reference molecule 1 and with 
the orientation On (set of three Eulerian angles). Both 
Tn and On are taken relative to a coordinate frame fixed 
in the reference molecule 1 . f (1,1)(ru, 0 U, xi) concerns 
a mixture of molecules 1  and 2  and the argument X\ 
indicates that the mole fraction of particle 1 is x\. 
Likewise, in the mixture there may be defined pair dis­
tribution functions

f(1'2>(ri2, O12, Xi), f<2 1 )(r2i, 0 2i, Xi), and f(2'2)(r22, 0 22, xx)

where the first number of the index indicates the ref­
erence molecule. Then the degree of structure in a mix­
ture has to be defined as the deviation of f(lil), f(1'2). . .  
from those functions which describe the distribution of 
molecules which is completely uniform in space and iso­
tropic regarding relative molecular orientation. 1 The 
complete description of the structure of the liquid has 
to be carried out not only by the pair distribution func­
tion but also by the higher molecular distribution func­
tions which concern more than two molecules. Thus, 
the statement that there exists a number of clusters of 
i particles in the liquid is equivalent to the statement 
that there is a finite probability to find i — 1  molecules 
as seen from a given reference molecule in a certain 
relative configuration according to the geometry of the 
cluster.

It is well known that so far there is no experimental 
method available from which the structural informa­
tions just indicated can be derived in a direct way. 
X-Ray diffraction methods give only averages of f(r, 
0 , xf) over all orientational details; thus one obtains 
f(r, Xi); however, the complications arising in mixtures 
of polyatomic molecules are well known. We omit 
here the enumeration of the many methods or attempts 
to derive structural information—mostly in the ag­
gregate approach—in a more or less indirect way from 
thermodynamic, spectroscopic, or other experimental 
data.

The starting point as concerns solution chemistry is 
the famous problem as to what an extent nonpolar 
molecules or nonpolar (here hydrocarbon) groups are 
hydrated in aqueous solution (iceberg formation, hy­
dration of the second kind, or hydrophobic hydration, 
see, e.g., ref 1 ), i.e., of what kind is the structure rein­
forcement, if it at all exists, in these solutions.

The central principle of the present work is the state­
ment that the above-mentioned structural properties of 
a liquid should in some way be reflected by the nature 
of the molecular motions in this liquid.

In section 2 the connection between structural prop­
erties and the molecular motions will be outlined. A 
number of rules for these interrelations will be given. 
In section 4 experimental data regarding the aqueous

mixtures with acetonitrile, pyridine, methanol, ethanol, 
ferf-butyl alcohol, acetore, and tetrahydrofuran are re­
ported. The experimental data are rotational cor­
relation times as derived from nuclear magnetic relaxa­
tion times, self-diffusion coefficients, and the activation 
energies for both these quantities. To have a better 
understanding of the mixtures a brief sketch of the mo­
tional behavior of the pure components is given. The 
application of the above-mentioned rules to the experi­
mental results allows the decision whether certain struc­
tural aggregates do exist ir not or whether the molecular 
distribution functions assume sharper or flatter maxima 
in the mixture as coir pared with the pure liquids 
forming the components.

One remark should be added here. It is clear that a 
huge amount of literature exists regarding the possible 
structural properties of the aqueous mixtures studied 
here. We consider our work essentially to be the 
demonstration of the straightforward application of a 
number of rules within the conceptional framework 
underlying the method concerned. Thus we shall re­
frain from a discussion of each result we obtain in the 
light of the bulk of other knowledge of this topic ac­
cumulated in the literature. The room available in 
this article would not albw this undertaking. We feel, 
however, that our results are not in striking contrast to 
the general view acceptec. in the literature.

2. Structural Properties and Molecular Motions
A. Introduction of Quantities to Be Used. As has al­

ready been mentioned above the central principle of the 
present work is the statement that the structural prop­
erties of a liquid should he in some way reflected by the 
nature of the molecular motions in the liquid. These 
motions of a liquid in thermodynamic equilibrium may 
be characterized by the behavior of a number of ap­
propriately chosen time correlation functions. The ex­
perimental data to be presented here are the time inte­
grals of three different time correlation functions2-5

D = V, f  v(0 )v(<)df (1 )
Jo

= f  F2m*(0)72m«)di m = 0 , ± 1 , ± 2  (2 ) 6 
Jo

and

r  F * » * ( Q) Y t^ t )  
Jo WO))3 (r(:))3

m = 0, ±1, ±2  (3)

(1) H . G . H ertz, Ber. Bunsenyes. Phys. Chem., 68, 907 (1964).
(2) F . R eif, “ F undam entals o f S tatistical and T h erm al P h ysics ,”  
M cG ra w -H ill, N ew  Y ork , N . Y ., 1965.
(3) P . A . E gelstaff, “ A n  In trod u ction  to  the L iqu id  S ta te ,”  A ca d em ic  
P ress, L ond on , 1967.
(4) R . Zw anzig, Ann. Rev. Phys. Chem., 16, 67 (1965).
(5) A . A bragam ,“  T h e  P rincip les o f N uclear M agn etism ,”  C larendon  
P ress, O xford , 1961.

(6) I f  Y !m*(0 ) F 2m(i) has the torm  g-U!/™ , then  its F ourier transform  
is 2 rc/ l  +  u2t02, and fo r  a; =  1 on e  obta in s eq  2.
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D is the self-diffusion coefficient of the molecule con­
sidered, v(0) and v(£) are its velocities at time 0 and t, 
respectively, F2m(0) and Yim(t) are the normalized 
spherical harmonics of the second order at time 0 and t, 
respectively, in eq 2 the arguments â, <p of F2m are the 
polar and azimuthal angles relative to the laboratory 
coordinate system of a given vector fixed in the mole­
cule of interest. In eq 3 the angles â and ip define the 
direction of the vector connecting two molecules. t0 
we call the rotational correlation time. rr/3  <  rc <  rr 
where rr is the ordinary reorientation time of the vector 
considered under the rotational diffusive motion.7 In 
eq 3 r(0) and r(t) are the distances between two mole­
cules at time 0 and t, respectively, r varies in time be­
cause of the translational diffusive motion of one mole­
cule relative to the other.

From the quantities of the kind eq 1, 2, and 3 we 
shall derive our structural information and proceed as 
follows. Since generally we are concerned with mix­
tures of two components, our experiments (see below) 
yield two self-diffusion coefficients D (I), D (2) and a set 
of rotational correlation times

Here the superscript (1 ), (2 ) means molecule compound 
1 and 2, respectively, and the index 1, 2, 3 regards the 
1 st, 2nd, 3rd . . .  vector in the respective molecule. For 
instance, in CH3OH one may consider the vector con­
necting two methyl protons or the vector pointing in 
the OH direction. Finally, the experiments may yield 
a set of data

an '1'» ,  3i2(1'» ,  . . . ;  3n(1'2), S u «-» , . . .

where the superscript, e.g. (1,1), indicates that r is the 
distance between tw o molecules 1 and the index 11 
means that r concerns the distance between the 1st 
atom ic position within molecules 1, and so on. The 
data reported here will be, however, only 3(1'»  and 
3(2|2), that is, they represent averages over many 
atom ic positions within the molecule.

In the next step, for the composition ranges x, «  1 
and x2 ~  1 (xi,i = mole fractions of component 1 and 2 , 
respectively), from the experimental quantities D(l\ 
D(2) and rci(1). . . ,  rci(2). . .  (i — 1 , 2 ) “ localized” 
quantities

D(»°, Z>(1,+ for X\ «  1

H(2)°, D (2)+ for x2 »  1

Tci(I)°, rci<1>+ i = 1 , 2 , . . .  for xi «  1

Tci<2)0, rci(2)+ i = 1 , 2 , . . .  for x2 «  1

may be derived. Here the indication + means in the 
im mediate neighborhood of the solute particle the mole 
fraction of which is close to  0, and ° means elsewhere in 
the solution. Figure 1 shows a model liquid in order to 
explain the quantities to  be introduced here. The re-

Figure 1. A model of a liquid in order to explain the various 
mierodynamic parameters appearing in the text. The double 
circle represents a solute molecule 2. Note that, e.g ., for 
water as solvent (molecule 1) the two points 3 and 4 would 
coincide. To simplify the figure not all possible 
vectors are drawn.

lation between the measured quantity D(l), Dm and the 
localized quantities D(1)0, D(1> + . .. is known and is in­
dependent of the special system considered; however, 
the relation between the rc and the r0+ ° depends on the 
rapidity of the exchange of molecules between the local 
regions + and °. Details will be presented below. For 
a pure liquid (e.g., H20) it may be useful to decompose 
D and t„ to a further degree. Details will be given as 
well below.

After the introduction of the localized correlation 
times roi+ it is meaningful to define further rotational 
correlation times (see Figure 1) tcii(2’», r0i2<2'», . . . ;  
T c ii<1,2), Tci2(1 ' 2), . . . .  For instance, T ew '2 ' »  describes 
the reorientational motion of the vector connecting 
the 1 st atomic position of the (solute) molecule 2  at 
x\ ~  1  with the 2 nd atomic position of (solvent) molecule

(7) See, e.g., H . G . H ertz, Progr. Nucl. Magnetic Resonance Spectrosc., 
3, 159 (1 967 ); o r  H . G . H ertz, Ber. Bunsenges. Phys. Chem., 71 , 979 
(1967).
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1  in the next neighborhood—i.e,, the first coordination 
sphere—of molecule 2 . tC2i<1,2) regards the vector con­
necting atomic position 2  of molecule 1 (now the solute) 
with atomic position 1 of molecule 2  (now the solvent) 
in the solvation sphere of 1 at z2 ~  1. The extension 
of the other symbols is obvious (see Figure 1).

We confine our consideration to molecules and ag­
gregates which are essentially of spherical symmetry. 
The more complicated treatment of markedly non- 
spherical systems is possible, in principle; in the fol­
lowing pages it will occasionally be necessary to treat 
the cases of anisotropic motions.

B. Structural Rules. Now we are prepared to pre­
sent some rules which form a bridge between the struc­
tural properties of the liquid and the molecular mo­
tions. We first use the aggregate approach.

Rule No. 1. If the probability is essentially 1 to find a 
crystallike geometric arrangement of solvent molecules 
around a solute molecule, i.e., that there exists a rigid 
long-lived solvation cage, then

£»(»+ = D«> for X! «  1

D (2)+ = D (1) for z2 ~  1
must hold as a necessary condition.

Furthermore, if the solute molecule is incorporated 
rigidly, i.e., immovably in the solvation cage in a com­
pletely fixed position, then, besides eq 4 the equations
Tel( 0  + Tc2( «  + T cl(2) =  Tc2(2) =

Tell'2'« = Tel 2(2'»  =

Tcl(2)+ = T„2<2>+ =

.. for Xx

Tc2(1) =
Tcii(1,2) = tci2(1,2) = . . .  for X2

1

= Tcl(1) =
(4a)

must hold as a necessary condition.
Long-lived means here that the distances between the 

centers of masse of the cage molecules and that of the 
central solute molecule are constant for a time t  longer 
than the time of molecular reorientation rr ~ 5 X 10- 1 2  
sec (for H-20  at 25°); i.e., t  >  10~u sec. Rigid means 
that the well-structured configuration (all intra- and 
intermolecular distances given) exists a time r longer 
than the rotational correlation time of the aggregate, a 
typical example will be as well r > 1 0 - 1 1  to 1 0 ~ 10 sec.

In this paper we shall primarily use the first line of 
eq 4 and 4a (1 -*■ H20 ) ; measurements concerning the 
second line are still somewhat preliminary and of less 
interest here. The first line of eq 4a has previously 
been used by one of the present authors (H. G. H.) for 
the study of the ions F~ ,8 Li+ ,9 Mg2+, and Al3+. 10 
Here, of course, no intramolecular correlation time for 
the solute exists, and eq 4a only holds for the times t0(1) 
and Tc(2>1). For the ion BF4_ a full analysis is possible.8 
[We omit here the case that the hydration sphere is long- 
lived and rigid; however, the central (solute) particle 
performs independent rotational motion. No experi­
mental results are so far available to study such be­
havior. The extension of eq 4a to this case is obvious. ]

Rule No. 2. If the probability is essentially 1 to find a 
geometrical arrangement of solvent molecules around 
the solute molecule of such a kind that the distance be­
tween the center of mass if any solvent molecule in the 
coordination sphere and the center of mass of the solute 
molecule has a given constant value, then

Z><»+ = D(2) fora* ~ 1 

£>(2)+ = pm  for ^  ~ f

must hold as a necessary condition. Now, generally, 
there does not exist any of the relations eq 4a between 
the various reorientational correlation times. In this 
event we have still a long-lived solvation sphere in the 
sense as defined above, however, only regarding the 
centers of mass of the molecules. Clearly now the ag­
gregate is no longer rigid.

Rule No. 3. If the probability is essentially 1 to find a 
long-lived pair association between the solute molecule 
and one solvent molecule, then

£>(i>+ = 2) for x2 <  y 2

or
Z)<2)+ = /X« forzi <  y 2

(5)

must hold as a necessary condition. Now Z>(1)+, D<2) + 
concerns the one solvent molecule attached to the solute 
molecule. Furthermore, we must have

or
Tc(1)+ = r,<2) for z2 <  y 2

tc(2)+ = r,(1) for Xi <  y 2

(5a)

as necessary conditions if the vectors corresponding to 
the above correlation times have both the direction of 
the bond between the molecules 1 and 2. If only one of 
these vectors points in the direction of this bond, then 
the reorientational correlation time of this latter vector 
cannot be shorter than that of the other vector not 
pointing in the direction of the bond, provided both 
molecules are relatively s mall. Whereas the reason for 
the rules 1  and 2  is immediately obvious, the statement 
of rule 3 concerning the rotational motion arises from 
the nature of the decaj of the respective correlation 
function under anisotropic or intramolecular rota­
tion. 1 1 -13  Again, here tc(1)+ concerns the one solvent 
molecule attached to the solute molecule.

It is important to note that the fulfillment of eq 4, 
4a, 5 , 5a is never sufficiint to warrant the presence of 
the corresponding structural situation.
(8) H . G . H ertz, G . K eller, and H . V ersm old , Ber. Bunsenges. Phys. 
Chem., 73, 549 (1969).
(9) H . G . H ertz  and H . V ersrrold , to  be  publish ed.
(10) H . G . H ertz  and R . T utssh , to  be  published.
(11) W . T . H untress, J. Chert. Phys., 48, 3524 (1968).
(12) D . W . W oessner, D . S. Snow den, and G . H . M eyer, ibid., 50, 
719 (1969).
(13) H . V ersm old , Z. Naturfcrsch. A, 25, 367 (1970).
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Rule No. 4 . If D (i,+ or r0/ i)+ characterizes the mo­
tion of a molecule which is a member of a (rigid) long- 
lived cluster or solvation sphere, then these quantities 
cannot have any value but must lie within a certain 
range given by the size of the cluster or solvation 
sphere. Here, e.g., for the reorientational motion, the 
Debye relation should be mentioned

To
4T ra3 

3kT ’ (6)

manifested by increasing numerical values of
each structural reinforcement causes D(1), the 

self-diffusion coefficient of component 1 , to decrease 
and rc(1), the rotational correlation time of the com­
ponent 1, to increase. Note that eq 10 and 11 are 
direct consequences of eq 8 and 9. In a previous work 
one of the authors (H. G. H.1) had written a more 
primitive form

r«(« ~ ( / i (im + / i » ' 2>)

where v* = yt, y = viscosity, f  = micro viscosity fac­
tor, 14 and a = radius of the aggregate.

It is well known that this relation is only approxi­
mately valid for small molecular aggregates. For 
translational diffusion the corresponding relation is the 
Einstein formula

kT
6-7T7;af '

(7)

where f ' = microviscosity factor for translational dif­
fusion. 14 If there are aggregates of fluctuating size, 
then D may be written

kT
6  ITT] E - y S

<n
(8)

where pai is the probability that an aggregate of size 
a< occurs in the liquid. is the translational micro­
viscosity factor for the aggregate of size a,. Likewise

-  = —  v  -Vai- (9)
Tc 47T?? a?f„.

where fai is the rotational microviscosity factor for the 
aggregate with size af. Equation 9 is not the only pos­
sible relation between rc and the at; another relation 
will be given below.

Rule No. 5. The rule to be given now does not use 
the aggregate approach but is written in terms of 
maximum values of the pair distribution functions. 
Suppose that f (1 ■1) (rn, fin, xf) at certain sets of co­
ordinates (rn)u (Ou)i; (rn)2, (fin)2; . . .  assumes rela­
tive maximum values / i (1,1), / 2(1,1), • • Likewise at 
certain (r12)i, (fi«)i; (r«)*, (^12)2; . • •; f (1 ,2>(ri2, fii2, *1) 
has relative maximum values / ia,2), / 2<1,2), ■ ■ Then 
the probabilities pai occurring in eq 8 and 9 may be 
expressed in terms of the / i (1,1), . .. / i (1,2) . .., and it 
may be shown16 that the relations

1 / D (1> =  <pDl (1> ( / l(1 ' 1), / 2 a '1), ......) +

^ 2 (1 )( / l (1 ' 2), / 2 (1 ' 2), . . . )  ( 1 0 )

Tc(1) =  ^ 1 U>( /1(1-1)) /2(1-»  - . . )  +

^ 2 (» ( / l U’a), /2 a '2h - . . )  ( I D

hold.16a'b Here tpDi{l) and <̂Tl(1), i = 1, 2 , are certain 
functions which increase monotonously with increasing 
values of any of the / y 1-11, j  — 1 , 2 , . . . .  Since 
any increase in the degree of structure in the liquid is

Clearly, for component 2 one may write in the same 
way

1 /¿> < ®  =  ^ i (2 )( / i (2 ' 2), / 2 (2 ' 2), ■ • • ) +

^ 2 (2)(/l(2'1),/2(2’1), . . . )  (12)

T „<« =  ^ l < 2)( / l (2 ' 2), / 2 (2 ' 2), . . . )  +

^ 2(21(/1<2',), / 2(2'I% •..) (13)
Rule No. 6. The following rule concerns the solute- 

solute particle distribution (component 2 , 1  at Xi,2 «  
1). Let us choose component 2 as the solute here. It 
may be shown that the relation holds (see eq 3 and see 
below)

3<” ’ - l 5 4 ^ ( 1 + “S) ( 1 4 )

where d22 is the closest distance of approach between 
two protons on different solute particles, (r2) is the 
mean-square displacement of particle 2  under a trans­
lational jump, and 0 ^ a ^ 1  and depends on the partic­
ular mechanism of translational diffusion (for a model 
proposed by Torrey: a = Vx27,17)- Generally the ex­
pression added to 1 in the parentheses of eq 14 is small. 
Equation 14 has been calculated for a uniform distri­
bution in space of the particles 2  relative to the refer­
ence particle 2. Now our rule 6 reads that if 3(2-2)D(2), 
as a function of the concentration, deviates signifi­
cantly from a constant value, and in particular, if 
starting from z2 = 0 3f2|2)Z)(2) decreases with increasing 
concentration of component 2 , then the effective closest 
distance of approach d22 increases with concentration 
which, however, is equivalent to the statement that the 
solute distribution around a given solute particle is not 
uniform but that there is a crowding of solute molecules 
around the reference molecule at low concentrations.

C. Average Values of D and tc. N ow we must ex­
plain the connection between the local quantities D + 
and tc+ and the measured quantities D and rc (section

(14) A . G ierer and K . W irtz , Z. Naturforsch. A, 8 , 532 (1953).
(15) H , G . H ertz, Ber. Bunsenges. Phys. Chem., 74 , 666 (1970).
(16) (a ) B o th  co m p on en t m olecu les m ust be  essen tia lly  o f th e  sam e
size, (b ) T o  s im plify  th e  trea tm en t in eq 10 and 11 th e  sam e m a x i­
m um  values o f  th e  p a ir  d istr ibu tion  fu n ction  appear. O f course, 
th is is n o t  s trictly  correct, o ften  fo r  the  translation a l d iffu sion  o n ly  
the  d epen den ce  o f  . . .  on  th e  in term olecu la r d istances
w ill b e  im p orta n t.
(17) H . C . T orrey , Phys. Rev., 92 , 692 (1953).
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2B). Consider a solution of 2 in 1. In this work 1 
will always be H20. The molality of 2 is C2; that of 1 is 
Ci. Assume that every solute molecule (2 ) is sur­
rounded by a hydration sphere cf nh water molecules. 
The self-diffusion coefficient of the water not being a 
member of the hydration sphere is D(1)°; D(r,+ is the 
self-diffusion coefficient of the water in the hydration 
sphere. Then it may be shown18 that the relation

2) 0 ) = D<d° ( 1  -  Xi+) +  D™+x2+ (15)

with x2+ = nhC2/55.5, 0 <  x2 <  1 holds. This equation 
connects the measurable quantity D(i) (and D(r,°) 
with the “ local”  quantity D<1)+. Da)+ is to be used 
in rule 1, eq 4. The relation

D<i> =  D ( i ) ° ( i  _  £ X i )  +

=  -  E P i) +  E P e » (1)i (16)
is an obvious generalization of eq 14 for many environ­
ments; it has not yet been proved rigorously to the 
authors’ knowledge. It forms the basis for eq 8 . pt 
is the probability that the particle is in the fith environ­
ment or configuration.

Now let t0<1)+ and t0(1)O be the correlation time in 
the hydration sphere and free solvent, respectively. 
Then18

7 7 h  =  T A f A 1 -  x + )  +(l) (D + (17)

holds only for configurational change or particle ex­
change very fast compared with the respective cor­
relation times rc(1>+ and tc(1,°. Thus, if Th is the life­
time or residence time in a given configuration or 
environment rh «  rc<1)+, rc(1)0 must be fulfilled. For 
the reverse situation, rh »  rcil)+. tc<1)0 one has18

rc(1) = Tca)° ( l  -  x +) +  r ^ + x +  (18)
The generalization to many configurations or environ­
ments is obvious, its validity has been proved. 19

The generalization of eq 17

1 _ y-i Pi
r „< »  ~  ^  r e 1» 1

(17a)

forms the basis of eq 9. In the most general case the 
molecule fluctuates fast among a certain number of 
configurations, say 1  ^ i ^ k; then after a time Thi it 
enters into another environment where again fast 
fluctuation among other configurations i <  v occurs. 
After a time Th2 >  r*+i, . . .  t„, it returns to the first 
class of configurations. Now eq 18 holds where both 
Tc(1)+ and t0(1)° are mean correlation times, the mean 
values formed according to eq 17a with

Tc(1 )°

k

= Eì = 1 I*c
Pi

. (O ’ Tc<1) + = E Pi

i = & +  l (l)

However, it may happen that we do not know whether 
we have to apply

a) = (i -  x+y
(D °

+  X J'
Tc(1) + (17)

or eq 18. Then, as will be shown in the Appendix, for 
the systems of interest here the error in tc<1)+ as deter­
mined from tc(1) will be not greater than a factor ~ 2 .

D. Experimental Determination of D, tc, and 3. The 
self-diffusion coefficient D is directly measurable by 
tracer methods20 or by (nmr) spin-echo techniques.21 
All data reported in this paper are obtained by the latter 
method.

To is to be derived from nuclear magnetic relaxation 
time measurements. Here only the spin-lattice re­
laxation time Ti is of importance. rc is related to 
Ti in the following way. If the vector considered 
connects two protons and relaxation is due to mag­
netic dipole-dipole interaction6

2  ¥  (  1 \

T* “  3 (19)

Hf) +(f) ( 2 0 )

( 1 / T x ) intra is the intramolecular relaxation rate; it is due 
to the proton-proton interaction within the molecule. 
Correspondingly (1/Ti)inter is the intermolecular con­
tribution to the relaxation rate 1 /T i which is caused by 
interacting protons on different molecules; y = gyro- 
magnetic ratio, H = Planck’s constant/27r, and b = 
distance between the two protons within the molecule. 
By special methods it is generally possible to determine 
( l / T i ) i n t e r *  Thus from the measured 1/Th ( 1 / T i ) in tra 

is known which according to eq 19 yields rc. Equation 
19 holds for a molecule with two protons like H20. If 
there are more protons in the molecules, an appropriate 
averaging over all proton-proton vectors has to be 
made.22

Many nuclei have an electric quadrupole moment Q. 
In this case 1/Ti = (l/TYhntraand6

4 0 / 2( 2 /  -  l ) /  n  y / 1  \

3(2/ +  3) \eQq) \tJ
( 2 1 )

Now the vector the rotational motion of which is con­
sidered is the vector having the direction of the max­
imum electrical field gradient at the nucleus q, e = ele­
mentary charge, I  = nuclear spin.

Finally we have6'7

1
3 = l —

6 h W A -A ( 2 2 )

(18) S econd  paper o f ref 7.
(19) J . R . Z im m erm an and W . E . B rittin , J. Phys. Chem., 61 , 1328 
(1957).
(20) See, e.g., P . A . Joh nson  and A . L . B a b b , Chem. Rev., 56 , 386 
(1956).
(21) H . Y . C arr and E . M . P crce ll, Phys. Rev., 94 , 630 (1954).
(22) E . v . G old am m er and M . D . Zeidler, Ber. Bunsenges. Phys. 
Chem., 73 , 4 (1969).
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where Nx is the number of spins per cubic centimeter in 
the liquid. Equation 22 is valid for magnetic dipole- 
dipole interaction. (1 /T i ) inter may generally be deter­
mined experimentally (see below).

3. Experimental Section* 23
All proton and deuteron relaxation times have been 

measured by the pulse method; the 90°-90° pulse se­
quence has been applied. The spin-echo equipment 
used has been described previously, 22 and literature 
cited therein. The resonance frequency was 20 MHz 
for the protons and 14 MHz for the deuterons. The 
samples were degassed with the usual freezing- 
pumping-thawing procedure at the vacuum line. The 
self-diffusion coefficients were measured by the 90°- 
180° pulse technique in the usual way.21'22 In all cases 
only the echo decay of the protons has been utilized for 
the self-diffusion measurements. For the proton and 
deuteron measurements the temperature was stabilized 
within ± 1 ° by pumping of water or methanol from a 
Hopler thermostat through the copper probe head.

The proton relaxation times were checked by com­
parison with our standard value of water at 25°, Tj =
3.60 sec; for the deuteron relaxation the standard com­
parison value was T, = 0.44 sec at 25°.7’22 Our ref­
erence value for the self-diffusion coefficient was 2.50 X 
10~ 6 cm2/sec for water at 25°.24

The relaxation time measurements for 14N and 170  
were line-width measurements. The apparatus used 
was the Varian DP 60 spectrometer with the variable 
frequency unit V-4210 A. The frequency for the 14N 
relaxation was 4.34 MHz, that for the 170  measure­
ments 8.13 MHz. Temperature variation and stabili­
zation for these nuclei was done by the Varian gas-flow 
device (V-4557-9). The line-width measurements were 
partly performed by the differential scanning method, 
partly by the side-band method, 28 depending on the line 
width in the particular case. The line width of 14N was 
sufficiently large so that we felt justified to neglect field 
inhomogeneity broadening. Our 14N data are in satis­
factory agreement with results of other authors (see 
Table I). For the 170  line width we reproduced the re­
sult AH = 82 ±  2.5 mG for (nonneutral) water at 25° 
as reported previously.26 All activation energies re­
ported have been derived from measurements at 5, 15, 
25, and 35°. Satisfactory straight lines appeared in the 
plot log \/Ti vs. l/T; the activation energies are cor­
rect to ±20%. The accuracy for the T\ measurements 
was ±5% . The self-diffusion measurements caused 
the greatest trouble; unfortunately we had to be con­
tent when our measurements were reproducible within 
±  1 0 %, the scatter being found sometimes greater than 
this. The experimental error of the line-width mea­
surements is between 5 and 10%. All materials used 
were of commercial origin and were used without fur­
ther purification. The 170  relaxation measurements 
were performed with 7% l70-enriched methanol and

Table I :  Som e N u clear M a gn etic  R elaxation  R ates  
fo r  O rganic M olecu les  in the P u re L iqu id  a t 25°

C om p ou n d Nucleus
1/7*1,
sec-1

(l/T lJ in tra ,
sec“ 1

eQ q/h,
M H z

A ceton itrile ) 
C H sC N  J

■ 14N 246“ 246 3 .7 4 6

C H 3C N *H 6 .2  X  1 0 - 2 4 .4  X  IO “ 2
C D ,C N 2H 0 .1 5 0 .1 5 '
P yrid in e) 
C 6H 6N  j 14N 675* 675 4 .6 e

M eth a n o l) 
C H aO H  J

” 0 440 440

E th a n o l)  
C2H5OH J

n o 780 780

CH3CD2OH 2H 0 .8 6 0 .8 6
CD3CH2OH 2H 1 .0 6 1 .0 6
A ceton e  )  
(CH ahCOJ

170 163 163 1 2 .4 7

“ W oessner, Snow den, and S trom : 228 ±  5 s e c - 1.36 6 P . A .
Casabella and P . J. B ray, J .  Chem. P h ys., 29, 1105 (1958). 
c W oessner, Snow den, and S trom : 0.15 s e c -1 .36 d K in tzin ger
and L eh n : 671 se c -1  (J. P . K intzinger and J. M . L ehn, M o l. 
P h ys., 14, 133 (1968)). e E . A . C . Lucken , T ra n s. F a ra d a y  
Soc., 57, 729 (1961). f Q C C  fo r  H 2C O  (E . A . C . L u cken , 
“ N u clear Q uadrupole C oupling C on stants,”  A ca d em ic Press, 
N ew  Y ork , N . Y ., 1969).

ethanol supplied by Miles-Yeda Ltd., Rehovoth, 
Israel; the oxygen of acetone exchanges slowly with 
that of water in nonneutral aqueous solution (n/, « 1 5  
hr in acidic solution27).

4. Experimental Results and Their Evaluation
A. The Pure Liquids. (i) Water. On the following 

pages we shall present a number of new experimental 
results. From these together with some older experi­
mental data we shall draw the relevant conclusions re­
garding the structure of the mixtures. In this procedure 
the first step will be the discussion of the structural in­
formation which can be obtained from molecular reorien- 
tational motion in pure water. Thereafter a brief descrip­
tion of the pure organic components used here will follow.

Suppose water is a mixture of clusters, the clusters 
containing nt molecules i = 0, 1, 2, 3 . . . ;  i = 0 cor­
responds to the monomeric water molecule. The re- 
orientational correlation time r0(1) is known for an ap­
preciable temperature range, e.g., at 25° t0(1) = 2.5 X 
10“ 12 sec.7,22 Let the correlation time of the fth cluster 
be rci(1). Then we have

(23) W e  w ish  t o  th an k  M rs . I . S iepe fo r  her assistance w ith  som e 
m easurem ents.

(24) N . J . Trappeniers, C . J . G erritsm a, and P . H . O osting, Phys. 
Lett., 18, 256 (1965).
(25) See, e.g., O . H a w orth  and R . E . R ichards, Progr. Nucl. Mag­
netic Resonance Spectrosc., 1, 1 (1966).
(26) F . F ister and H .  G . H ertz, Ber. Bunsenges. Phys. Chem., 71 , 
1032 (1967).
(27) M . C oh n  and H . C . U rey, J. Amer. Chem. Soc., 60, 679 (1938) #
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^  for r , «  7"ci(1) (23)

or

Tc(1) = Y, p 4Tc i (1) for Th »  rci(1) (24)

where xh is a representative lifetime in a given cluster 
configuration. We know that for the long-lived octa­
hedral hydration sphere of Mn!+ To «  3 X 10- 1 1  
sec.7'28“ 30 Replacing the central Mn2+ ion by a water 
molecule, we have a cluster of seven molecules. 
Rounding off the number 7 so as to have 10 in order to 
take account of the partially bound (short-lived) 
second hydration sphere we expect tcio(1) ~ 3 X 10~u 
sec. tco(1) is as well known from Hindman and co­
workers31 measurements of dilute solutions of H20  in 
inert organic solvents: rco(1> ~ 5 X 10~ 13 sec. In­
serting these numbers into eq 24 with p, = 0 for i X 0, 
10 , we find pio = 0.068 which is certainly too small. 
Thus we conclude if there are larger clusters with i ^ 10 
in water, the lifetime of these clusters must be very 
much smaller than an average rci(1), that is, rt ~ 1 0 ~ 12 
to 10_u sec. Putting l /r ci(1) = 0 for all clusters pres­
ent, we obtain from eq 23 p„ ~ 020 which is a reason­
able figure. If this situation really occurs, then the 
“ free” reorientation is the only contribution to the total 
molecular reorientation in water. One of the authors 
(H. G. H.) has derived the following formula for x0(1) 7

J _  =  1 -  C2

XcU) Tcc(1) Th

where C2 is a constant 0 ^ C2 <1 1. Tcca) is the average 
correlation time for all clusters. In the situation just 
indicated one has to put C2 -*■ 0 (see ref 7); then, with 
Xcc(1) »  xh (xh = average residence time in a cluster)

Tc(1) = Th (25)

As shown elsewhere7 the interesting consequence of eq 
25 is the additional validity of xc(1) = xr(1), where rT(l) 
is the reorientation time. For an ordinary slow dif­
fusion process we would have xr(1) = 3xca). Thus, 
knowledge of T r a > / x c (1) would give us the desired in­
formation regarding cluster distribution. The dielec­
tric relaxation time xd is experimentally well known:
8.2 X 10-1 2  sec at 25°.32 However, the macroscopic 
dielectric relaxation time xd is connected with the 
microscopic dielectric relaxation time or reorientation 
timett(1> by afactor8: xd = 8 X xrci). 8 is not known,
exactly; 1 < 5 <  2.33'34 With 8 = 2 we get xr(1) = 
4 X 10-1 2  sec, thus xr(1) X xc(1) and the pure free state 
rotation or rotational jump model seems not to be 
correct.

(ii) Pure Organic Liquids. As will be seen below 
the motion of the polar group of the organic molecules 
is of great interest for our structural investigation in the 
aqueous mixtures. Therefore, as a starting point, we 
studied the reorientational motion of the polar group in

the pure organic liquids. We utilized the 14N relaxa­
tion in acetonitrile and pyridine and the 170  relaxation 
in acetone, methanol, and ethanol. Our relaxation 
rates 1/Ti are collected in Table I. For comparison, 
some data obtained by other authors are also given in 
this table. The quadrupole coupling constant eQq/h 
may also be found in Table I for those molecules where 
experimental data are available in the literature. For 
acetone only the 170  coupling constant of formaldehyde 
in the gaseous state has been measured; 34 we used this 
coupling constant for acetone. It will be seen shortly 
that this approximation is essentially correct. For 
some of the organic liquics we measured the proton and 
deuteron relaxation rates, too; the results are included 
in Table I.

Then, with the data cf Table I and with eq 21 we 
calculated the correlation time of the heteronucleus in 
the polar group. The results are given in Table II. 
Furthermore, for methanol and ethanol the correla­
tion time of the hydroxyl group as determined from the 
deuteron relaxation maj be found in Table II. For 
comparison we added in Table II the correlation times 
of the hydrocarbon part of the molecules which are of 
interest in this paper. All these latter data are taken 
from ref 2 2 .

The correlation time xc(H-H) which is derived from 
the proton relaxation ra:e represents an average over 
the motion of all proton-proton vectors in the mole­
cule.22 Xc(D-C) is derived from the deuteron relaxa­
tion rate and is the average of all direct CD bond vec­
tors in the molecule. Tae OD results regard the OD 
bond vector.

In Table II for the quadrupole coupling constant of 
the hydrocarbon deuteron a constant mean value of 
170 kHz has been assumed. 36 The individual cou­
pling constants may deviate from this value by ±  1 0 %, 
thus Xc(D-C) may be longer or shorter by ±20%. The 
same is true for the OD coupling constant, here the cou­
pling constant of OD in DOD has been used.22 The 
activation energies for the reorientational motion of the 
molecules or respective parts of the molecules may also 
be found in Table II. In all cases the quadrupole cou­
pling constant was assumed to be independent of the 
temperature which may be only approximately true.

(28) N . B loem b ergen  and L . O . M orga n , J. Chem. Phys., 34 , 842 
(1961).
(29) H . Pfeifer, Z. Naturforsch. A, 17, 279 (1962).
(30) R . H ausser and F . N oack , Z. Phys., 182, 93 (1964).
(31) J . C . H indm an , A . Svirndekas, and M . W o o d , J. Phys. Chem.., 
72 , 4188 (1968).
(32) See, e.g., R . P otte l and O Lossen, Ber. Bunsenges. Phys. Chem., 
71, 135 (1967).
(33) R . H . C ole, “ M agn etic  and D ie lectr ic  R eson ance and R elaxa­
tio n ,”  J. Sm idt, E d ., N o rth -H o lla n d  P u b lish in g  C om p a n y , A m ster­
dam , 1963, p 96.
(34) E . F atu zzo  and P . R . M ason , Proc. Phys. Soc., 90 , 729, 741 
(1967).
(35) T .  T . B op p , J. Chem. Phys., 47 , 3621 (1967).
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Table I I :  Reorientational Correlation Times and Activation Energies for Some Pure Organic Liquids (25°)

Es.
eQq/h Es. (hydrocarbon

r0(« N ) , r „ ( » 0 ) ,  t.(D O ), ro(H -H ), ro(D -C ), for 2H, (polar group),' part),'
Compound psec“  psec psec psec psec kHz6 kcal/m ol kcal/m ol

c h 3c n 1.2 0 .4« 1.85 (14N )
CDsCN 0.35 170 1.3*
C5H 5N 2 .1 1.65
C5D 5N 2 .2 170 2.4
C H 3OH 2 .2  («0 )
CH 3OD 3.7 0.9 248 2.75 (2H )
CD 3OH 0.45 170 1.7
C2H 5OH 2.3 (170 )
C2H 5OD 8 .0 2 .2 248 4.4  (2H )
c 2d 5o h 2.5 170 3.4
c d 3c h 2o h 2 .6 170 3.0
c h 2c d 2o h 2.1 170 3.7
(CH3)3COD 47.7 8 .0 248
(CD3)3COH 13.5 170
(CH3)2CO 1.1 0 .6
(CD3)2CO 0.5 170 1.6
C4H sO (T H F ) 0 .6
C4D sO (TD P ) 0 .8 170 2.5

psec =  10_12 sec. b Assumed average standard values; 2H  =  D. '  Definition of r0 =  r ° e Ba/fir. d ARer correction for spin
rotation interaction.36 * Woessner, Snowden, and Strom: E» =  1.37 kcal/mol.36

We shall now briefly discuss the data collected in 
Table II and before doing so we state once more—as a 
standard of comparison—that the rotational correla­
tion time of water at 25° is 2.5 X 10~ 12 sec.

Acetonitrile. The molecule performs anisotropic ro­
tational motion, the rotation about the symmetry axis 
of the molecule being very fast. This is seen from the 
fact that T c( H - H ) ,  t c( D - C )  < tc(14N). Woessner and 
coworkers36 report that the ratio of the rotational 
diffusion coefficient about the symmetry axis, Dh is 
ca. ten times as great as Dit the rotational diffusion co­
efficient about the axis perpendicular to the former 
axis.

Pyridine. Our hydrogen and nitrogen reorientation 
times are rather alike. Thus anisotropic tumbling is 
not discernible from our measurements although aniso­
tropic motion has been observed for pyridine in a more 
detailed investigation selecting particular CD vectors 
in the ring.37

Methanol. The correlation time of both the vectors 
H-H (methyl) and CD (methyl) is much shorter than 
that of the vector OD. The relatively long correlation 
time t c ( D O )  = 3.7 X 10~ 12 sec (longer than t0 for 
H20) has been confirmed independently as will be de­
scribed elsewhere.38 The difference between these cor­
relation times is due to the internal rotation of the 
methyl group.22 38

The 170-quadrupole coupling constant in methanol is 
not known. Use of eQq/h ~  8 MHz which is the cou­
pling constant in H2170  gives tc(170) ~  8 X 10~ 12 sec 
which, as compared with the rc(DO) values, is too 
long. We were unable to see any spin-spin coupling

effects of the 170  resonance; the line shape was Lo- 
rentzian. The activation energy of the 170  relaxation 
is smaller than the one for tc(DO) (see Table II). 
Tentatively, we interpret the low activation energy of 
170  as caused by the anisotropic motion of the 
atomic array C-O-H due to hydrogen bonding and by 
the modulation of the quadrupole coupling constant due 
to the internal rotation of the CH3 group.

Ethanol. Again the correlation time of the alkyl 
part of the molecule is faster than the OH group. The 
slow motion of the latter group has been confirmed in­
dependently.38 Thus here internal motion in the mole­
cule is present, too. The quadrupole coupling constant 
of 170  is again not known (eQq/h = 8 MHz would give 
rc(170) = 14 X 10- 1 2  sec which is too long), and as for 
methanol the activation energy of the 170  relaxation is 
remarkably low as compared with E& of the OD group 
as found from the deuteron relaxation (Table II). Ob­
viously here as well the l70  relaxation reflects some in­
ternal motion of the nonhydroxylic part of the molecule. 
Details are unknown as yet.

tert-Butyl Alcohol. Internal rotation about the 
O-C axis and rotation of the methyl group about the 
C-C axis causes the difference between the OD and 
methyl reorientation rate.

Acetone. The result r0(OC) as derived from the 170  
relaxation with the quadrupole coupling constant of

(36) D . E . W oessner, B . S . Snow den, Jr., and E . T .  S trom , Mol. 
Phys., 14, 265 (1968).

(37) J . P . K in tz in ger  and J. M . Lehn , p riva te  com m u n ica tion .
(38) M . G rüner and H . G . H ertz, to  b e  pu b lish ed .
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formaldehyde is confirmed by the dielectric relaxation 
time at 25° (interpolated): t<j = 2.9 X 10- 1 2  sec39 
(note tc ~ V3Tr for microstep rotational diffusion). 
Since rc for the methyl group is much shorter we find in­
ternal rotation, according to Woessner’s formula40 de­
scribing the effect of internal rotation on the correlation 
time, the time constant for the rotation of the methyl 
groups about the C-C axis is rt = 0.8 X 10~ 12 sec.

Tetrahydrofuran (THF). The heteronucleus has 
not been measured as yet. Most likely the molecule 
performs isotropic reorientational motion, slight an­
isotropy being possible.

B. The Aqueous Mixtures. (i) Structural Informa­
tion from Rule 1 , First Part. Figure 2 shows the self- 
diffusion coefficients of H20  in its mixtures with acetone 
and ethanol as a function of the concentration (moles 
of solute/'55.5 mol of water, aquamolality) over a 
limited composition range at 25°. The self-diffusion 
coefficients of the solute molecules in D20  are also 
shown in Figure 2 . All diffusion coefficients are given 
as relative quantities, relative to the self-diffusion co­
efficient of pure ordinary water = 2.5 X 10-5  cm2/  
sec.24

Since the D’s of the solute particles have been mea­
sured in D20  for the comparison with the H20 diffusion 
coefficients, the experimental values have to be cor­
rected in order to take account of the greater mobility 
in H20  as compared with D20. Thus the data given in 
Figure 2 for the solute molecules in the range x2 -*■ 0 are 
multiplied by a factor 1.23 which corresponds to the 
mobility (and inverse viscosity) ratio in H20  and D20. 
These corrected diffusion coefficients in the low C2 
range are given as dashed curves in Figure 2. The cor­
rection which is necessary for the H20  diffusion in the 
ethanol-water mixture because of the exchange of the 
OH proton has been neglected. Furthermore, one 
finds vertical dashed lines at C2 = C2* = 2.4 and 2.8 m 
for acetone and ethanol, respectively, C2* = 55.5/nh. 
The hydration numbers nh (23 and 20) have been esti­
mated from molar volume considerations. Then, 
0 <  C2 < C2* is the concentration range in which it is 
meaningful to divide the total solvent water in hydra­
tion water and free water where D(1> + and Z>(1)0 (see 
Figure 1 ) are the respective diffusion coefficients. For 
0 <  C2 <  Ci* eq 15 holds, whereas for C2 >  C2* we di­
rectly observe the water of the hydration spheres: 
F)d) = _D(1)+, now the word hydration number is no 
longer meaningful. We call the whole amount of 
water for C2 > C2* “ hydration water.” Note that in 
general D<v,+ and D(1]° are as well functions of the con­
centration for 0 <  C2 <  C*.

Now consider rule 1, first part (section 2B). One 
sees immediately that Z)(1)+ = Z)(2) (eq 4, D(2) = self­
diffusion coefficient of acetone or ethanol) cannot hold 
for the whole concentration range 0 <  C2 ^ C2*, since at 
C2 = C2*, D (1) = D<» + X F>(2>. In Table III D™/D™ 
at C2 = C2* is given. We conclude that long-lived

Figure 2 . Self-diffusion coefficient of acetone (C H j)jCO (□) 
and ethanol C2H 5OD (O) in D 20  as a function of the 
concentration at 25°. ■ anc •  give the self-diffusion
coefficient of H 20  in the presmce of acetone (CDdiCO and 
ethanol (C2D 5OH), respectively. All quantities are given 
relative to D h2o =  2.5 X  10“ 6 cm2/sec. The 
concentration scale is moles of solute/55.5 mol 
of water. For further details see text.

hydration cages do not exist for acetone and ethanol 
for the whole concentration range 0 <  C2 ^ C2*. How­
ever, D(l)+ = D (2) may be valid for a certain concen­
tration range around C- = 0. Then the two dotted 
lines 1  give a possible behavior of D (1)+ with D(1) + = 
D(v atC2—»- 0 andZ)(1> + = D™a.tC, = C2*. Buteq 15 
holds over the total concentration range 0 <  C2 C C2*; 
thus, from eq 15 we have

£ * ( 1) _  £ )(!>  +

£><‘ >0 = ---------- ------------- (26)
_  nhC i

55.5

The dotted curves 1 for D(r> + of Figure 2 inserted into 
eq 26 give the dotted lines 2 for D(1)°. We see that 
Z) (1)0 >  Z>(1)(0 ) in a certain concentration range where 
D(1)(0) is the self-diffusion coefficient of pure water. 
We do not consider D(X 0 > Z)(1)(0) to be a physically 
realistic situation for these solutions. Without struc-

(39) M . I . Shakparon ov and Y a . Y u . A k h a d ov , J. Struct. Chem. 
(USSR), 6 , 15 (1965).
(40) D . E . W oessner, J. Chen. Phys., 36 , 1 (1962).
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Table I I I :  Hydration Numbers nh (Estimated from Molar Volume Considerations), Ratio D a ) / D (2) 
at C2* =  55.5/rih, and Hydration Numbers for Possible Long-Lived Hydration Spheres

Solute nh C i* , m

( D ^ \

\ D W  )  C ,_C S* nhl(0) nhl(0,l)

Acetone 23 2.4 1.3 16.5
Ethanol 20 2 .8 1.5 19 18
Methanol 17 3.3
ferf-Butyl alcohol 25 2.2 2 .4 19

25°«
ferf-Butyl alcohol 25 2.2 2 .8 23 22

0°
Acetonitrile 19 2.9 « 1 19.5 18.5
Pyridine6 24 2.3 1.9 12
T H F 6 24 2.3 1.75 11
Dioxane' 24 2.3 1.75 12

° From ref 22 and D (1)/Z)(1)(0) =  0.82, 0.65, 0.53, 0.46, 0.42 for C 2 =  1, 2, 3, 4, 5 mol/kg of water, respectively. 6 From ref 22 
'  From C. J. Clemett, J . C hem . S oc. A , -458 (1969).

ture-breaking effects the self-diffusion coefficient in 
these solutions cannot increase somewhere while the 
average Z)(1) decreases. There is no experimental evi­
dence whatsoever as yet for such a possibility (see 
also ref 41). At best we can have Dw ° ^ £>(1)(0) or 
d /icl)°/dC''2 ^ 0 at small C2; that is, if we introduce 
D(i> + = D% for small C'2) we deduce from eq 26

d Z)<»° /  dD(1>\ nh
*  dC2 \ dC2 Jc^o +  55.5 X

{ (D » )M  -  ( B - ) «  -  ^ )  f t }  (27)

as the condition that H(1)+ = Z)<2) as C2 —► 0. Still 
modifying the argument somewhat we can calculate 
um from eq 27 with (dZ>(1)0/d(72)c,—o =  0

and formulate rule 1 , first part, in the following way. 
If for a given small C2, nhi as calculated from eq 28 is 
sufficiently large so that a complete hydration sphere 
surrounding the solute particle can be formed from nh i 
water molecules, then a long-lived rigid hydration cage 
may exist up to this small concentration. The corre­
sponding results are given in Table III where the number 
in parentheses in the headings of columns 5, 6, and 7 
indicates the concentration C2 (in) used in eq 28. 
Figure 3 shows the corresponding data as in Figure 2 
for the system /erf-butyl alcohol-water at 0°. This 
system is of particular interest since it has been claimed 
by Glew and coworkers42 that ieri-butyl alcohol is sur­
rounded by a clathrate cage in liquid aqueous solution 
(at 0°). Our results for ierf-butyl alcohol-water are 
also presented in Table III. Furthermore results for 
some other aqueous systems are included in Table III.

Figure 3. The self-diffusion coefficient of H 20  ( • )  in the 
presence of ferf-butyl alcohol (CD3)3COH and the self-diffusion 
coefficient of (CHshCOH (O) in D 20  as a function of the 
concentration at 0“. The data are given relative to D b io  =
1.1 X  10-6 cm2/sec. The concentration scale is moles of 
solute/55.5 mol of water. For further details see text.

In all cases the hydration numbers nh are estimated 
from molar volume considerations. We see from 
Table III that, except for acetonitrile, in no case a long-

(41) H . G . H ertz, B . L indm an, and V . S iepe, Ber. Bunsenges. Phys. 
Chem., 73 , 542 (1969).

(42) 1). N . G lew , H . D . M ak , and N . S . R ath , “ H y d ro g e n -B o n d e d  
S o lven t S ystem s,”  A . K . C ov in g ton  and P . Jones, E d ., T a y lo r  & 
F ra n cis  L td ., L on d on , 1968, p  195.
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Table IV : Rotational Correlation Times in Aqueous Solution in the Lim it of Infinite Dilution of the Organic Component (25°)

T„»>~ 1012r0< »+, 1 r0i! )(h ydrocarbon ) ) q2̂ .q 10>2{T„«> (hydro- 1 r0(*)(polar) j Ci!_ 0 l o n {  r0<2>(polar) ) n„_
C om pou n d nh TOl»(0) sec j T0i! >(hydrocarbon) | pure 2 carbon ) ( c 2-o .  sec { rct2)(polar) } pure 2 sec

CHaCN 19 1.1 2 .7 1.05 0.37“ 1.6 1.9
C5H 5N 24 1.3 3.2 2.8 5 . 6 s 3.0 6.4

CH3OH 17 1.35 3 .4 1.15
/ 1.0 proton 
[0 .5  deuteron (1.15) (4.2)

C2H 5OH 20 1 . 5 3 .8 0.68 1.5° (0.68) (5.5)
(CH3)3COH 2 5 1.65 4 .3 0.53 4 .3C (0.53) (25)
(CH2)2CO 23 1.3 3 .2 1 . 3 0 .8C 2.2 2.4
T H F 24 1.4 3.5 2.4 1.5"

0 Derived from to(D -C ) of Table I I .  6 Derived from r„(2) (hydrocarbon) =  2 X 10_I2 sec as rounded off average value of t„(H-
and tc(D -C ) of Table I I . c Derived from t0(H -H ) of Table I I .

lived hydration cage can exist at C\ ~  C'2* since D(1)/  
D (2) 9̂  1 , that however, due to the limited experi­
mental accuracy (uncertainty of ± 2 0 %  for rihi) for 
ethanol and (erf-butyl alcohol at 0 ° a long-lived hy­
dration cage cannot be excluded at C'2 1/ 10 in. For
acetonitrile the “ positive” result is due to the fact that 
D(1> ~ D (r> for 0 < C2 <  C'2* as may be seen from 
Figure 11, where, however, D(2) is not yet corrected for 
the higher mobility in H20. Clearly, as already men­
tioned above, rule 1 is never a sufficient condition and 
thus at this stage really a positive statement concerning 
a hydration cage for CH3CN cannot be made. Fur­
ther information will follow below.

(ii) Structural Information from Rule 1, Second Part. 
We saw in the previous section that from the point of 
view of rule 1 , first part, for certain solutes a long-lived 
hydration cage cannot be strictly excluded at low con­
centrations. We ask now whether correlated rota­
tional motion is possible as well at low concentration; 
that is, we turn to the second part of rule 1 .

To examine whether the condition eq 4a is fulfilled we 
have collected some values for tc(1)+, the correlation 
time of the water molecule in the hydration sphere, in 
Table IV (25°). The necessary experimental data are 
partly taken from the literature.22 New results for 
Tc a> at 25° as a function of the composition may be 
found in Figures 4, 6, and 7 (see also ref 43). Fur­
thermore, for H20-ter(-butyl alcohol at 25° we mea­
sured B' =  {^ ( l /T O /d C ^ c - o  = 0.30 m- 1 for the 
water protons. The relation between B' and rc(1)+/  
rc(1,(0) is eq A5 in the Appendix. tc(1)(0) is the rota­
tional correlation time in pure water. The determina­
tion of 7C(1) +/ tc(1)(0) is based on the slow exchange 
formula, eq 18. The ratio to(1>+/Vc(u(0) is so close to 
unity that the error cannot be great if the exchange is 
not sufficiently slow (see Appendix).

Furthermore, one finds the relative reorientation 
times of the solute molecule in the limit C'2 0 in
Table IV. The data are understood as relative to the 
corresponding reorientation times in the pure organic 
liquids. They are given for the hydrocarbon and the 
polar part of the organic molecule. The respective

Figure 4. Correlation time t<2)(CD3) (A), tc(2,(14N ) ( • ) ,  
and (O) 7*<V> (D 2O) as a function of the mole fraction x2 =  
x (CH3CN) in the mixture water-acetonitrile at 2 5 ° .  The 
dashed curves give the corresponding data re(4)(C D j) (A), 
r0<2>(»N) (□), T .dXDjO ) ( + )  at 5°. The dashed vertical 
line corresponds to C P  =  5 5 .5 /n h J  for further details see text.

value at x2 = 1 (x2 = mole fraction of the organic com­
ponent) is the time given in Table I I ; the limiting ab-

(43) H . G . H ertz  and M . D . Zeidler, Ber. Bunsenges. Phys. Chem., 
68, 821 (1964).
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Figure 5. Correlation time t„(2)(14N ) (O), tc(!)(CD), and 
t„(1)(H 20 )  (curve with maximum at x2 =  0.5) as a function of 
the composition for the mixture water-pyridine at 25°; x2 =  
x (C5H 5N ). Vertical dashed line corresponds to C%* =  55.5/rn,-

solute correlation times for x 2 -*■ 0  are also introduced in 
Table IV. The necessary data are partly taken from 
the literature. 22 The new experimental results to­
gether with those of ref 22 are presented in Figures 4, 
5, 6, 7, and 8 . The results of ref 22 are drawn only as 
solid lines in these figures—if not indicated otherwise— 
whereas the new experimental results are marked by 
symbols showing the individual experimental points 
(and for 25° are connected by other solid curves). 
The numbers on the right-hand ordinates give the cor­
responding relaxation rates (in sec-1) for the pure or­
ganic liquids; they are identical with the rates quoted in 
Table I. In all cases the quadrupole coupling constant 
is assumed to be concentration (and temperature) in­
dependent. Thus, since there is always strict propor­
tionality between (1/Ti)intra, and rc (see eq 19 and 21), 
from Figures 4-8 the concentration dependence of the 
relaxation rates may as well be read off.

Actually, the concentration dependence of the re- 
orientational motion of the alcoholic hydroxyl group is 
not known for two reasons. (1) The hydroxyl hy­
drogen exchanges with that of water. (2 ) The hy­
droxyl 170  relaxation cannot reflect the motion of the

Figure 6. Correlation time tc(2,(C H 3) (lowest curve), 
t0(2,(17O) (O), and r0(H 2O -HO R) ( + )  as a function of the 
composition for the mixture water-methanol at 25 0. The absolute 
value of tc(2)(170 )  has been arbitrarily chosen; x i  =  x(C H 3OH). 
Vertical dashed line corresponds to C2* =  55 .5/nh ; for further 
details see text.

OH vector since the activation energy in the pure 
alcohol is too small. Thus, the only thing we can do for 
the alcohols is to assume that the OH reorientation 
time is longer than the alkyl reorientation time by a 
factor which is independent of the concentration. In 
Figures 6 and 7 the solid lines marked with OH are ob­
tained in this way. As a consequence, the entries in 
columns 7 and 8 of Table IV for the alcohols are put in 
parentheses. The end points at x2 = 1 for the 170  re­
orientation in Figures 6 and 7 are arbitrarily chosen. 
The quadrupole coupling constant is not known, and 
the form of the motion is not clear. Since the activa­
tion energy for 170  is smaller than that for 2H in the OD 
group, the end points cannot be the same as those of the 
2H reorientation. Likewise the precise vertical posi­
tion of the two curves for C-D3CH2OH and CH3CD2OH 
in Figure 7 is not known; contrary to the curves shown 
one would expect that CD3 moves faster than CD2. 
The order given in Figure 7 is caused by the constant 
assumed standard value of the quadrupole coupling 
constant.

Now we examine the validity of rule 1, second part, 
and consider first the molecules which have no ring 
structure. We find the following results. For tert- 
butyl alcohol rc<1)+ = t0 (2)(CH3) cannot be excluded; 
however, in spite of our poor knowledge of rc(2)(OH) we 
may safely state tc(1) + ^  t„(2 )(OH). For all other 
molecules of this class the correlation times of the alkyl 
group and of the polar group which are different at 
x2 = 1  never converge to the same value as x2 -*■ 0 ; in 
some cases they even diverge. Also, the hydrocarbon
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rc-1012 sec

Figure 7. Correlation time T0<a)(-C H 2- )  (■), t„<2)(C2H 5)
(lowest solid curve), tc(2)(CH3~) (■), rc(2)(I70 )  (A), and 
t„<»(H20 -H 0 R )  ( + )  as a function of the composition for the 
mixture water-ethanol at 25°. Absolute values of t0(2)(-C H 2- )  
and tc(2)(CH3- )  are only approximately correct; absolute value 
of rc(I70 )  is arbitrarily chosen; x2 =  ®(C2HiOH). Vertical 
dashed line corresponds to C i*  =  55.5 An,;
(or further details see text.

correlation times are always shorter than the hydration 
water- correlation time r0(1)+ (and even shorter than 
Tc(1)(0)). Thus, the nonfulfillment of rule 1, second 
part (eq 4a), tells us that an overall rigid long-lived com­
plex solute molecule +  hydration sphere does not exist 
for any of the systems of this class.

For THF no information of the 170  relaxation is 
available; the hydrocarbon vectors move faster than the 
hydration water (and even faster than pure water). 
For pyridine there is a slight divergence of the hydro­
carbon and 14N relaxation (Figure 5); however r0(1)+ ^  
tc(2). Consequently, according to rule 1 , second part, 
for the ring molecules as well a long-lived overall rigid 
complex solute +  hydration cage must be excluded.

(in) Application of Rule No. 2. Since we saw in 
the previous section that the solute-hydration aggre­
gates do not possess overall rigidity, the situation de­
scribed under rule no. 2  may be appropriate for the two 
alcohols ethanol and teri-butyl alcohol. We arrived at 
this result as a consequence of our limited experimental

Figure 8. Correlation time r0(2)(CH3) (lowest solid line), 
t0(2) ( i70 )  (O), and r0(1)(H 2O] (upper solid line) as a function 
of the composition for the mixture water-acetone at 25°. 
Further t „<2> (C H 3) ( A )  and t ,<»(H20 )  ( +  ) at 5°; z2 =  
z ( ( C H 3)2C O ). Vertical dashed line corresponds 
to C i*  =  55.5/nh.

accuracy, that is, the number nhi (eq 28) might be 
«20%  larger than given in Table III. We recall, 
however, that the fulfillment of eq 4 is not a sufficient 
condition for the existence of long-lived aggregates, and 
we shall indeed find below that as judged from other 
rules the existence of long-lived hydration spheres is 
extremely unlikely for all solutes studied here.

(iv) Structural Information from Rule No. S. At 
the beginning we must make one assumption. For the 
one or two water molecules per solute molecule which 
interact with the polar group of the solute molecule 
tc(1) + ^ rc(1)(0) certainly holds. This means that we 
exclude the very unrealistic possibility that the re­
orientation time of the H20  molecule attached to the 
polar group of the solute molecule is shorter than that 
of ordinary water. Since according to rule no. 3 (second 
part) for a long-lived pair of two molecules the correla­
tion time of the vector pointing in the direction of the 
bond must be longer tnan (or equal to) that of any 
other vector of the mo.ecular pair, we conclude from 
Table IV that for pyridine, ethanol, and methanol 
long-lived solvent-solute pair association via the polar 
group may occur with a probability close to 1. How­
ever, for acetonitrile, acetone, and tetrahydrofuran 
such pair association occurs with lower probability.
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For THF no information concerning the 0 / part of 
the molecule is available. We assumed that r0(2) for 
xO/  is essentially equal to the r0(2) of the hydrocarbon 
vectors, since no internal rotation does occur; however, 
the xO/  correlation time may be slightly longer than 
1.5 X 10- 1 2  sec. For (CH3)3COH polar group-H20  pair 
association is possible. It should be mentioned that 
according to Table IV for methanol and ethanol the 
ratio of the alkyl (and polar group) reorientation time 
in the infinitely diluted aqueous solution and that in 
the pure alcohol is ~ 1  and ~0.7, respectively, whereas 
the corresponding ratios for the highly diluted alcohols 
in CC14 and pure alcohol are 0.8 and 0.4 for methanol 
and ethanol, respectively. 38 The former change cor­
responds to a replacement of the alcoholic surroundings 
by the water surroundings, the hydrogen bonds being 
kept connected, whereas the latter change corresponds 
to the switching off of the hydrogen bonds and re­
placing the alcoholic surroundings by the relatively 
large CC14 molecules.

When we write

=  ( 1  —  P 2 a ) — ¡ ^  +  P ia.(2)
T co T  ca (2) (29)

1 —  ?>2a =  P20

(see eq 17a), we can estimate from eq 29 p20, the frac­
tion of acetone, acetonitrile, or tetrahydrofuran mole­
cules which at C2 0 are bound to the water molecules. 
rca(2) is the correlation time in the bound state, rca(2) >  
rc(I)+ (tc(1)+ see column 4 of Table IV), r0o(2> is the 
correlation time in the unbound state, rco(2) <  tc(2) 
(pure) (rc(2)(pure) see column 2 or 3 of Table II). With 
the results of Table IV, column 8 , we find p2a ~ 0.65 
and p2a ~  0.8 for acetonitrile and acetone, respectively; 
for THF about the same figure should be expected.44

Finally we note that for all solutes investigated 
here the self-diffusion coefficient is smaller than that of 
water. Thus the behavior of the translational diffu­
sion is different from that of the rotational motion. 
Whereas the rotational diffusion of the solute particle in 
the water cage at C2 —► 0 may be faster than that of 
water, the translational motion is always slower as is to 
be expected from the larger masses of the solute mole­
cule (see e.g., Figure 11). However, it may occur that 
the self-diffusion of the solute molecule in the water 
cage is faster than in the pure liquid formed by the 
solute. This is the case for ethanol and ¿erf-butyl 
alcohol.22

It is easily seen from Table III that regarding the 
distance between the solute and the water molecule— 
not the orientation—long-lived pairs H20-solute may 
be present at C2 —► 0 in all cases studied here. The 
first part of rule 3 is always fulfilled.

(v) Microheterogeneity and Activation Energies. We 
now apply the second part of rule 3 (eq 5) to the com­
position range xx ~  x2. As an example consider the

mixture H20-acetone at Xi = x2, i.e., nx° = n2° (n°, i = 
1 , 2 , total number of water and acetone molecules, re­
spectively, in the mixture). Assume for the moment 
that there are three different molecular species in the 
liquid: unbound water molecules with correlation 
time rcoa), unbound acetone molecules with rCo(2) being 
the correlation time of the vector considered, and bound 
H20-acetone pairs with rca =  r0(2’4) for the reorientation 
of the intermolecular bond vector. The numbers of 
the three species present are nx, n2, and na, respectively, 
pi0 =  ni/ni°, p2° = n2/n2°, pu = n j n ° , p2a = n jn 2° . 
The mean correlation time of water is rc(1)

Pi
T oo (1) +

P ia

7"ca (1)
Pi

in +
P  la

T  co (1)
(30a)

the mean correlation time of acetone is

Pi

T c
(2) Tco (2) +

P2a P i

Tea(2)
T co

(2) +
Pia.

Tco (2) & (30b)

Here rca(1) = rca<2> = rc0(2)/&;
k ^ ^ 1 . £1,2 depends on the angle which the vector
considered forms with the intermolecular bond direc­
tion and on the rapidity of rotational motion of the 
vector about the intermolecular bond direction. 1 1 -1 3  
If there is no such rotation: fi |2 = k; k <  1 corre­
sponds to the fact that the pair of two molecules is a 
“ larger” particle16,38 than one single molecule. Now 
for unbound acetone and water we have tco(1) ~  rco(2), 
and since the CO vector (the motion of which we ob­
serve by the 170  relaxation) has the direction of the 
> C O. . .  H-O-H bond, £2 = k and we expect from eq 
30a and b and rule no. 3 with pJa = p2a (xx = x2) : rc(1) 
^ r0C2)(CO). However, we observe (Figure 8) the 
contrary, namely rc(1) >  r0(2,(CO) at xx = l/2. The 
methyl group of acetone shows internal rotation; thus 
for these groups £2 >  k and rc(2)(CO) > rc(2)(CH5).

To account for the observed fact rc(1> >  rc(2)(CO) 
one can assume that pu >  p2a at xx = ' / 2. This means 
that more than one H20  molecule is attached to the CO 
of acetone. Such an accumulation of water molecules 
around a selected acetone molecule would already cause 
a drastic deviation from the random distribution of 
H20  and (CH3)2CO molecules, and this is a first step 
toward microheterogeneity.

Let us now consider the temperature dependence of 
the correlation times. The activation energy, say of 
rc(2), is partly given by the change of p2a with tempera­
ture and partly by the change with temperature of the 
number of nonhydrogen-bonded acetone-water pairs

(44) I t  shou ld  be  m ention ed  here th a t  D a v ie s  and W illia m s45 re­
p orted  a  d ie lectr ic  re laxation  tim e o f a ceton e  and  T H F  in solid  H 2O -  
clathrates o f  Td =  1.7 X  10-12 see at 213 and  2 4 3 °K  fo r  a ceton e  
and  T H F , resp ectiv e ly . I f  on e  com p ares th is w ith  th e  en tries o f  
T a b le  I V  he finds th a t, du e to  th e  u n certa in ty  in  th e  fa cto r  c o n n e ct ­
in g  Ta and  r c, th e  reorien ta tion al m o tio n  in  the  solid  is n o t  s low er 
than  in the  liqu id .

(45) M . D av ies  and K . W illiam s, Trans. Faraday Soc., 64, 529 
(1968).
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Figure 9. (a) Activation energies for tc(2)(D 20 )  (▲) and
tc(2)(CD2) (O) as a function of the composition for the mixture 
water-tetrahydrofuran. (b) Activation energies for t0(1>(D20 )  
( • )  and rc<2)(DC 3) (o) as a function of the composition in the 
mixture water-acetone. The activation energies for D <2> (□) 
and D (1> (■) are as well shown; x2 =  xforganic molecule).

and acetone-acetone pairs. The latter contributions 
correspond to pure acetone and are small. For H20  
the situation is analogous. Thus from eq 30a and b 
with pu = one expects about equal activation en­
ergies: i?a(H20) < FJa(CO). If x water molecules are 
attached to the CO group the activation energy for the 
water reorientation is essentially AE, AE being the 
energy for the separation of one water molecule from 
the acetone. For acetone the activation energy should 
be xAE, because x water molecules have to be discon­
nected. On the other hand, pu = xp2a, thus still we 
expect ¿^(IFO) < A1,,(CO). These predictions have to 
be compared with experimental results which are pre­
sented in Figure 9b. We see that the activation energy 
of water is much larger than that of acetone. This is in 
clear contradiction with the behavior expected so far. 
The activation energy of acetone only changes slightly 
in the range 1 >  >  0.4. Admittedly, the activation
energy shown in Figure 9b is that of the CH3 group, 
I?a(CO) has not yet been measured, but the difference 
between 7?a(H20) and Aa(CH:i) is so great that, con-

Figure 10. Activation energies for t0(2)(CD3) (#), tc(2,(14N )
(■), TcOXDaO) (A), Z)<2) (O), and D (l) (□) as a function of the 
composition in the mixture water-acetonitrile; x2 =  xfCFhCN).

sidering also the similar situation for acetonitrile (Fig­
ure 10), we may safely state the result 7?a(H20) > 
Fla (CO). From this inequality we conclude that the 
aggregates of x water molecules are not closely con­
nected with the CO group but that they are more 
firmly bound among themselves and that the activation 
energy Ea(H20) corresponds to the disconnection of one 
water molecule from the other members of the water 
patch in the mixture. Thus we are again lead to the 
conclusion that there is a certain degree of microhetero­
geneity in the mixture.

It is now appropriate to write instead of eq 30a

Pi
To (0 a )

_l_ Ph
Cl) T’ca (1)

(30c)

where again pia = p2a, pic is the probability for a water 
molecule to be a member of a water patch or cluster, 
and rcc(1) is the correlation time in this cluster. The 
activation energy FJa(H20) then concerns the tempera­
ture dependence of the cluster size (rcc(1)) and that of 
pic Equation 30c passes steadily into eq 23 where now 
all terms 2 i=i ” P u / r c i :i) are contracted in the term 
Pic/ tco(1)- It might be questionable whether the fast 
exchange limit eq 17 is still applicable here since from 
sound absorption measurements it was concluded that 
the decomposition time of the clusters is relatively 
long.46 When we assume that px°, pXa ~ 0 at x2 = 1/i, 
then with rc(1) = 3.8 X 10~ 12 sec and Tcoa> ~ 0.5 X 
1 0 -1 2  sec by aid of eq 6 we estimate k , the number of 
water molecules in the patch, to be ~ 6  which seems 
to be reasonable. As C2 decreases, the water patches

(46) J . M . D aven port, J . F . D ill, V . A . S o lo v 'e v , and K . F ritsch , 
Sov. Phys.-Acoust., 14, 236 (1968).
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Figure 11. Self-diffusion coefficient of water ( • ) ,  acetonitrile, 
and acetone, both (O), as a function of the composition in the 
mixtures water-acetonitrile and water-acetone at 25°. The 
vertical dashed lines correspond to C 2* =  55.5/ni,; 22 =  
anorganic component).

coalesce more and more; finally they fully surround the 
(solute) acetone particle and form the hydration of the 
second kind.

In Figure 9a one finds the activation energy for the 
reorientational motion of H20  and THF; the general 
behavior is similar to that of acetone. In Figure 10 
the activation energies for the reorientation for all 
three vectors, namely that in D20, in CN, and in CD3, 
are shown for the mixture D20-C D 3CN. Again the 
concentration dependence corresponds to the general 
scheme as outlined for acetone +  water. The con­
centration dependence of the self-diffusion coefficients 
of both components for the systems H20-aeetone and 
H20-acetonitrile is shown in Figure 11,47 and the 
activation energies of these quantities are included in 
Figures 9b and 10. It is interesting to note that the 
translational motions of both the component molecules 
resemble one another much more than the rotational 
motions do.

In the mixture water-pyridine at X\ = l / 2 the corre­
lation times of 14N and water are almost equal (Figure
5). The activation energies of the water and pyridine 
deuterons are shown in Figure 12. Here the inter-

Figure 12. Activation energies of t0(2,(CD) (O) and t0U)(D20 )  
(A )  as a function of the composition for the mixture 
water-pyridine; x t  =  æ(C5H 5N ).

action between the organic molecule and water is much 
stronger than in the systems described previously and so 
from the concentration dependences of Figures 5 and 12 
we see that the motions of both the component mole­
cules are rather tightly correlated with one another at 
x2 «  y 2. There appears to be a large fraction of water 
molecules coupled directly to C5H5N (approximate 
equality of r0 and Ea), and the clustering term Pic/tĉ 1) 
(see eq 30c) seems to be small. Thus microhetero­
geneity is not so evident here. However, a certain 
degree of geometrical order beyond simple pair forma­
tion cannot be excluded. So one must account for the 
relatively strong increase with decreasing x2 of the 
correlation time of pyridine and the slow water re­
orientation in the composition range '/2 <  x2 <  1. 
This effect could come about by the formation of aggre­
gates

$  ŜI H ° H 
\ _ /  HOH

Then, between 1/i < x2 < l/ 2 more water is added to 
this complex, e.g.

(H20 )6nQ

Here the maximum in the correlation time of pyridine 
occurs. With higher dilution the dissociation of the 
pyridine pair begins which is observed as a decrease in 
the pyridine correlation time.

(47) T h e  agreem ent w ith  the results o f  M cC a ll and  D ou g la s  fo r  a ce ­
to n e -w a te r  is sa tis fa cto ry .48 O ur a ceton e  d a ta  are im p rov ed  as 
com p ared  w ith  th ose  given  in  ref 22.
(48) D . W . M cC a ll and D . C . D ou glas, J. Phys. Chern., 71 , 987 
(1967).
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Our information is less complete for the alcoholic 
systems methanol-water and ethanol-water. As al­
ready mentioned one of the reasons for this lack of 
information is the fact that the alcoholic hydroxyl 
hydrogen exchanges with the water hydrogen. Thus, 
for the water reorientation we have information only as 
a part of the measured average behavior (rc) of the 
alcoholic and water OD or OH and vice versa. We have 
already described in what way the curves for rc <2)(OH), 
indicated with OH in Figures 6 and 7, are obtained. 
The measured average r0 is

Tc
2 x i

2 x i  +  x i
rc(1)( H20) +

Xj

2 x i  +  Xi
t ,»(O H )

and thus the water correlation time rc(1)(H2 0 ) may be 
determined. The result is seen as the dashed curves in 
Figures 6 and 7. In particular, in Figure 7 the curve 
“ OH” may be lower; then the dashed H20  curve would 
move to higher values.

The activation energies for the systems methanol- 
water and ethanol-water are shown in Figures 13 and 
14, respectively. It is reasonable to assume that over 
the entire composition range the OH activation energy 
of methanol and ethanol is larger by roughly a constant 
factor than that of the methyl and ethyl group. This 
means that the activation energy of the alcoholic OH 
and that of the water are very much alike. From 
Figures 6 and 7 and the accompanying discussion we 
saw that the correlation times of ROH and H20  should 
also not be much different. Thus the motion of the 
polar ends of both component molecules is similar, and 
there is no obvious evidence for microheterogeneity. 
However, with decreasing x2 at high x2, 1/i <  x2 <  1, the 
correlation time of the hydrocarbon (and polar) part 
and the activation energy for the reorientation of the 
hydrocarbon (and polar) part of both molecules in­
crease. In this range the H bond between the alcohol 
molecules is replaced by the H bond alcohol-water. 
The water molecule is smaller than the alcohol mole­
cule, and still the two properties indicated increase, 
which must mean that geometrical arrangements exist 
which are similar to those proposed for the mixture 
pyridine-water. With decreasing x2, x2 <  y 2, more and 
more water neighbors are added, finally surrounding the 
hydrocarbon part also, and for very small x2, x2 <  0 .2 , 
the water molecules added are no more coupled to other 
solute molecules and thus the correlation time de­
creases.

The low activation energy of the 170  relaxation for 
the alcohols, in particular for ethanol, which extends 
over an appreciable concentration range, we are unable 
to explain as yet. At the right-hand ordinate of Figure 
12  we have marked the activation energies for the deu- 
teron relaxation of CDsCH2OH and CH3CD2OH, from 
which one sees that both these activation energies are 
larger than that for 170  and that they show the order to 
be expected, namely ¿/„(CDa) < Iia(CD2) <  A'a(OH).

Figure 13. Activation energies for tc( ! ) ( C D j ) (O), tc<2)( 170 )  
(A), and rc(D 2 0 -D 0 R ) (A) as a function of the composition in 
the mixture water-methanol; x% =  x(C H 3OH ).

Figure 14. Activation energies for ro(2>(170 ) (A), t<.(2)(C2D5)
(O), and t c( D 20 - D 0 R )  (A) as a function of the composition 
for the mixture water-ethanol. The activation energies for 
rc(2)(CD3- )  (■), and tc<2)( - C D 2~ )  (□ ) are only shown for the 
pure alcohol (x2 = 1 ) .

(vi) Structural Information from Rule No. 4 . As 
already mentioned above the reorientational correlation 
time of a long-lived rigid aggregate of six water mole­
cules +  a central particle +  a number of about four 
short-lived associated water molecules is ~ 3  X 10~u 
sec. According to Tables III and IV the hydration 
cages of our solute particles must be much larger aggre­
gates, i.e., we expect rc<1>+ > 3 X 10~u sec. Since,
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Table V : Composition of Mixture at Maximum Correlation Time and Minimum Self-Diffusion Coefficient (25°)

C om pou n d

r  D<2> 1

L D O jJ c a — O
r= iL t ta jr c ^ m a x [ = 1L m JD C O m in r~ i

|_n2_|Tc(! H C H «)m ax

c h 3c n 0.9 5.6 4-5 7.5
C5H 5N 0.54“ '6 1.0 1-2 3.0°
c h 3o h ~ 0 .6 (2.2-0.5?) 2.2
C Ä O H 0.64 (2.3-0.6?) 2.3
(CH3)2COH 0.4 d

25°
(CH3)3COH 0.4 d

0°
(CHahCO 0.75 3.2 4 6
T H F
Dioxane

0.5“ 2.7“ 5-7
4-5

10“

“ Reference 22. b B. Brun and J. Salvinien, J . C h im . P h y s ., G4, 1319 (1967). 0 Here the hydrocarbon part of the ring is concerned. 
d No maximum.

however, for all solutes studied here we find rca> «  
3 X 10_ 11 sec (see Table IY), we conclude that in no 
case the cage of water molecules surrounding the solute 
particle can be a long-lived rigid aggregate.

The self-diffusion coefficient of the ion Mg2+ at low 
concentration is 0.7 X 10~ 6 cm2/sec, that is |l)(Mg2+) /  
Z>h2o} c',=o = 0.28 at 25°. This figure is taken from 
conductivity results.49 Such a value of a self-dif­
fusion coefficient corresponds to a long-lived aggregate 
of more than 6 but less than 20 water molecules. An 
aggregate of 20-28 water molecules is expected to have 
( H / Z ) h 2o ) c 2— o <  0.28. As shown in Table V in all cases 
for the solute particle we have {Z)(2)/Z)(1)} C2_ 0 > 0.28. 
Further, the results given in Table III may be re­
formulated so as to demonstrate that with the values 
of column 2  {.D(1)+/XB2)} ^ 1 ; consequently, {Z>(1)+/  
jDa)} C2_*0= {-O a)+/-DH2o}cj->o>0.28. Sewe again see 
that long-lived hydration cages must be excluded for 
the solutes studied in this work. Also for acetonitrile, 
ethanol, and fert-butyl alcohol where according to rule 
no. 1 , first part, or rule no. 2 , some evidence for long- 
lived aggregates appeared, these must now be ruled 
out.

Thus in the hydration sphere of the solute particles, 
geometrically well-ordered closed cage configurations 
occur at best with probabilities < 1 , and we have

( 3 1 )
7> (1 )+  =  ¿ P i + D / B + j  j 2 P i + =  1

¿ = i  i = i

where i  — 1, 2 , . . . ,  v — 1  correspond to truncated 
cage fragments, and i = v  correspond to a perfectly 
closed cage.

(pit) Structural Information from Rule No. 5. It 
may be seen from Figures 4-8 and ref 22 and 43 that for 
all aqueous mixtures of the type studied here for small 
x2 the reorientational correlation time of the water

molecule, r<.a>, increases as x2 increases. Generally, 
this increase of r c(1) gets slightly stronger as the tem­
perature decreases (Figures 4, 8-10, 12-14). Accord­
ing to rule no. 5, eq 11, this means that one or more of the 
maximum values of the pair distribution functions in­
crease, and this is an increase of the degree of structure 
in the solution.

First the question arises: Is this structural rein­
forcement due to the first (H20-H 20  interaction) or due 
to the second term (H20-solute interaction) in eq 11? 
For the weakly interacting solutes like acetonitrile, 
acetone, and THF the structural reinforcement must 
be ascribed to the first term, that is / i (1'1), / 2a,1), • • ■ 
increase, and the contribution from /i(1’2), / 2a’2>, . . .  in 
the second term on the right-hand side of eq 1 1  may be 
neglected. This is a consequence of the fact that for 
these molecules even the polar end of the molecule (for 
THF this is to be expected) rotates faster than the 
water molecules and thus direct solute-water interac­
tion cannot cause the slower motion of the water. For 
methanol, ethanol, and pyridine the second term con- 
taining/i(1’2), / 2(1’2). . . will probably be more important. 
Then, in order to give our structural statement a general 
validity, we must consider the rigid skeleton of rather 
large molecules—like, e.g., pyridine—also to be a posi­
tive contribution to the structure of the liquid, namely 
an “ intramolecular” contribution. 15 However, it can 
be shown that one or two water molecules bound to the 
polar group of these solutes with their known reorienta­
tion times r c i2) (polar) (see Table IV) cannot cause the 
whole effect of increasing r c(1>. So the H20 -H 20  dis­
tribution with the maxima / i (M), / 2(1'1), . . . will con­
tribute as well to the lengthening of r c(1) significantly 
in these mixtures. teri-Butyl alcohol presents as yet 
an open question in this regard.

Clearly, at concentration C2 <  2.5 m the statement of

(49) See, e.g., R . A . R ob in son  and R . H . Stokes, “ E le c tro ly te  S o lu ­
t ion s,”  B u tterw orth s , L on d on , 1965.
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a structure reinforcement of the water does not tell 
more than given by the aggregate approach, but the 
view is now more general and the model of localized 
hydration spheres is abandoned. In particular at 
concentrations C 2 >  C 2 *  = 5 5 . 5 / n h  the model of sepa­
rated, nonoverlapping hydration spheres becomes 
meaningless, and still the more general distribution 
function approach allows the statement that the degree 
of structure is increased as compared with pure H20.

It is just remarkable that this increase of structure 
extends far over the boundary concentration C2* and 
goes up to rather low values of the ratio of the number 
of water molecules/number of organic molecules. We 
shall call this ratio at the maximum of the water cor­
relation time (ni/n2)roci)max. Some results for this 
quantity are collected in Table V (25°). For the 
weakly interacting solutes acetonitrile, acetone, and 
THF beyond the maximum of rca) at higher mole frac­
tions of the organic compounds the second term of eq 
11 must become more important. Now/ i(1'2), /2(1'2), . . .  
increasingly determine the correlation time of the water 
molecule; obviously, the water-organic molecule dis­
tribution is orientationally more isotropic, / i (1,2), 
/ 2a '2), .. . have lower values, and the correlation time 
decreases. In the mixtures with pyridine, ethanol, and 
methanol the stronger direct water-solute interaction 
pulls the maximum of rca) more in the direction of lower 
ratios ?ii/n2, that is, to higher mole fractions x2.

Qualitatively the same information may be obtained 
from eq 10  regarding the self-diffusion coefficient of the 
water in the aqueous mixtures. The minima of Da) 
occur at about the same composition as the maxima of 
r0a) do; some numerical results may be found in Table
V.

Now we consider the motion of the solute molecule. 
Let us begin with the behavior of the hydrocarbon part, 
the methyl group, say. It is useful to consider two 
groups of maximum values of the pair distribution 
function referring to the center of the methyl group: 
(1 ) the maxima which occur in the direction of the 
polar group (at x2 -► 0 they describe the binding of the 
polar group with the water, and for larger distances the 
water-water distribution beyond the polar group en­
ters) ; (2 ) the maxima which occur in the other direc­
tion as seen from the methyl group, that is, the direction 
pointing straight into the water at x2 —► 0. These 
latter maxima correspond to the weak (c.d. Waals) 
binding between the methyl group and water and then 
further out they also reflect the water-water configura­
tion in the second coordination sphere as seen from the 
methyl group. We recall that all these maximum 
values contribute to the correlation time of the methyl 
group. In this case the various maximum values of the 
pair distribution function are the / i (2,1), / 2C2,1), • • • oc­
curring in the second term of ohe right-hand side of 
eq 13. Clearly, at x2 -*■ 0 the first term of eq 13 0
since it corresponds to the vanishing 2 - 2  contribution.

Now we find experimentally (Figures 4, 6- 8 , and 
ref 22) that, starting from x2 = 0 in all cases t0(2,(CH3) 
increases with increasing x2 for sufficiently small x2. 
As indicated above in our somewhat simplified scheme 
this has two sources: The direct effect of the aqueous 
neighbors of the methy. group and the effect of the 
polar end transmitted by the molecular skeleton, which, 
however, is partly decoupled by the internal rotation 
about C-C, C-O, and other bonds. Regarding the 
direct coupling methyl-water the increase of rc(2)(CH3) 
is due to the second coordination water-water distribu­
tion since the next neigh nor distributions in the hydra­
tion cage should not change very much. Thus the in­
crease of the water structure is also reflected by the 
motion of the inert methyl protons or deuterons via the 
weak structural bridges extending into the bulk of the 
aqueous surroundings. In addition, the same “ signals” 
concerning the water structure are also supplied via the 
polar groups.

However, at a certain composition in many cases a 
maximum of r0(2, (CH3) recurs (Figures 4, 6- 8). This 
maximum again is developed slightly stronger when 
the temperature is lower (Figures 4, 8-10, 12-14). 
Now, the mixture for which the maximum of rc(2)(CHs) 
occurs contains more wa.er than the mixture for which 
the water correlation time tc(1) has its maximum. 
Some ratios (ni/n2)Tc(s)(CH3)max for which the maximum 
of rc(2>(CH3) occurs are also presented in Table V.

Now we saw that the increase of rc(!)(CHs) at x2 <  
0.05 is determined by the water-water configurations in 
the second coordination sphere of the solute. The 
water-water configurati ins themselves are described 
by the maxima occurring in the 1 - 1  distribution, i.e., 
/ i (1,1), / 2a,1\ which determine rc(1). The fact that 
the distribution functions which determine the water 
motion still get steeper, whereas those which determine 
the motion of the organic molecule already become 
flatter, indicates that the local surroundings of the two 
kinds of particles must begin to differ. The correlation 
times of the methyl group become shorter because more 
and more organic molecules with their more isotropic 
orientational distribution (of their hydrocarbon part) 
approach to the direct neighborhood of a given reference 
organic molecule. This effect depresses the probability 
to find a water molecu e in the neighborhood of the 
organic molecule; that is, the second term on the right- 
hand side of eq 13 decreases rapidly and the first term 
gains more importance. In this way we are again lead 
to the conclusion that microheterogeneity exists in 
these mixtures. The final value of t0(2)(CH3) as x2 -*■ 
1 depends on the nature and structure of the pure 
organic liquid. For instance, in acetone relatively 
small maximum values/i<2’2), /2(2'2), .. . occur in the first 
and second coordination sphere; the orientational 
distribution of the molecules relative to one another is 
almost isotropic, so re(2, (CH3) drops to a value lower 
than in H20 at x2 — 0 In ethanol, however, where
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hydrogen bonds exist, the probability to find ordered 
aggregates is greater and rc(2)(CH3) for x2 — 1 does not 
fall to the value it has in the limit z2 -► 0 in H20  (see 
Table IV). It should be noted that in the case of 
H20-ferf-butyl alcohol at 25° r0(2)(CH3) never decreases 
at all with increasing x2.22 This means that the intra­
molecular structuredness of the ferf-butyl alcohol and 
the hydrogen bonds between the ¿erf-butyl alcohol 
molecules cause such a large first term of eq 13 that the 
correlation time does not decrease as the water contribu­
tion in the second term of eq 13 becomes smaller. Thus 
one can say that water has less structure than the intra- 
and intermolecular structure together of ¿erf-butyl 
alcohol, it has almost as much structure as the intra- 
and intermolecular structure together of ethanol, and it 
has more structure in the same sense than the other 
organic liquids used here.

The correlation time of the polar group of the solute 
molecule shows essentially the same behavior and thus 
yields the same structural information as described for 
the hydrocarbon part. The experimental uncertainties 
so far do not allow any more definite statements. Just 
the same is true for the self-diffusion coefficient of the 
solute particle.

(viii) Structural Information from Rule No. 6 . 
From the Figures 3-9 given in previous work22 of one 
of the authors (E. v. G.) one sees that the quantity 
(1/Ti)inter D(2)/NH for the organic particle, which is 
proportional to g<2.2>Z)(2> (see eq 14 and 22), in some 
cases increases as C2 -*■ 0. The same is true—and even 
with greater regularity—for (l /7 ’i)inter.D(1)/ArH re­
garding the water; i.e., 3(1'1)Z>(1) increases as C\ -*■ 0. 
Originally, one of the present authors (E. v. G.) to­
gether with Zeidler had proposed that the variation of 
3D with composition is due to a change in the mean 
square displacement (r2) occurring in eq 14. One can, 
however, be doubtful whether (r2) /d2 is large enough so 
as to account for the entire effect observed. Thus we 
were led to another explanation which is formulated 
above as rule no. 6 . As a consequence we conclude 
that for some mixtures the organic components as well 
as the water associate preferentially among themselves 
in their respective low concentration ranges, ~  0 , 1 ; 
X\ «  0.1. This again leads us to the statement that 
there is evidence for microheterogeneity in these mix­
tures. However, from the data reported in ref 22 one 
fact is difficult to understand. In some cases the or­
ganic component shows a variation of 3 (2,»£)(2) with 
composition; in other cases it does not.

Analyzing the situation one finds immediately that 
the precise measurement of 3D as a function of the 
composition is a very difficult task, because low con­
centration measurements are of crucial importance. 
As a further example we report the data shown in Fig­
ure 15. They concern the system ¿erf-butyl alcohol- 
water at 0°. Figure 15a shows the (total) proton re­
laxation rate as a function of A h, the number of protons/

Figure 15. (a) Proton relaxation rate of (C H 3)3COD in D 2O.
(b) (1/Ti)mtra for the protons of (CH3)3COD in D 20  and self­
diffusion coefficient D <2> of (C H A C O D  in D 20 . (c) (1 /7\)mter
for the protons of (C H 3)3COD in D 20 . All data are given as a 
function of N h, A h in 1022/cm3; temperature 0°.
(d) (l/rOinterD^VAH in 10-29 cm6 sec-2, as a function 
of the mole fraction x2.

cm3, in the system (CH3)3COD +  D20. Figure 15b 
shows the intramolecular relaxation rate of the methyl 
protons of ¿erf-butyl alcohol. These results are ob­
tained from the deuteron relaxation rate in the mixture 
(CD3)3COH +  H20. By chance 1/Ti of the deuteron 
is by exactly a factor of 10 larger than (1/Ti)intra given 
in Figure 15b. Furthermore, Figure 15b shows the 
self-diffusion coefficient of (CH3)3COD in D20. The 
solid curve of Figure 15c gives (l/Ti)intei, the difference 
of the two relaxation rates presented in Figures 15a and 
b. Then ((l/T i)interI)<2)/AH) ~  3 <2.2>Z)<2> is shown in 
Figure 15d as a function of the mole fraction x2. The 
steep increase of 3 (2.»2)(2) ag x2 —► 0 yields strong evi­
dence for butyl alcohol-butyl alcohol association. 
However, considering our experimental error, in par­
ticular that arising for the extrapolations to A'n 0 in 
Figures 15a and b, the true intermolecular relaxation 
rate may be as low as shown by the dashed curve in 
Figure 15d, and the hatched field indicates the uncer-
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tainty in (l/TiiinutD^/Nn- One sees that there is 
evidence for butyl alcohol-butyl alcohol association; 
however, the definite statement must await better ex­
perimental results from improved apparatus for mea­
surements with very weak signals.

5. Summary
We have found essentially three results. (1 ) Long- 

lived rigid hydration cages surrounding the solute par­
ticles at low concentration are absent. (2 ) At low 
concentration of the organic component there is an in­
crease of structure in the solution. (3) There is evi­
dence for solute-solute association in the mixture lead­
ing to a certain degree of microheterogeneity.
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Appendix
We wish to calculate the error in the correlation time 

tc(1)+ which arises if one erroneously assumes that the 
exchange of a nucleus between two different environ­
ments is slow whereas actually it is fast. For the slow 
exchange limit we have (see eq 18)

Tc(1) = rc<«° +  ^  (r.<»+ -  tc(1)0) (Al)55.5

We divide eq Al by the correlation time of the pure 
solvent liquid (here water)

T -(1) ^ (1 )°  ■ " » A  (  T°:i)+  T . (1 )°  \  f A -
rc(I)(0) t.<»(0) 55.5 W » (0 )  r.<«(0)/ 1 ;

i"c(I)/ r c(1)(0) is a function of the concentration; we 
write the power expansion in C2

T (I)
= 1 +  B'C> +  CCS  +  . .. (A3)7c (0)

where B', C  are constants. We form {d(Tc(1)/Tc(1,(0)/ 
dC2} c2=o and deduce from eq A2  and A3

rc(1)+ _  55.5 ( _____1 _  / drc(1)°\
rc(1)(0) nh \ rc<»(0) V dC2 ) Cl

(A4)

Since according to the same arguments as described

previously before eq 27, we must have d7-cil)0/dC2 ^ 0, 
the maximum value of t-c(1) +/ xc(1) (0) will be

T .< »  +

Tc(1 )( 0 )

55.5
Wh

B' +  1 (A5)

This formula has been used for the entries of Table 
IV, column 3. In the imit of fast exchange we have 
(see eq 17)

_ 1 _  =  J _  n h f t  / _ 1 ___________ 1 _ \

rc(I> t0(1)O +  55.5 W 1> + t0<»°/
or

rc(»(0) = Tc»>(0) / r.»)(Q) _  re»>(0) \
rc(1) rc<J>° +  55.5 V r0(1)+ re«»0 )  { ’

Again we substitute eq A3 on the left-hand side of 
eq A6 and form {d(ro(1),0 )/rc<1))/dC'2} Cs=0. The result 
is

Thus, when we divide 3q A7 by eq A4 we obtain the 
final result

Ì T c < » V r c < » ( 0 ) lA 7

i 7-c(1)+/ Tc(1,(0)} A4

(A8)

We see that with the assumption tc(1)° = tc(1)(0), 
i.e., dTc<1)0/dC2 = 0 , the error mentioned above is un­
essential if 55.5B'/nh <  0.5, i.e., { tc(1>+/ t'c(1)(0)} A4 < 
1.5. Indeed, our results in Table IV are of this order. 
With 55.5B'/nh — 1 and d r.^ /d C * = 0

{ r . « ) + / r a» > ( 0 ) } AT

j r c i D V ^ ^ w i A i - *  °°

For 55.5B'/nh >  1 with r0(1)0 = re(1>(0) fast exchange 
cannot be the correct situation, now for fast exchange 
in any case drc(1)0/dC2 >  0 must be valid.

Finally, the appropriate formulas for an intermediate 
rate of exchange between the two limits given here may 
be found in ref 18 and 19.
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The general theory of the calculation of the thermodynamic coefficients for electrolyte mixtures from the pair 
correlation functions for the mixtures is worked out. These correlation functions are computed for several 
models for aqueous LiCl-CsCl mixtures by means of the hypernetted-chain integral equation, and the theory 
is applied to them to obtain the free-energy mixing coefficients for these models. Special attention is given to 
a model having properties close to the experimental ones for this system. The computed results for this model 
seem to be accurate enough to be useful, judging by three self-consistency tests. The model exhibits three 
empirically established regularities about as well as experimental systems do. They are Harned’s rule, Young’s 
rule that certain mixing coefficients in a common-ion mixture are nearly independent of the common ion, and 
the rule that the sum of Harned’s a coefficients depends linearly on the ionic strength. The model computa­
tions also elucidate the role of the mixture limiting law.

1. Introduction

Aside from their importance in connection with the 
study of all sorts of ionic chemical processes in solution, 
mixed strong electrolyte solutions are interesting as the 
framework for several intriguing regularities. The 
best known is Harned’s rule, which states that the 
logarithm of the activity coefficient of electrolyte A 
in a mixture with electrolyte B, having a common ion, 
varies nearly linearly with the concentration of electro­
lyte B if the ionic strength is held constant.2 Another, 
which may be called Young’s rule, states that the heat 
of forming such a mixture from solutions of pure A and 
B at the same ionic strength is nearly independent of 
the common ion. 3 A third, Young’s cross-square rule, 
relates the heat of mixing of two electrolytes without 
a common ion to all the other heats of mixing of two 
electrolytes which one may generate using the same 
four ionic species, where all these mixings are at the 
same fixed ionic strength. 3 Another, which does not 
seem to be associated with a single author, is that the 
sum of the two Harned coefficients for a particular 
mixed electrolyte varies linearly with the total ionic 
strength. 2'4'6

The generality with which these rules are stated here 
may be misleading, since mostly they have been estab­
lished only for aqueous solutions of electrolytes of at 
most three charge types, near 25°, and over a limited 
range of ionic strengths. However, it does seem useful 
to state them even more generally than we have done, 
that is, to include in Harned’s rule the corresponding 
behavior of the partial molar enthalpies, to include in 
Young’s rule the corresponding behavior of the excess 
free energy, etc. The reason is that, from the point of 
view of the underlying statistical-mechanical theory, 
each of the rules as originally stated reflects an under­

lying regularity which, if it exists at all, may well be 
characteristic of the structure of all strong electrolyte 
solutions.

Using Mayer’s cluster theory of ionic solutions6 one 
finds a simple interpretation of Harned’s rule in terms 
of cluster expansions and finds that Harned’s rule im­
plies Young’s rule.7'8 The theory also leads to a form 
of limiting law for the sum of the Harned coefficients of

* T o  w h om  corresp on d en ce  sh ould  b e  addressed.
(1) (a) G ratefu l acknow ledgm ent is m ade o f the  su pp ort o f this 
research b y  the O ffice o f  Saline W ater, U . S . D ep a rtm en t o f the 
In terior, (b ) O n  leave from  -A n alytical D iv ision , B h a bh a  A to m ic  
R esearch  C entre, T rom b a y , B om b a y -8 5 , Ind ia .
(2) H . S. H arn ed  and B . B . O wen, “ T h e  P h ysica l C h em istry  o f  
E lectro ly te  S o lu tion s,”  3rd ed, R einh old , N ew  Y o rk , N . Y ., 1958.
(3) T . F . Y ou n g , Y .  C . W u , and A . A . K raw et?^Discussions Faraday 
Soc., 24 , 37, 77, 80 (1957). A s these discussions show , w h at 
is here called  Y o u n g ’s rule is n o t  very  accurate in  cases in  w h ich  the  
m ixing  coefficients (for the en th a lpy  rather than  fo r  th e  free energy  
in these discussions) are re latively  near to  zero. T h e  cross-square 
rule is a m ore com p lica ted  relation  w h ich  is m ore accurate, especia lly  
w hen the m ixing  coefficients are sm all. A lso, th e  equ iva len ce  o f  
the  usual free-energy  form  o f H arn ed ’s rule to  its corollaries fo r  
enthalpies and vo lu m es is stressed here.
(4) E . A . G uggenheim , Trans. Faraday Soc., 62 , 3446 (1 966). I t  is
stated  here that th is relation  is n o t  m erely  em pirical b u t  th a t  it  can 
be derived  from  a single general assum ption, his eq  2. T h is  
leads to  the  sum  o f  H arn ed  coefficients bein g  independent o f  ion ic  
strength ; i.e., linear v aria tion  w ith  zero  slope. H ow ever, zero  s lop e  
is n o t  consisten t w ith  m an y  o f  the  data . (E xam p les : F ree-energy
data, F igure 14-6-5 o f  ref 2, w here fo r  each  m ixture a  stra ight line 
m ay  be  passed through  all o f  th e  experim ental poin ts a b o v e  0 .4 M  
to ta l concen tra tion . E n th a lpy  d a ta : R . H . W o o d  and  R . W .
Sm ith, J. Phys. Chern., 69 , 2974 (1965), w here ho is seen to  be nearly  
linear in to ta l con cen tra tion  in cases in w h ich  ho is n o t  t o o  sm all.) 
I t  also should  be  rem arked  th at G u ggen heim ’s eq  2 is n o t  
consistent w ith  th e  m ixture  lim itin g  law  discussed in section  5 o f  th e  
present paper.
(5) G . S catchard, J. Amer. Chem. Soc., 83 , 2636 (1961).
(6) J . M ayer, J. Chem. Phys., 18, 1426 (1950).
(7) H . L . F riedm an, ibid., 32, 1134 (1960).
(8) H . L . F riedm an, “ Io n ic  S olution  T h e o r y ,”  Interscience, N ew  
Y ork , N . Y ., 1962.
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a mixture. More recently, Wood and Anderson9 have 
shown how to derive Young’s cross-square rule from 
these results. However, two very unsatisfactory fea­
tures remained. First, no way was found to control 
the error due to truncation of the cluster expansion 
after the second or third term, although the three-term 
results tended to show that two-term results were ac­
curate enough for some purposes.7'8 Second, these 
computations, made for the primitive model, required 
unreasonably large hard-sphere diameters to give agree­
ment with experiment.

Recent studies aimed at elucidating all these problems 
by using both a better approximation method and a 
better model are reported here. The computations of 
the observable properties of the model by this method 
yield, at an intermediate stage, the pair correlation 
functions gtj(r) of the ionic species. These may be 
defined by the statement that, if ct is the concentration 
(ions per unit volume) of species i in the solution, then 
c(gt}(r) is the local concentration of i at a distance r from 
an ion of species j. From the correlation functions one 
may calculate the osmotic coefficient of the solution by 
means of the virial equation10 or, using the compressibil­
ity equation, one may calculate the concentration deriv­
atives of the chemical potentials from the zeroth mo­
ments of the correlation functions

Gti =  S ia n -  l)dr (1 .1 )
This part of the calculation for mixtures has some as­
pects having no parallel in the earlier work7' 10 and is 
described in the following sections. In the later sec­
tions the model used in this study is described, and some 
results are presented for comparison with experimental 
data for aqueous LiCl-CsCl solutions.

2. Molecular Theory of Mixing Coefficients 
in the McMillan-Mayer System

The starting point is the relation of the zeroth 
moment integrals G&b (eq 1.1) to the generalized com­
pressibility function10

( d C a / d / ib )  T  tfj.w =  [Ca^ab “1“ CaGabCb j/TT   AJab (2.1)
where the derivative, as is appropriate in the McMillan- 
Mayer system,8' 11'12 is taken at fixed values of tem­
perature, chemical potential of the solvent, and chem­
ical potential of each solute component except com­
ponent b. To compute the thermodynamic coefficients 
of interest we need the matrix elements of the inverse of 
the matrix m  defined by (2 .1 ), namely

( M _ 1 )a b  =  ( d i t a/C > C b )7 > „  ( 2 - 2 )

where the derivative is at fixed concentration of each 
solute except component b. This procedure has been 
developed by Kirkwood and Buff13 and by Buff and 
Brout. 14 However in its application to ionic systems a 
new problem appears, namely, the zeroth moment elec­
troneutrality condition

E  ZsMsb = 0 (2.3)5=1
assures that det m  = 0  so the coefficients in ( 2 . 2 )  are all 
infinite. Here zs is the charge on species s.

These equations are strictly applicable in the thermo­
dynamic limit, i.e., to ar. infinite system with the speci­
fied composition, and the infinite values of d^/dch may 
be understood in physical terms as follows. The chem­
ical potential appearing in the above equations is the 
one usually designated in thermodynamics as the elec­
trochemical potential. 15 It is related to its strictly 
chemical part, yUach, by the equation

Ma =  Ma°h +  Z (2.4)
where T is the electrical potential of the phase. For a 
system of finite size, measured by radius r, the variation 
of electrical potential with concentration of one com­
ponent is15

dT ~  r2zbdcb

the strong dependence on r being a consequence of the 
long range of the Coulomb potential. Thus dF/dcb is 
infinite in the r = ® limit for which eq 2 .1  is applicable.

As this analysis implies, the infinities in d/za/c)Cb 
mutually cancel when these coefficients are combined to 
obtain expressions for free-energy changes produced by 
composition changes ii: which electrical neutrality is 
maintained, hence for all experimentally accessible 
composition changes. Therefore the Kirkwood-Buff 
procedure is directly applicable to ionic solutions, at 
least as far as analytical mathematics is concerned. If 
the same procedure is followed computationally, it is 
often found to work, apparently because the computed 
Afab do not exactly obey eq 2.3 so in the computational 
operations one may not end up by dividing zero by zero. 
Of course this is not entirely satisfactory because, as 
the computations get better and eq 2.3 is more accu­
rately satisfied, a point will be reached where, within 
the round-off error of the computations, one will indeed 
be dividing zero by zero in following the Kirkwood- 
Buff procedure. An example has been given in the 
discussion of this problem for a solution of a single elec­
trolyte. 16

The following procedure for getting expressions for 
the desired thermodynamic coefficients in terms of the 
Mab when eq 2.3 is satisfied seems readily applicable to

(9) R . H . W o o d  and H . L . A nderson, J. Phys. Chern., 70 , 992 (1966).
(10) J. C . R asaiah and H . L . F riedm an, ./ .  Chern. Phys., 48 , 2742
(1 9 6 8 ) .
(11) W . G . M cM illa n  and J. E . M ayer, ibid., 13, 276 (1945).
(12) H . L . F riedm an, ibid., 32 , 1351 (1960).
(13) J . G. K irk w ood  and F . P . B uff, ibid., 19, 774 (1951).
(14) F . P . B uff and R . B rout, ibid., 23 , 458 (1955).
(15) E . A . G uggenheim , “ T h erm od y n a m ics ,”  2nd ed, Interscience, 
N ew  Y ork , N . Y ., 1950.
(16) J. C . R asaiah and H . L . F riedm an, J. Chem. Phys., 50 , 3965
(1 9 6 9 ) .
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arbitrary mixtures of ionic components but here, in the 
interest of brevity, is set forth for the particular case of a 
mixture of two electrolytes A and B with a common ion 
but with arbitrary charge types. A mole of electro­
lyte A dissolves and dissociates to produce vai moles of 
ions of species 1 and vai moles of ions of species 3. A 
mixture of the two electrolytes is dissolved in a nonionic 
solvent. We define the particle-number-density ionic 
strength

I  =  y , £  c*,* (2.5)
3 = 1

and the fraction of I  due to electrolyte A

y =  7 W(?12 +  (rA3/rAi)z32) / /  (2 .6)

It is convenient to note that, with the definitions

lA =  ' / s Z i f a  — z3), Ib =  — Z3)  (2.7)
h =  (zi — z2)/(2zz — 2i — z2), Y =  1 — 2y (2.8) 

we have

Ci = yl/h, Ci = (1 — y)I/h 

c3 = - ~ [ 1  -  hY][m/U +  z,/lB] (2.9)
¿Zz

Ma  =  v a im i +  v a 3M3, Mb  =  v b ì H ì  +  v b 3M3 

MR — VA3M1 +  VB3M2 
We define the transformation matrix

and note that

VAI 0 VA3

0 VB2 VB3

,VA3 VB3 0 ,

A /% l\
B ) -= T I d m  1

R / \\ d fi3 /

For an arbitrary vector in the general system 

x = :ridMi +  x2dM2 +  x 3dfj.3 

and the same vector in the ionic system 

X = XA&yA +  #BdMB +  XB.dfJ.-R 
the coefficients are related by the equation

(2.14)

(2.15)

(2.16)

(2.17)

(2.18)

(2.19)

Now we observe that the matrix elements of m are 
the coefficients of the three “vectors"

Now the thermodynamic coefficients which are re­
quired, and which are, at least in principle, accessible 
to experimental determination, are

( 2 .1 0 )

and mb/ and mb», defined analogously.
These are the matrix elements of the inverse of the 

l matrix which appears in the equation

/ df\ _  /T /a A/b\ / ¿ ma\
\dy j  \Lya A»b/  \dMB/ ( 2 .1 1 )

Apparently L is a projection of the m matrix. 
From eq 2.5-2.8 we find

L ja = ( 2 .1 2 )

The other elements of l may similarly be expressed as 
linear combinations of the derivatives

K tj =  dci/dMi; i = 1, 2; j  = A, B (2.13)

We next find the relation of these derivatives, which 
comprise a matrix k, to the elements of m.

For this purpose we define two coordinate systems 
in which the basis vectors are infinitesimal changes in 
the chemical potentials of the components. The 
general system has the basis vectors (vector notation 
is suppressed here) dMi, dM2, dM3 wffiile the ionic system 
has the basis vectors dMA, dMB, dMR where

d c j  =  (ô Cî / ô m iM m i +  ( ô c . / ôm  2)dM2 +  ( à c t / à y  3)  d m

i = 1, 2, 3 (2.20)

in the general system while the desired derivatives (eq 
2.13) are coefficients of the same vectors in the ionic 
system

d c j  =  ( ô Cî/ ô m a M m a  +  ( ô Cï/ ô m b M m b  +  ( ô Cï/ ô m r M m r

i = 1, 2, 3 (2.21)
In view of (2.19) we have

K = t—1 • m (2 .2 2 )

The inverse of t is readily evaluated. We then find 
in general

1 /VAI 0 0\
0 1/VB2 0 J-M (2.23)
0 0 0 /

(The matrix multiplying m in (2.23) is not t - 1; this 
simple form results after evaluating the product in 
(2.22).) With these results l may be expressed in 
terms of m. The resulting l matrix is then inverted to 
obtain the desired coefficients

Ma i — (vA\/ID){c2Mn — Cilli 22)
MA» =  (J vai/L>) ( M i 2/Z B +  M M

(2.24)
MB7 = (vbi/ID) (c2dfll — Cliff21)

MB» = — (Ivb2/D)(Mh/Ir +  Mu/Ia)

The Journal o f Physical Chemistry, Vol. 74, No. 21, 1970



Symposium on Structures of W ater and Aqueous Solutions 3759

where
D =  MnMn — Mu2 (2.25)

To get the corresponding derivatives of /xaox = 
kT(vai +  vas) In y±(A) and of pBex = kT(vB2 +  pbs) 
In t±(B), we subtract the corresponding ideal terms 
from the derivatives given in (2.24). These are ob­
tained directly from the ideal solution condition 
Muid = Ci8tj with the result

MA/‘ d =  kT ( VAl +  VA3 )/I

MA!,id = kTvAily-1 — 2 hzi/z3(l — hY)]
(2.26)

MB/ld = kT(vB2 +  PB3) / /
yByid = —kTvBi[(\ — 2/)-1 +  2hzi/zz(l — hY)}

It should be remarked that (2.26) does not follow from 
(2.24) in the limit of infinite dilution.

Of the four coefficients in either (2.24) or (2.26), only 
three are independent because there is a cross-dif­
ferentiation relation

(£W dcB)CA = (cyB/i>cA)cB (2.27)
which, in terms of y and I  as composition variables, 
reads
jW bCIma/ — Vy Av) — VAilA(Iy-Bi +  (1 — y)yBy) (2.28)
Although only written here for the total y, eq 2.28 also 
holds for the derivatives of y.id and /xex.

When the computations are not too accurate, it is 
often better to neglect eq 2.3, which is then not well 
satisfied, and express the derivatives /xA/, etc., in (2.24) 
directly in terms of the elements of m- 1. This pro­
cedure is straightforward, but the results are lengthy 
and are omitted here.

3. Additional Thermodynamic Relations in 
the McMillan-Mayer System

It is convenient here to introduce a different nota­
tion. We define

S'a 1 =  ma/ V ^ ai (jAy =  ma/V^apai
(3.1)

f fB J  =  M B / eX/ ^ B r B2 { /B y  =  / ¿ B y * * / W M

In general Iavai = V^pai +  rA3)|zi23| which is unity 
for a 1-1 electrolyte, so the use of these coefficients 
simply makes the equations more independent of 
charge type. For example, the cross-differentiation 
relation, eq 2.28, becomes

IgAi -  yg\y = Igm +  (l -  y)gBV (3.2)
For variation in y at fixed I  it is customary to expand 

the mean ionic activity coefficients of each electrolyte 
component in powrers of the concentration of the other, 
for example

(//aex(y,I) — HAex(y,l))/(vAi +  VA3) In 10 =

log1^ ^  = -k T  E  « a»P(1 -  y)v (3.3) 
7±,a(1) p>i

In terms of these coefficients, the Harned coeffi­
cients2’8,12 in the McMillan-Mayer system, we have

g Ay = + ( 2kT\n 10/|ziz3) E  PolaJ v(1 -  y)v
p >1

g By = — (2kT In 10/|züZ3|) E  paBpI py1’- 1
p >  1

For variation of composition at fixed y the electrolyte 
mixture behaves like a solution of a single electrolyte of 
varying concentration, a so-called pseudobinary mix­
ture. The mean chemical potential of the electrolyte 
is

M± =  ( c a m a  +  cbmb) / ( c a  +  cB)
and we find

kT(ò In 7 ±/àI)y = (d^r/òD , =

yg^i +  (1 -  y)gBi
y/lAVAl +  (1  —  y )/ lBVB2

(3.5)

An appropriate double integration at fixed y of the 
function in (3.5) gives the osmotic coefficient. This 
may be compared with the osmotic coefficient obtained 
by the virial equation to perform a virial-compressibility 
self-consistency test of the computation for the mixture 
that is analogous to the one that may be made for the 
solution of a single electrolyte.10

For variation of composition at fixed y, the free- 
energy change may be expressed in terms of the func­
tion

AmFex(y,I) =  F**(y,l) -

yF**(l,I) -  (1 -  y)Fe*(0,I) (3.6)

where Fex is the excess Helmholtz free energy per unit 
volume. We have

dFex = MAexdcA +  /xBexd cB (3.7)

the solvent term not appearing in the McMillan-Mayer 
system. Then we have

ò2AmFe*/òy2 = ò 2Fex/ày2 = I[gAy -  f/Bÿ] (3.8)

Following the usual expansion form for a mixing func­
tion7,8 we write

AmF°*(y,I) = PkTy( 1  -  y) E  fv(!)Y> =
p > 0

l/J*kT E  fv(I)[Yp -  Y*+2} (3.9)
V

By differentiating this with respect to y and comparing 
it with eq 3.8 we obtain the desired relation

g by ~  gBy = —2IkT[f0 — / 2 +
3 Y (fi -  fz) +  6 F2( / 2 -  U) +  • • • ] (3.10)

The computed zeroth moment integrals for a mixture 
of given composition y,I determine the left side of this 
equation directly as described above. By repeating 
this determination for several values of y at fixed I
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one can determine the Y dependence and the coef­
ficients fo, fi, and perhaps / 2. In the computations 
described below it is found that the Y dependence of 
the left side is fairly linear so apparently /„  = 0 for 
p >  1 , which seems to be the experimental situation as 
well.

Next we find how the coefficients in (3.1) determine 
the expansion coefficients wP of the osmotic coefficient 
<j>. These expansion coefficients seem best to be 
defined by the equation17

Am((l -  4>) E  cs) =
—I 2y(l — y)(w0 +  wiY +  w2F2 +  . . . )  (3.11) 

We also have the thermodynamic relation
à(Fex/I)

(1 -  4>)kT E  cs = y (1/// ) J (3.12)

On combining these equations with (3.9) we find

= w, v = 0, 1, 2, . .. (3.13)

This provides one way to compute wv. One derives 
f v from eq 3.10 from computations at several values of 
I  and performs the required differentiation numerically.

A second way to get the wP is to fit eq 3.11 to <f>(y,/) 
computed from the gtj(r) by means of the virial equa­
tion.

A third way to get the wv is to notice that, in view 
of eq 3.7 and 2.9, we have

à(Fex/I)
— tv—  = yÇAi +  (1 -  y)dBi (3.14) 

o l

When this is substituted in (3.12), the Am operator 
applied, and the result compared with (3.11) we obtain

(Wo +  WiY +  .. ,)kT =

ygki +  (l -  y)gm -  ygAii 1,1) -  (1 -  y)gm(0,I)

Here <7a/ (1,-D is the coefficient for a solution of pure A 
while is the coefficient for a solution of pure B.
All the other ^-dependent functions in the equation 
pertain to the mixture of composition y,I.

For the important coefficient iv0 there is also a 
fourth wTay to relate it to the coefficients in (3.1). We 
begin by substituting (3.10) in (3.13) to get

Wo —  U>2 =  —  (V JcT) (ijkyl —  gByl)y = 1/, =

— (V JcT) (g Ajy — giiiy)y = y, (3.16)
The second derivatives are abbreviated

àgxy/àl =  g Kyi, etc. (3.17)
Another expression for the difference appearing in the 
last member may be obtained from eq 3.2

W0 — Wî =

- ( V 2kTI)((à/ày)(y9Ay +  (1 -  y)g*))v-y , =

f o -  h  -  (V JcTI) (yg Am -  (l -  y)gBvv)v=ih (3-18)
Now when the coefficients appearing here are expressed 
in terms of Harned coefficients (eq 3.4), we obtain

Wo — w2 =  —In 1 0 (o:ai/|2i23| +  a B i/l^ l) (3.19)
In all known cases w2 is numerically negligible com­
pared to w0.

It seems that these four methods to obtain w0 from 
the computed correlation functions are independent of 
each other. Their intercomparison then provides three 
self-consistency tests which are analogous to the 
virial-compressibility self-consistency tests for simple 
fluids or solutions of a single electrolyte. However, 
the virial compressibility test for mixtures, which may 
be obtained as described following eq 3.5, is not inde­
pendent of the tests involving w0.

4. Change between McMillan-Mayer 
and Hamed-Owen Systems

This problem has been discussed in detail,7’8-12 but 
a few remarks on notation are required to make that 
discussion easily applicable here. By the Harned- 
Owen system is meant the solution at total pressure P0 
(1  atm) with quantities of solute measured in moles 
and quantity of solvent measured in kilograms.2 The 
concentration of solute species i is expressed as molality 
rnH and is related to c(, the particle number density in 
the McMillan-Mayer system, by

m, = c,F(m,7r)/Aa (4.1)

where F(m,x) is the volume of the solution per kilo­
gram of solvent when the composition is m = mi, 
to2, . . . and the pressure on the solution is P0 +  it 
where tt is the osmotic pressure when P0 is the pressure 
on the pure solvent in osmotic equilibrium with the 
solution. The ionic strength in the H -0  system is 
then

P  = V ,E  mi** = IV(m,T)/N* (4.2)
where I  is the ionic strength in the M -M  system 
(eq 2.5).

The relation between y', the fraction of / '  due to 
electrolyte A, and y (eq 2.6) is more complicated. 
However what is really needed is the relation of the f v 
coefficients of eq 3.9 to the gv coefficients in the equation

AmG(y',P) = (Z')2W ( 1  -  y') X

(go +  g iY '+  g2(Y')* +  ■ ■ ■) (4.3)
This has already been obtained;7-8 the result in the 
present notation is, for the first two coefficients

(17) T his defin ition  is preferred to  a sligh tly  d ifferen t on e  g iven  
earlier8 because it leads to  a sim pler re lation  o f wp to  f p and wp to  
gp;  see eq  3.13.
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do — d / I%  +  bo +  0) (4-4)

Qi =  ( 1 / 1 %  +  bi +  e i  +

(à In I'/àY'h, - b 0 -  e0]} (4.5)

where b0, e0, h, e, are coefficients of known form7'8 
depending on the equation of state of the electrolyte 
solution. For the cases which have been investigated 
they are small enough to be negligible for most purposes.

Also the factor I/1’ can be made nearly unity by the 
following simple device. For the particle number 
density ct and all derived concentration measures in the 
McMillan-Mayer system we adopt as the unit of 
volume

V (0,0)/iVa

where F(0 ,0) is 7 (m,7r) at m = 0 , 0 , . . the volume 
per kilogram of pure solvent at the temperature of the 
solution. Then we have

-  = f, = V(0,0)/V(m,r) (4.6)
W i r

which is within a few per cent of unity for the systems 
of interest here. Of course this convention must be 
used with care in calculations in which temperature 
variations are considered but it has the advantage that 
with it

do ~  fo

gi ~ / i

etc. The small errors in these approximations will 
often be unimportant in view of the fact that the models 
for which the /„  are computed do not have the same 
direct potentials as the experimental systems for which 
the gv may be measured.

In the H -0 system we define the expansion coef­
ficients of the osmotic coefficient by the equation17

Am((l -  <t>') Y  ®s) =

- I ' Y i l  -  y')(wo' +  w,'(l -  2y') +  . .. ) (4.7)

where 4>' is the osmotic coefficient in the H -0  system 
and ms is the molality of solute species s in the mixture 
of composition y',1'. We also have

v  = à(gpr )/ à r  (4.8)

On comparison with (3.13) and (4.4) we find

«V = (i/r)wo +  à(i% )/àr  +
d(/'e0) /d / ' -  (///')(&  In V(m,ir)/5 In F) (4.9)

and similarly for w, . Then in view of (4.6) and the 
expected smallness of b0, e0, and [V(m ,ir)/7(0 ,0) ] — 1 

we expect
wv ~  wp'

Similarly, in view of (4.6), the Harned coefficients are 
approximately equal in the M -M  and H -0  systems.

5. Model and Approximation Method
It has been found that the hypernetted chain (HNC) 

integral equation, an approximation method for com­
puting equilibrium properties of model systems, gives 
accurate results for charged-hard-sphere models for 
aqueous solutions of 1 - 1  electrolytes at concentrations 
up to 1 M 10 ■ 16 •18 as well as for charged hard-sphere-plus- 
square-mound models for the same systems. 16' 19 The 
HNC method is found to work equally well for models 
using more realistic ion-ion potentials which are con­
tinuous functions of the interionic distance. 20 One 
such potential function, which has been investigated 
in some detail in relations to the thermodynamic proper­
ties of aqueous solutions of the alkali halides, 20 is em­
ployed in the present work. In all of these studies the 
McMillan-Mayer solution theory8'11 is exploited so 
that it is sufficient to specify only the potentials of the 
interionic forces for ions in the pure solvent. These 
potentials are assumed to be pairwise additive in the 
model described here, so it is sufficient to specify the 
potential for each pair of ionic species.

In the present work the model, which is discussed in 
greater detail elsewhere, 20 is characterized by ion-ion 
pair potentials of the form

Uij(r) = COZJLi} +  CORi} +  CAVU +  GURtj (5.1)

with the following definitions

COULij = efij/tr (5.2)

where et is the charge on an ion of species i and € is the 
dielectric constant of the pure solvent.

C O R n  = By/r9 (5.3)

is the core repulsion term. For -|—  pairs By is 
chosen so this same repulsive potential, together with 
the electrostatic lattice energy of the -|—  salt crystal, 
gives the observed lattice spacing of the crystal.21 
With this condition in mind Bi} may be expressed in 
terms of the sum of Pauling radii r+* +  r_*. The 
same function is used to express By in terms of rt* +  
r *  even when i and j  have the same sign. With this 
assumption on the form of By the core potential used 
here passes over to the hard-sphere potential based on 
the sum of Pauling radii when one allows the exponent 
of r to increase from 9 to infinity.

CAVtj = (y 26r4)[(e -  e„)/(2 e +  «.)] X
(e ,V 3 +  e/r**3) (5.4)

(18) P . N . V oron tsov -V eliam in ov , A . M . E liashevich , J . C . R asaiah, 
and H . L . Friedm an, J. Chem. Phys., 52, 1013 (1970).
(19) J. C . R asaiah, ibid., 52, 704 (1970).
(20) P . S. R am anathan  and H . L . F riedm an, in  preparation .
(21) L . Pauling, “ N ature  o f  th e  C h em ical B o n d ,”  C ornell U niversity  
Press, Ithaca, N . Y ., 1960.
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is a repulsive term in the potential accounting for the 
fact that each ion i and j  occupies a cavity of dielectric 
constant e„ ~  2  and radius r*  in the solvent medium.8'22

GURn = A qV .-W ,.„(r,* +  w,rh* +  w,r) (5.5)

is the “ Gurney” term, accounting for the contribution 
of overlapping cospheres to the ion-ion interaction.23 
Here Atj is a coefficient which is treated as an adjustable 
parameter; the only parameter in the model which is 
adjusted on the basis of comparison with experimental 
data for electrolyte solutions. Vw is the mean volume 
of a solvent molecule; the molar volume divided by 
Avogadro’s number. Vmu(x,y,r) is the mutual volume 
(overlapping volume) of a sphere of radius x with one of 
radius y when the distance between their centers is r. 
The “ cosphere thickness” w is taken as 2.76 A, the 
diameter of a water molecule. If one adopts the simple 
view that, as two ions get closer together in the region 
of separation in which their cospheres are intersecting, 
the cosphere solvent which is displaced in this process 
returns to the normal state, solvent in cosphere 
solvent in normal pure state, then A tj is the molar free- 
energy change in this process.

A model of this kind does not completely neglect the 
molecular nature of the solvent, which enters not only 
in the parameter e but also in the parameters w and Atj. 
However it does neglect effects which make the poten­
tial of interaction of three ions different from the sum of 
the three pair potentials, as well as still higher order 
terms of this sort.8

In the studies of this model for solutions of a single 
electrolyte20 it is found that one can fit the osmotic 
coefficient data for all the aqueous alkali halides up to 
1  M within 0.005 in <f> using a single set of Gurney co­
efficients A N aNa, AisfaCD A c ic d  A k k > A k c i , etc. Examples 
are shown in Figure 1 for the two electrolytes of special 
interest in the present study. While the disagreement 
of calculated and experimental </> is outside the error of 
the latter, it is felt that it is not worthwhile to seek 
better agreement by adjusting the parameters of this 
model because of the limitations of the model.20

The HNC computer program, 10 rewritten to make it 
applicable to models with continuous pair potential 
functions, 20 is easily extended to apply to solutions with 
more than two species of ions. The principal modifica­
tions are required in the part of the program in which 
various thermodynamic coefficients are computed from 
the pair correlation functions, i.e., after the highly 
optimized part of the program which does the iterative 
part of the computation. The theory relating the 
thermodynamic coefficients to the pair correlation func­
tions in mixtures is discussed above in sections 2 and 3, 
except for aspects which are the same as for solutions of 
a single electrolyte. 10

It is found that the resulting HNC program for elec­
trolyte mixtures works as well as the ones for single 
electrolytes although the mixtures require more core

Figure 1. Osmotic coefficients for aqueous solutions at 25°:
— , experimental, after R. A. Robinson and R. H. Stokes,
“Electrolyte Solutions,’’ Butterworths, London, 19 5 5 ;-----,
computed with Gurney coefficients given in Table I.

space and time of the computer. Typically, a computa­
tion for a particular set of parameters at one concentra­
tion requires about 2 min on an IBM 360/67 using N = 
51224 or 1 min on a CDC 6600 using N =  1024.

Applying this program to models for LiCl-CsCl 
mixtures, it is reasonable to retain the Gurney param­
eters which give good agreement with experiment for 
single electrolytes (Figure 1) and to seek agreement 
with the experimental data for mixtures by adjusting 
the Gurney parameter ALiCs for the only interaction 
present in the mixtures which is absent in the unmixed 
solutions. A satisfactory fit is found for

Aucs = —200 cal/mol

as shown in Figure 2  for w0 values derived by eq 3.11.
The corrections needed to convert w0' into w0 have 

not been made, but from the earlier study7 of the cor­
rections needed to convert g0 into/o for this system it is 
found that the agreement of model and experimental 
results would be improved over that shown in Figure 2 
if the appropriate corrections were included.

While it is regrettable that for this mixture the data 
do not extend below 2  M, this mixture was chosen be­
cause it exhibits a larger | w0\ than the other alkali halide 
mixtures. This is important because it is found that 
in computations with models with smaller |tc0| there are 
difficulties stemming from the numerical error in the 
computed w0 being a sizable fraction of w0 itself.

The computed iv0 exhibits the linear dependence on 
I  (for I  >0.5 M) that is also shown by the experimental 
data for various systems. In view of eq 3.19 this is

(22) S. L evin e and D . K . R ozen th al in “ C hem ical P h ysics  o f  Io n ic  
S o lu tion s,”  B . E . C on w a y  and R . G . B arradas, E d ., W iley , N ew  Y o rk , 
N . Y ., 1966.

(23) R . W . G urney, “ Io n ic  P rocesses in S olu tion ,”  D o v e r  P u b lica ­
tions, N ew  Y ork , N . Y ., 1954.

(24) N  is the nu m ber o f p o in ts  at w hich  each  Uij(r) and Qij{r) is 
sam p led .10
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Figure 2. Mixing coefficients for aqueous LiCl-CsCl mixtures 
at 25°. u)0', experimental values extrapolated below 7' =  2 M
(data and extrapolated values tabulated by R. M . Rush, 
“Parameters for the Calcvdation of Osmotic and Activity 
Coefficients and Tables of These Coefficients for Twenty-Two 
Aqueous Mixtures of Two Electrolytes at 25°,” Report 
ORNL-4402, Oak Ridge National Laboratory, Oak Ridge, Tenn., 
1969; data from R. A. Robinson, T ran s. F a ra d a y  S oc., 49, 1147 
(1953)). /o, wo, computed with Gurney coefficients 
given in Table I.

0 0,1 0,2 0,3

Figure 4. Mixture limiting law for model with coefficients in
Table I.  The In |/0| limiting law lin e---------has slope
(S t N a/F (0,0))1,/2(e32/ e k T )* ^  =  2.355 where e3 is the charge on 
a chloride ion.7,8 The slope of the In |a)0| limiting law line is 3A
as large, as determined by eq 3.13. The curves------ represent
the integral-equation results.

Figure 3. Plot of eq 3.10 for determination of f p  for the L iC l- 
CsCl model with Gurney coefficients given in Table I.

equivalent to the fourth regularity in the behavior of 
mixed electrolyte solutions described in the Introduc­
tion.

The f 0 values in Figure 2 are derived from eq 3.10. 
To do this one plots

(i/Ay -  g n y ) / 2 l k T

as shown in Figure 3 for several values of 7. As this 
figure shows, fi is much smaller than fo and is barely 
significant for this model. For a somewhat similar 
model, when the computations were made with N  =  

1024 rather than N  = 512 (see section 6), and carrying 
13 significant figures rather than 7, f 0 and/i were almost 
unchanged while plots like those Figure 3 lost almost 
all curvature.

Figure 5. Harned rule plots (eq 3.4) for the determination of 
the Harned coefficients together with a plot of eq 3.15 for the 
determination of the w p, all i t  7 =  1 M  for the 
model in Table I.

At low I  both Wo and / 3 show curvature conforming to 
a mixture limiting law which has been described 
earlier.7'8 When plotted on a linear concentration 
scale this limiting law leads to infinite slopes with a 
common intercept for w0 and / 0 at I = 0 , as shown in 
Figure 2 . To display the mixture limiting law one 
must plot In |/0j and In |ic0| as shown in Figure 4. It 
seems clear from these figures that the approach to the 
mixture limiting law occurs at concentrations far below 
those at which the mixing coefficients may be deter­
mined by presently known experimental techniques. 
To some extent the HNO computations reflect the same
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Table I  : Gurney Coefficients for a Model for 
Aqueous LiCl-CsCl in Mixtures at 25°

' ---------- --------Aij, cal/mol------

Ò Li Cs Cl

Li 0 -2 0 0 50
Cs -1 0 0 -1 1 0
Cl 0

< A )=  £ c i| A ,| /£ c i  (6.3.)

where A< is the zeroth-moment defect about an ion of 
species i.16 For the systems studied in section 5, (A) is 
in each case near 0.01. This is larger than found for 
similar computations for a single electrolyte, but a 
mixture model similar to the one discussed in section 5 
was studied using a CDC computer (which carries 13 
figures compared to 7 for the IBM 360/67) using N = 
1024 (rather than N =  512 in section 5). These more

Table I I  : Computed Results for LiCl-CsCl Model

■ I, molai ionic strength-
0.2 0.4 0.7 1.0

ft, eq 3.10 -0.0938 -0.1065 -0.1185 -0.1270
fu eq 3.10 +0.00064 +0.00117 +0.00175 +0.00217
ft, eq 3.10 0.000005 0.0 0.00007 +0.00014

«ai, eq 3.4 0.1044 0.1009 0.0996 0.0993
<xbi, eq 3.4 -0.0551 -0.0447 -0.03689 -0.0318
aA2, eq 3.4 -0.0238 -0.01448 -0.0099 -0.0077
«B2, eq 3.4 -0.0179 -0.0104 -0.0067 -0.0049

wo, eq 3.11 -0.115 -0.129 -0.145 -0.157
Wo, eq 3.13 -0.109 -0.127 -0.143 -0.154
Wo, eq 3.15 -0.118 -0.135 -0.151 -0.162
Wo, eq 3.19 -0.113 -0.129 -0.144 -0.155

difficulty: for models in which iv0 and f0 are substan­
tially smaller it is difficult to find whether the com­
puted values are consistent with the limiting laws be­
cause the numerical errors become large compared to 
the effects which are sought!

The Harned coefficients may be obtained via eq 3.4 
by plotting f/A»/4.606A:T/ and ¡7By/4.606fcT/ as shown 
in Figure 5. These plots are the y derivatives of the 
plots discussed extensively by Harned and Owen.25 
Also shown in Figure 5 is a plot of eq 3.15 for the deter­
mination of the wy While in this example v:2 appears 
to be significant, we have neglected it because it is 
likely to be only numerical noise (c/. discussion of / 2 
above).

The mixing coefficients for this one model (Table I) 
at several ionic strengths are shown in Table II.

6. Accuracy of Mixture Computations
As noted in section 3, the comparison of w0 calculated 

from the correlation functions in various ways includes 
the familiar virial-compressibility self-consistency test 
as well as two others which do not appear for single 
electrolyte solutions. If one expresses the difference 
between the largest and smallest w0 for given I  in Table 
II as an error in <j> (using eq 3.13), the resulting error in 
0 is 0.0002 at I  =  0.2 M, 0.0003 at 0.4 M, 0.0007 at 
0.7 M, and 0.001 at 1 M. Judging by this test the 
computations seem quite satisfactory.

Another test is the zeroth moment condition.16 A 
suitable measure of this seems to be the quantity

accurate computations, made at many compositions at 
I  <  1 M, gave (A) =  0.0015 ±  0.0010 which is more in 
the range judged satisfactory for single electrolyte solu­
tions. However the coefficients gAI, gAy, etc., were 
within 1% of those obtained for the same model using 
the IBM 360/67 with N =  512. Therefore it seems 
that more refined calculations would reduce (A) while 
not significantly changing the results in section 5.

Similar remarks would seem to apply to the second- 
moment condition,16 here defined as the vanishing of 
the quantity

< A ')=  |Ec<z<2Ai|/2>i (6.2)

where A / is the second-moment defect about an ion of 
species i. In the computations reported in section 5 
this ranged from 0.03 at 0.2 M  to 0.16 at 1 M, while 
in the better CDC computations it ranged from 0.03 
at 0.2 M to 0.008 at 1 M .

Additional information concerning the significance of 
the A and A' tests is given in the report on single elec­
trolyte solutions.16

7. Computations for Other Models
A computation was made for a model for aqueous 

L il-Csl mixtures using ALu = 45 cal/mol, ACsi = 
— 135 cal/mol, and the other Gurney coefficients the 
same as those in Table I. These Gurney coefficients 
give a good fit for the single electrolytes Lil and C sl.20

(25) See, for example, Figure 14-5-1 in ref 2.
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Figure 6. Variation of w0 with change in Gurney coefficient at 
1 = 1 M for the model in Table I except for the change in the 
specified Gurney coefficient.

The f 0 computed for this model is the same within 2% 
from 0.2 to 1 M as that in Table II. Thus these com­
putations reproduce Young’s rule. This has been 
found for other models as well.

Computed results for w0 for models like that in Table 
I except for the variation of a single Gurney coefficient 
are shown in Figures 6 and 7. The nearly linear form 
of these graphs for A tj not too large seems to be a 
general feature of models based on eq 5.1. (For single 
electrolytes the linearity appears in <f> as a function of 
one An.) This feature makes it quite easy to adjust 
the Gurney coefficients to improve the agreement of 
computed and experimental thermodynamic coefficients. 
However it also implies that the effects produced by the 
various Gurney coefficients in a model are so similar 
that it is impossible to find a unique set of Gurney 
parameters which gives a best fit.

Figure 7. Variation of w0 with change in specified Gurney 
coefficient at I = 0.7 M for models in which the unspecified 
Gurney coefficients are fixed as follows: ALiLi = TliCs = 
dieses = 4̂-cici = 0; Ac»ci = —135, and Tlici = 50 cal/mol. 
The model with these fixed coefficients also fits the data for the 
single electrolyte solutions.

The small slope of A lha relative to the others in 
Figure 7 is just what is expected on the basis of the 
relatively small volume of the cosphere of Li + and the 
higher electrostatic repulsion at overlap separations for 
such small ions.
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Ultrasonic Relaxation in Manganese Sulfate Solutions1

by LeRoy G. Jackopin2 and Ernest Yeager
Department of Chemistry, Case Western Reserve University, Cleveland, Ohio 1^106 (Received March 2, 1970)

A two-step, three-state association-dissociation model has been used to interpret the ultrasonic absorption 
data for manganese sulfate in aqueous solution, combining data obtained in the present work with literature 
data. The relaxation parameters have been calculated by a weighted nonlinear regression method from the 
experimental data with the nonrelaxational portion of the absorption treated as an additional parameter to 
be evaluated rather than assuming the value to be that of pure solvent. This two-step model accounts for 
the experimental results within the limits of accuracy of the data with no need to invoke a third step. The 
intermediate state in this two-step model is pictured as consisting of a number of specific configurations all 
in rapid equilibrium with the barrier heights for conversion from one into the other not much higher than those 
for the elementary diffusion process for the ions.

Introduction

Renewed interest has been expressed in ultrasonic 
relaxation in various divalent and trivalent sulfate solu­
tions with the appearance of several papers3-5 pro­
viding additional ultrasonic absorption data, particu­
larly at frequencies in the 108-109-Hz range. These 
data have been interpreted in these papers on the basis 
of a multistep association-dissociation of the cations 
and anions similar to that proposed by Eigen and 
Tamm,6 but questions still remain concerning the 
number of relaxational processes and the assignments of 
the eigenfrequencies and corresponding relaxational ab­
sorption magnitudes. A three-step model has been 
used to explain the ultrasonic data for manganese sul­
fate and other divalent sulfates by Atkinson and Ivor;7-9 
Hemmes, Fittipaldi, and Petrucci;4 Tamm;3 and 
Fritsch, et al.5 All of these groups with the exception 
of Hemmes, et al., report three relaxation peaks, two of 
which are quite pronounced and a third much less pro­
nounced at frequencies intermediate to the other two. 
A relaxation peak at such intermediate frequencies was 
not observed for manganese sulfate in aqueous solu­
tions by Hemmes, et al.,* and Jackopin and Yeager10 or 
in a 25 wt %  dioxane-water solution by Jackopin and 
Yeager. In the latter, Atkinson and Kor7 obtained 
data for MnS04 showing a discernible, nonrelaxation- 
ally shaped absorption peak.

Earlier workers7’11’12 reported the low-frequency 
relaxation to be at 3 MHz in aqueous manganese sulfate 
solutions. Jackopin and Yeager,10 however, found a 
value of 5 MHz, which was later substantiated by 
Tamm.3 Considerable discrepancy also exists among 
the values reported3 4’9 for the high frequency relaxa­
tion with the values generally falling in the range from 
150 to 650 MHz for relatively dilute (0.05 to 0.2 M) 
manganese sulfate solutions and even higher for more 
concentrated solutions of other divalent sulfates, ac­
cording to the results of Plass and Kehl.13 These 
workers examined the ultrasonic absorption in various

sulfate solutions at frequencies above 300 MHz by an 
ultrasonic technique that yielded directly the excess or 
difference absorption relative to water. They found a 
relatively broad relaxation peak (relative to water) for 
such divalent sulfates as CuS04 and MnS04. They 
interpreted the data for CuS04 in three ways, (a) 
The observed high frequency broad peak (relative to 
water) may correspond to a distribution of relaxation 
frequencies. An average relaxation frequency was esti­
mated which had an approximate linear concentration 
dependence, (b) The broad peak (relative to water) 
may be due to two relaxation curves, (c) The broad 
peak may correspond simply to a single relaxation pro­
cess with the nonrelaxational absorption of the solution 
deviating from the absorption of pure water. For this 
interpretation Plass and Kehl treated ctni/P as a pa­
rameter to be adjusted so as to best fit a single relaxa­
tion to their high frequency data. The value of anT/f2 so 
obtained was a few per cent higher than aw/p. This 
latter procedure appears the best since it avoids any as­
sumption concerning the nonrelaxational absorption 
and has been used in the present work.

(1) Portions based on a dissertation by L. G. Jackopin submitted to 
the Graduate School, Case Western Reserve University, in partial 
fulfillment of the requirements for the Ph.D. degree, June 1969.
(2) Present address: Chemistry Department, University of South­
ampton, England.
(3) K. Tamm, “ Reports of the 6th International Congress on 
Acoustics,”  Paper GP-3-3, Tokyo, 1968.
(4) P. Hemmes, F. Fittipaldi, and S. Petrucci, Acustica, 21, 228 
(1969).
(5) K. Fritsch, C. J. Montrose, J. L. Hunter, and J. F. Dill, J .  Chem. 
Phys., in press.
(6) M . Eigen and K. Tamm, Z. Elektrochem., 66, 93, 107 (1962).
(7) G. Atkinson and S. K. Kor, J .  Phys. Chem., 69, 128 (1965).
(8) G. Atkinson and S. K. Kor, ibid., 70 , 314 (1966).
(9) G. Atkinson and S. K. Kor, ibid., 71, 673 (1967).
(10) L. G. Jackopin and E. Yeager, ibid., 70, 313 (1966).
(11) G. Kurtze and K. Tamm, Acustica, 3, 33 (1952).
(12) J. R. Smithson and T. A. Litovitz, J .  Acoust. Soc. Amer., 28, 
462 (1956).
(13) K. G. Plass and A. Kehl, Actistica, 20, 360 (1968).
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These uncertainties with respect to the ultrasonic re­
laxation phenomena in divalent sulfates have prompted 
a reexamination of ultrasonic relaxation in such elec­
trolytes. Manganese sulfate has been chosen as the 
test system since the low as well as high frequency re­
laxation for this electrolyte is relatively accessible with 
conventional ultrasonic techniques. The data ob­
tained in the authors’ laboratory10'14 together with that 
reported by Plass and Kehl13 have been combined and 
treated with weighted nonlinear regression data pro­
cessing techniques.14

Experimental Section

Ultrasonic absorption measurements14 have been 
made at 0.75 to 15 MHz with a Carstensen16 type ap­
paratus designed to minimize diffraction errors. A 
conventional send-receive apparatus14 involving pulse 
modulated ultrasonic waves with a variable acoustic 
path has been used from 5 to 95 MHz with application 
of the diffraction correction of Seki, et al.16 Care was 
exercised to ensure proper electrical impedance 
matching, particularly of the calibrated attenuator.

Processing of Data
The absorption coefficients a have been computer 

calculated from the observed attenuator readings at 
various distances. The usual least-squares method was 
used since the standard deviation <r of the attenuation 
measurement was relatively large in comparison with 
the standard deviation of the distance measurement. 
The measured value for as/f2 for water over the fre­
quency range 15-95 MHz (with diffraction corrections) 
at 25° was 21.16 X 10~17 nep sec2/cm  with 2<r = 0.11 X 
10-17 nep sec2/cm  for 14 determinations while for 25 
wt %  dioxane-water the value was 24.43 X 10-17 nep 
sec2/cm  with 2<j =  0.14 X 10-17 nep sec2/cm  for 16 
determinations.

The difference or excess relaxational absorption can 
be calculated17 with respect to the classical absorption 
due to shear viscosity and heat conduction. Meixner18 
showed that to a first approximation the individual ab­
sorption contributions are additive. For the case of 
solutions the excess absorption often has been calculated 
conveniently with respect to the solvent absorption. 
In the present work the difference absorption was cal­
culated relative to the nonrelaxational absorption as

A a =  at — a nr (la)

A a / / 2 = ( a t / / 2) -  ( a nr//2) (lb)

Hr =  ( A a / / 2)/»  =  (A  a)X (2)

where Aa is the excess or difference absorption coeffi­
cient, lx the absorption per wavelength, /  the frequency, 
v the velocity in the solution, and X the wavelength of 
the solution. The subscripts have the following 
meaning: t, total; r, relaxational; nr, nonrelaxational;
s, solvent; and w, water. The nonrelaxational absorp­

tion of a solution can be obtained at frequencies suffi­
ciently high compared to the relaxation frequency. 
Data have generally been lacking at sufficiently high 
frequencies in the 2-2 electrolytes. The measurements 
of Plass and Kehl13 at 3 GHz were for relatively con­
centrated solutions of seme divalent sulfates but not 
manganese sulfate, and these workers were not able to 
obtain a value for anr//• from their data without as­
sumptions concerning the nature of the relaxation peaks 
(as described earlier). Fritsch, et al./‘ made measure­
ments on more dilute solutions including divalent sul­
fates but not manganese sulfate at 6 to 7 GHz using 
Brillouin scattering, but :,he accuracy is only a few per 
cent—apparently short of that necessary to establish 
anr/P with sufficient precision to resolve the question 
of whether there are two cr three relaxation peaks.

Most workers have approximated anr/ / 2 by using the 
solvent value (aa/ / 2). Trie electrolyte, however, modi­
fies the structure of the solvent and the structural re­
laxation time of the solvent. Even a 1% deviation of 
otm/p from as/P can seriously disturb the /ur values and 
give the illusion of an e>tra relaxation peak. Tamm3 
has attempted to avoid this dilemma by assuming that 
the 2-2 electrolytes modify the solvent absorption by 
the same percentage as they modify the shear viscosity. 
He has attempted to substantiate this assumption by 
correlating the absorption changes produced by 1-1 
electrolytes in water with the corresponding shear vis­
cosity changes. Even so, it is still not clear whether 
this approach is sufficiently quantitative to avoid mis­
leading conclusions concerning the existence of the 
intermediate relaxation frequency.

In the present work the anrIP parameter and the 
relaxational parameters ¡x, (maximum excess absorp­
tion per wavelength at the relaxation frequency) and 
fj (relaxation frequency) were obtained by means of the 
equation

Mr = 2T , A M ( P  +  / / ) ]  =  Mt -  (am/P)(Jv) (3)
for a double relaxation j  =  2). This equation pre­
supposes small velocity dispersion. A weighted non­
linear regression method19 involving a Taylor expansion 
has been utilized. Iterative-type computer programs 
for up to five parameters [two sets of relaxation pa­
rameters plus (anr//2)] have been developed. The 
weighting factor has been taken as inversely propor-

(14) L. G. Jackopin, Ph.D. Thesis, Chemistry, Case Western Reserve 
University, Cleveland, Ohio, 1969; L. G. Jackopin and E. Yeager, 
Technical Report 35, Office of Naval Research Contract Nonr 
1439(04), Project NR 384-305, Case Western Reserve University, 
Cleveland, Ohio, June 1969.
(15) E. L. Carstensen, J. A c o i - s t . S o c .  Amer., 26, 858 (1954).
(16) H . Seki, A. Granato, and R. Truell, ib id . ,  2 8 , 230 (1956).
(17) K. F. Herzfeld and T. A. Litovitz, “ Absorption and Dispersion 
of Ultrasonic Waves," Academic Press, New York, N. Y., 1959, 
Chapters 1 and 2.
(18) J. Meixner, A c u s t i c a ,  2,1C 1 (1952).
(19) A. G. Worthing and J. jeffner, “ Treatment of Experimental 
Data," Wiley, New York, N. Y., 1950.
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tional to the variance.19 Such a weighting procedure is 
particularly advantageous when combining data from 
different sources (e.g., different workers, different ap­
paratus).

Other workers have fitted their data to an equation 
for either a/f2 or f/\ur (the Mikhailov20 technique) and 
then determined the relaxation parameters and f, by 
the graphical method or by a least-squares method. 
In general, the use of these different equations gives a 
different implicit weighting to the data, and care must 
be exercised to see that such weighting effects do not 
improperly weight the data. Unfortunately many 
authors have not taken such into account.

Results

The ultrasonic difference absorption values relative 
to the solvent, i.e., (at — as)X, at 25° are given in 
Figure 1 for 0.101 M  MnS04 in water and in Figure 2 
for 0.050 M  MnSOi in 25 wt %  dioxane-water. The 
precision varied over the frequency range but fell within 
the dimensions of the points unless otherwise indicated 
in these figures.

The weighted nonlinear regression technique was ap­
plied to the composite data set of Plass and Kehl13 and 
the present work in aqueous solutions. Unfortunately 
the data of Plass and Kehl are at 20° while those of the 
present study are at 25°. The combination of the two 
sets of data is necessary since neither alone covers a 
sufficiently wide range of frequencies to permit a reason­
ably reliable computer calculation of the relaxation 
parameters for a multistep process. The resulting 
error in the relaxation parameters is believed to be 
smaller than introduced by errors in the actual absorp­
tion measurements, however, on the basis of the ob­
served temperature dependence for the absorption of 
MgSOj solutions of comparable concentrations at fre­
quencies above 200 MHz, found in other work.21

The simplest model— a double relaxation with non- 
relaxational absorption different from the solvent—was 
assumed. The five corresponding parameters were 
computed, and the results are: nonrelaxational absorp­
tion, (anr/ / 2) =  21.86 X 10-17 nep sec2/cm ; low relaxa­
tion frequency,/i =  4.91 MHz, in =  1.36 X 10_3nep; 
high relaxation frequency,/n = 266 MHz, /xn = 1.42 X 
10 ~3 nep. The excess absorption per wavelength rela­
tive to the nonrelaxational value just listed is repre­
sented by the solid points in Figure 1. The solid curve 
has been computed from these five parameters and is to 
be compared with the solid points. The solid points 
fall on the curve in all instances within the precision of 
the experimental data. This includes the 1.5-GHz 
datum point which falls way off the curve but for which 
the error limits would still encompass the curve. On 
this basis one can conclude that two chemical relaxa­
tion processes are sufficient to explain the absorption 
data within the error range and that the postulation of

frequency (H i)

Figure 1. Excess ultrasonic absorption of 0.1 M manganese 
sulfate solution from 0.75 MHz to 1.5 GHz. Open points: 
excess absorption per wavelength of solution relative to water, 
(at — aw)X; solid points: relative to the nonrelaxational value 
of solution calculated on the basis of a double relaxational 
model with a weighted nonlinear regression method, (at —
«nr)X. O, •,—present work at 25°; □, ■—Plass and Kehl13 at 
20°. Error limits are smaller than points 
unless otherwise indicated.

Figure 2. Excess ultrasonic absorption per wavelength for 0.05 M 
manganese sulfate in 25 wt% dioxane-water at 25° relative to 
the absorption of the solvent. The component relaxation curves 
were calculated for a double relaxation model by a weighted 
nonlinear regression method with the absorption of the solvent 
taken as the nonrelaxational component. Error limits are 
smaller than points unless otherwise indicated.

a third relaxation apparently is not necessary and is not 
justified experimentally.

If the nonrelaxational absorption is approximated as 
that of pure water (i.e., anT/P = aw/f2), at least three 
relaxation components are required to represent the 
data, corresponding to the open points in Figure 1, as 
has been found necessary by previous workers in the 
treatment of their data. The difference between 
«nr//2 from the present treatment and aw/ / 2 is only 3%, 
and yet this small amount is sufficient to require a third

(20) I. G. Mikhailov, Dokl. Akad. Nauk SSSR, 89, 991 (1953).
(21) L. Goldfarb, Ph.D. Thesis, Chemistry, Case Western Reserve 
University, Cleveland, Ohio, 1968; L. Goldfarb and E. Yeager, 
Technical Report 32, Office of Naval Research Contract Nonr 1439- 
(04), Project NR 384-305, Case Western Reserve University, Cleve­
land, Ohio, Jan 1968.
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Figure 3. Absorption cross section per wavelength of manga­
nese sulfate solutions relative to that of pure water, as deter­
mined by various workers since 1965. □, Atkinson and Kor,9
0.05 M, 25°; O, Plass and Kehl,13 0.10 M, 20°; •, Hemmes, 
Fittipaldi, and Petrucci,4 0.20 M, 25°; —  Tamm,3 0.10 M,
20° (the curve shown for Tamm’s data was obtained by
summing the three-component relaxation curves); ----- , present
work, 0.10 M, 25°.

relaxation component for interpretation of the data 
treated in this manner.

The data of various authors for the excess absorption 
of MnSCh solutions relative to water are compared in 
Figure 3, using the absorption cross section Q defined as

Q =  2 a/CoL (4)

where C0 is the overall concentration of the electrolyte 
producing the relaxational absorption and L is the 
Avogadro number. The recent results of Tamm3 have 
been included even though they are relative to a non- 
relaxational value for the solution estimated from shear 
viscosity measurements and not relative to pure water. 
At frequencies below 50 MHz, the difference is less than 
the dimensions of the points. Tamm does not give the 
data for this manganese sulfate solution in his publica­
tion-but rather just specifies the three relaxation fre­
quencies and corresponding ^  values. The summation 
of these three relaxation components has been plotted 
in Figure 3. Also shown is the smooth curve for the re­
sults obtained in the present work (open data points in 
Figure 1).

The data of Hemmes, et. al.,4 Tamm,3 and the present 
study indicate that the low relaxation frequency is at 
~ o  MHz rather than 3 MHz as reported in earlier 
papers.7'11’12 This relaxation frequency should have 
only a relatively small concentration dependence at the 
concentrations used for the data in Figure 3, according 
to the model for the relaxation processes discussed later 
in this paper. To a first approximation there appears 
to be agreement among most of the data except in the 
diffraction region and at the frequency extremes of the 
different apparatus.

Data for the excess absorption per wavelength rela­
tive to solvent for 0.05 M  MnS04 in 25 wt %  dioxane- 
water (Figure 2) are available over a too limited range

to permit the evaluation of four relaxation parameters 
plus the nonrelaxational absorption. The weighted 
nonlinear regression metnod, however, was applied to 
these results assuming two relaxation frequencies and 
using the observed solvent absorption as an approxi­
mation to the nonrelaxational component. The relaxa­
tional components so calculated together with the sum­
mation value of the excess absorption per wavelength 
calculated from them are plotted in Figure 2. At best, 
these components can only be considered semiquanti- 
tative. Nevertheless, no need is evident for the postu­
lation of a third relaxation at frequencies intermediate 
to the low and high components.

Interpretation of Results
The two ultrasonic relaxation processes are believed 

to be represented by the following reaction mechanism

*BA

STEP: 1

STATE: A

STEP:

STATE:

where the solid circles represent the Mn2+ cation, the 
open circles the oxygen of the water molecules, and the 
circles with a cross one of the four oxygen atoms of the 
sulfate anion. Hydrogen atoms and most of the oxygen 
atoms of the hydration water molecules are not shown.

State B is a collection of states which are believed to 
be in rapid equilibrium some of which are represented 
in eq 5. The water mo ecules of a hexahydrated cation 
can be represented in three dimensions at each face of a 
cube. Only the four planar water molecules in the 
inner coordination sphere of the Mn2+ cation are shown. 
In state B1 one sulfate oxygen is in the outer coordina­
tion sphere of the Mn2+ cation and is situated at the 
corner of the cube. I i  state B2 a sulfate oxygen is 
hydrogen bonded to an inner coordination sphere water 
molecule of the cation but is not in the outer coordina­
tion sphere of the cation. In state B3 an oxygen in the 
outer coordination sphere of the Mn2+ ion is directly 
hydrogen bonded to an oxygen of a S042- ion. In state 
B4 the inner hydration sheaths of both the Mn2+ and 
SO42- ions are still intact, and none of the water in the 
outer coordination sphere of the Mn2+ is hydrogen 
bonded directly to an oxygen of the S042- ion. The 
interconversions of these four states and other less de­
finable states are believed by the authors to be charac­
terized by barrier heights comparable to those involved
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in rotation of the hydrated ions and not much higher 
than those for diffusion. State B1 is probably the 
closest approach of the two ions before a barrier is 
reached which is substantially higher than that for 
diffusion, and consequently states B4 to B2 may be 
considered as just stages in the diffusional approach to­
gether of the two ions. Under such circumstances the 
treatment of the conversion from state B4 into state B1 
as a separate process from the overall diffusional ap­
proach of the two ions is very questionable. On these 
grounds the authors prefer the three-state model rep­
resented by eq 5 for the treatment of the relaxational 
data to the four-state model of Eigen and Tamm,6 
which treats the two encounter complexes with one 
water molecule and with two water molecules inter­
spersed between the cation and anion as separate states.

The kinetic and thermodynamic quantities for the 
two steps corresponding to eq 5 have been calculated 
from the relaxation parameters as follows. The overall 
dissociation constant K¿ is given by

K d =  Cc27±2/  (Ca +  CB) (6)

where y± is the mean ionic activity coefficient, Ca and 
Cb are the concentrations of states A and B, respec­
tively, and Cc is the concentration of state C which is 
taken as equal to the free cation concentration (Cm). 
The activity coefficient has been calculated from the 
semiempirical Davies22 equation (at 25°)

log 7± = 0.52m2a[7vV (l +  I'h) ~  0.37] (7)

where 7 is the ionic strength and zm and za are the 
charges of the cation and anion, respectively. The 
activity coefficients of the uncharged complexes and 
the water molecules were taken as unity. An iteration 
technique was used to calculate the Cc, (Ca +  Cb), and 
7± values with the average overall dissociation constant 
of 6.11 X 10~3 M selected from three tabulated values.23

The equilibrium constant for step 2 has been calcu­
lated from the Debye-Fuoss equation24

K cb =  4Tr7/a3{exp[ — 2mZaeV(aefcT)]}/3000 (8)

where a is the separation distance between charge 
centers in the ions, e is the dielectric constant, e is the 
elementary charge, k is the Boltzmann constant, and T 
is the temperature. This equation is based on a con­
tinuum dielectric model and is not reliable for charge 
separation distances comparable to the ionic or mo­
lecular dimensions. It does not take into account di­
electric saturation. Nevertheless most workers have 
made use of it. The charge separation distances in the 
four B states, estimated from bond and van der Waals 
radii, are 5.5 to 9.2 X 10-8 cm. It is relatively difficult 
to determine the proper distance to use. Consequently, 
calculations were made for a range of charge encounter 
separation distances using the dielectric constant of 
bulk water.

The equilibrium constant K AB was calculated from

K d = K abK bc/ (1 +  TCab) (9)

and used to calculate Ca and CB.
The high frequency relaxation is attributed to the 

diffusion-controlled formation of state B from the free 
ions (step 2). The equations used for this step take 
the form14

2tt/ ii =  1 /th = y±*kcBCc2F(CB,Cc) (10)

where

E(Cb,Cc) =  (1/CB) +

(2/Cc) +  2(0 In 7±/d&) (10a)

kcB — A cb^bc (10b)

mii =  7rpw2(AUBc) V  [2RTF(Cb,Cc)] (11)

and p is the density and is the reaction variable of 
de Donder,26 which indicates the instantaneous extent 
of reaction for step 2. Equations 10, 10a, 10b, and 11 
were used to calculate fcCB) 7bc, and AFBc from the 
experimental data.

The quantities kBa, 7ab, and AFab were calculated 
by means of the additional equations14

2t / i  =  1 / r i  =  &a b (1  +  TCa b ^ c b V i i )  ( 1 2 )

fcCB' =  7±2fccBCc2[(2/Cc) +  2(0 In 7±/dfc)] (12a)

MI =  7t pv2 (A F i) 2/caBCati/  (2R T) (13)

AFi =  AFab +  AFscfcacrn (13a)

These equations result from a normalized coordinate 
treatment26 of a two-step process with the assumption 
that ti »  m . Only the normalized reaction volume 
change has been included in eq 11 and 13 since the 
temperature perturbation associated with the propaga­
tion of sound through water and relatively dilute 
aqueous solutions is relatively small. The signs of 
the volume change A F ab and the normalized reaction 
volume change AFi were chosen on the basis of électro­
striction considerations (i.e., A F ab , A F Bc should be 
both negative).

If adequate ultrasonic data were available over a 
range of concentrations, the rate constants could be ob­
tained from the concentration dependence of the re­
laxation frequencies without the need for the Debye- 
Fuoss equation. Unfortunately such is not possible 
with the limited reliable data now available. To ob­
tain such data will require measurements in more con-

(22) C. W. Davies, “ Ion Association,”  Butterworths, London, 1962, 
Chapter 2.
(23) L. G. Sillén and A. E. Martell, “ Stability Constants of Metal- 
Ion Complexes,”  2nd ed, Special Publication 17, The Chemical 
Society, London, 1964.
(24) R. M . Fuoss, J. Amer. Chem. Soc., 80, 5059 (1958).
(25) T. de Donder and P. Van Rysselberghe, “ Thermodynamic 
Theory of Affinity,”  Stanford University Press, Stanford, Calif., 1936.
(26) For details of the generalized treatment of a two-step reaction 
mechanism and the specific treatment of the mechanism correspond­
ing to eq 5, see ref 14.
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Figure 4. The dependence of the calculated values of the rate 
constants, reaction volume changes, and concentration of the 
inner sphere complex as a function of the charge separation 
distance for state B.

cenfcrated solutions than used in the present study 
since the accuracy is too limited in more dilute solutions. 
Activity corrections of the type represented by the y±2 
term in eq 10, however, are very dubious in relatively 
concentrated solutions. In principle, it is not correct 
to develop a relaxational treatment of the second-order 
diffusion-controlled formation of an encounter complex 
of two ions while ignoring the perturbation of the ionic 
atmosphere and the ionic fluxes within the ionic atmo­
sphere, and then to append a correction for ionic atmo­
sphere effects, based on equilibrium considerations. 
In a sense, the encounter complex corresponds to a 
limiting distance of approach within the ionic atmo­
sphere concept. A simultaneous treatment of ionic 
atmosphere relaxation and chemical relaxation is 
needed and seems possible but remains to be done.

The results of these calculations are given in Figure 4 
as a function of the charge separation distance corre­
sponding to state B. The tendency for maxima or 
minima in these plots arises because the Debye-Fuoss 
equation for the association constant Kcb (eq 8) passes 
through a minimum with decreasing distance provided 
dielectric saturation effects are ignored. The cal­
culated rate constants are relatively insensitive to the 
charge separation distance particularly for values 
greater than 6 or 7 A. The values of the rate constants 
and volume changes are given in Table I for the separa­
tion distance of 5.5 A corresponding to the closest ap­
proach for state B (outer coordination sphere). The 
rate constant (fesA) for the formation of the inner co­
ordination sphere complex, corresponding to state A, 
compares favorably with the independently obtained 
nmr value27 of 2.5 X 107 sec-1 at 25° for the removal of 
a water molecule from the inner coordination sphere. 
Such is to be expected since the introduction of a ligand 
such as S042- into the inner coordination sphere of 
Mn2+ proceeds probably through an SnI mechanism.

Table I  : Rate Constants and Reaction Volume Changes 
for Aqueous Manganese Sulfate Solution

A. Present study: Two-step model (0.10 M MnS04, 25°)
A B v± C

k 2 X 107 sec“ 1 10 X 10s sec-1
k 2 X 107 sec-1 8 X 1010 M~l sec“ 1
AF —2 cm3/mol —9 cm3/mol
B. Tamm3: Three-step model (0.50 M MnS04, 20°) 

MA vi MwA JVJwwA M +  A

k 2.2 X 107 sec-1 3.7 X 10s sec-1 2 X 109 sec“ 1
k 2 X 107 sec-1 2.8 X 109 sec-1 4 X 10“  M~x sec“ 1
AF — 3.5 cm3/mol +  13.3 cm3/mol — 18.3 cm3/mol

The signs of the volume changes are not revealed by 
the experimental data since the square of the volume 
changes are involved in the equations for m and un. 
Both AFbc in eq 11 and AFi in eq 13 were taken as 
negative in order to obtain signs for AFbc and AFab 
consistent with what would be expected on the basis of 
électrostriction effects. The magnitude of the volume 
change for both steps seems reasonable, although AFab 
is perhaps somewhat smaller than might be expected 
for the introduction of a water molecule into the inner 
coordination sphere of Mn2+.

Also listed in Table I are the values associated with 
the three-step, four-state model, as evaluated by 
Tamm3 from his ultrasonic absorption data for MnS04. 
Tamm used the nmr value ?or the rate constant for the 
replacement of water by S042~ in the inner coordina­
tion sphere of Mn2+. In addition Tamm makes use of 
the Smoluchowski-Debye-Eigen equation28 for the 
diffusional controlled rate constant. Tamm’s pro­
cedure has the disadvantage of preventing any inde­
pendent comparison of the ultrasonic results with the 
nmr results. Furthermore the use of the Smoluchow­
ski-Debye-Eigen equation is at least as questionable 
and perhaps more so than the Debye-Fuoss equation. 
With Tamm’s model and calculations, one of the AF 
terms must be of opposite sign to be consistent with his 
ultrasonic data and Tamm has taken this to be the AF 
term for the step MwA MwwA. It is difficult to 
understand either the sign or large magnitude of this 
quantity on the basis of électrostriction effects.

Equations 6-13 permit Aie prediction of the concen­
tration dependence of the ultrasonic relaxation pa­
rameters. These predictions are given in Figure 5 for a. . o
charge separation distance of 5.5 A. The rate con­
stants and reaction volume changes were assumed to be 
concentration independent. Unfortunately neither the 
present data nor the reliable literature data are sufficient 
to confirm all of these predictions. Further, it is rela­
tively difficult to compare quantitatively the results

(27) T. J. Swift and R. E. Connie k, J. Chem. Phys., 37, 307 (1962).
(28) M. Eigen, Z. Phys. Chem. (Frankfurt am Main), 1 ,176 (1954).
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stoichiometric concentration, C0 (M)

Figure 5. Predicted values for the ultrasonic relaxation 
parameters of the double relaxation model at various 
concentrations in aqueous manganese sulfate solutions at 25°.

and predictions of the present model— based on a 
double relaxation and five parameters—-with the ex­
perimental results obtained from other models— based 
on a triple relaxation and six or seven parameters. The 
predicted concentration behavior of the low frequency 
relaxation parameters can be compared with the experi­
mental results of Tamm3 since the high frequency 
effects due to the model and anr/ / 2 are expected to be 
relatively small. There is relatively good agreement 
for the concentration dependence of fi and m in this

case. The relaxation frequency / i  has only a small 
concentration dependence and increases with increasing 
concentration. The quantity (pi/C0) exhibits a large 
concentration dependence and decreases with increasing 
concentration in both cases. The present model pre­
dicts a maximum in this quantity whereas Tamm’s ex­
perimental results decrease monotonically and some­
what less rapidly. The high frequency relaxation pa­
rameters can only be compared with the “ peak”  values 
(i.e., the values at the peak of the broadened (at — 
aw) X curve) of Plass and Kehl13 for cobalt sulfate solu­
tions. The relaxation frequency f n  and /peak increase 
linearly with the stoichiometric concentration. Plass 
and Kehl observed a maximum in [ ( a t — a w ) X ] peak / C 'o  

with respect to concentration which is in accord with 
the predicted behavior of the present model.

All things considered, it does not appear necessary to 
postulate a three-step, four-state model to explain 
ultrasonic relaxation data for MnSCb and probably not 
also for other divalent sulfates.
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Ionization of Moderately Strong Acids in Aqueous Solution. 

I. Trifluoro- and Trichloroacetic Acids

by A. K. Covington, J. G. Freeman, and T. H. Lilley
Department of Physical Chemistry, School of Chemistry, University of Newcastle upon Tyne, England 
(.Received March 2, 1970)

The extent of ionization of trifluoro- and trichloroacetic acids has been studied by Raman and nmr spectro­
scopic methods. Acidity constants of between 4 and 9 and between 2 and 5 mol 1._1, respectively, have been 
estimated. In spite of the uncertainties in such estimations the values are considerably higher than literature 
values obtained by indicator or conductance methods. This finding can be explained by assuming that the 
dissociation of an acid takes place in two stages, ionization followed by dissociation of an ion-pair species, 
and that different experimental methods do not necessarily measure the same aspect of this two-stage process. 
These conclusions, which are valid for low dielectric constant solutions, are tentative as far as aqueous solutions 
are concerned and further experimental evidence is required.

In this series of papers, the results will be described of 
investigations, by those experimental methods which 
were available and applicable, of the ionization equi­
libria of a number of acids in aqueous solution. The 
power of such an approach has recently been demon­
strated by Pethybridge and Prue1 with their studies of 
iodic acid. The acids chosen are those which are mod­
erately strong (which we arbitrarily define as those with 
reported pK h in the range — 2 <  pA a <  2) in aqueous so­
lution. The object of the investigations has been, be­
sides the use of several experimental techniques, the 
critical examination of the accuracy of the methods used 
and of the assumptions, both explicit and implicit, in­
volved in the calculations. Such a critical appraisal of 
methods is important for it has been suggested2 that 
differences in reported pA a values can always be attrib­
uted to either experimental inaccuracies or the assump­
tions involved in the treatment of the data. The view 
held by a few3 4 that different experimental methods 
can, in principle, yield different apparent pK  values, at 
least for aqueous solutions, has been dismissed;6 how­
ever, the possibility is allowed for low dielectric constant 
solutions.6 Acids of moderate strength have been 
chosen for study because, in their investigation, the 
classical techniques of conductance, emf, etc., are 
stretched to their limits, while the newer techniques of 
Raman and nmr spectroscopy become applicable.

At this stage it may be helpful to comment on the 
nomenclature to be employed in this series of papers. 
We shall refer to the constant, conventionally defined 
as

K a =  O h  + « a  - / ( i n  a

for the acid HA, as the acidity constant, irrespective of 
the fact that, as we shall seek to show, it may be, de­
pending on the experimental method used, a composite

or overall constant for a two-stage process of ionization 
and dissociation (vide infra, eq 3a). In view of this we 
are unable to employ the often used terms ionization 
constant or dissociation constant which in eq 3a must be 
distinguished from each other and from K & which is then 
only an apparent acidity constant. Notwithstanding 
these considerations, we are forced, because of the lack 
of a suitable acceptable alternative to refer to the degree 
of ionization, which is to be regarded as synonymous 
with, but for reasons discussed later is preferred to, the 
term degree of dissociation. The terms ionization and 
dissociation are hence in this context to be regarded 
loosely.

In this paper we report studies of trifluoro- and tri­
chloroacetic acids, and in subsequent papers in the series, 
picric and other acids will be discussed. A pmr study7 
of methanesulfonic acid is to be regarded as part of this 
series. Experimental measurements of the proton 
chemical shifts and of Raman intensities of the two sub­
stituted halogeno acetic acids will be reported. Tri- 
fluoroacetic acid (TFA) has previously been examined8 
by pmr chemical shift measurements and was studied 
simultaneously with the present investigation by the

(1) A. D. Pethybridge and J. E. Prue, Trans. Faraday Soc., 63, 2019 
(1967).
(2) T. F. Young and D. E. Irish, Ann. Rev. Phys. Chem., 13, 442 
(1962).
(3) G. N. Lewis and M. Randall, “ Thermodynamics,”  2nd ed, 
K . S. Pitzer and L. Brewer, Ed., McGraw-Hill, New York, N. Y., 
p 308.
(4) G. Scatchard, J. Amer. Chem. Soc., 83 , 5043 (1961).
(5) E. J. King, “ Acid-Base Equilibria,”  Pergamon, Oxford, 1965, 
p 55.
(6) Reference 5, p 280.
(7) A. K. Covington and T . H. Lilley, Trans. Faraday Soc., 63, 1749 
(1967).
(8) G. C. Hood, O. Redlich, and C. A. Reilly, J. Chem. Phys., 23, 
2229 (1955).
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Raman method in two other laboratories.910 No nmr 
study of trichloroacetic acid (TCA) has been reported, 
and the only quantitative study by Raman spectroscopy 
was that of Rao,11 who used a photographic plate tech­
nique. It was necessary to repeat the pmr measure­
ments8 on TFA because they did not extend to suffi­
ciently low concentration to enable the chemical shift 
contribution of the hydrated proton to be evaluated.

Experimental Section
Chemical shift measurements were made as described 

in another paper.12 Bulk diamagnetic susceptibility 
measurements were made by the Gouy method and cor­
rections were applied.

Raman intensity measurements were obtained with a 
modified Hilger E612 recording spectrometer as de­
scribed elsewhere.12-14 Assignments have been given16'16 
for the Raman bands of anion and undissociated acid 
species in the spectrum of TFA. Quantitative mea­
surements were made on the ^i(Ai) anion band at 1438 
cm-1. This band, due to the C -0  symmetrical stretch 
vibration,11'17 occurs for TCA at 1348 cm-1. Measure­
ments were made on the sodium and ammonium salts of 
each acid also.

Reagent grade TFA (B.D.H. Ltd.) was twice dis­
tilled, and the fraction distilling between 72 and 74° was 
collected. Titration with standard alkali indicated a 
purity of 99.91% (average of three weight titrations). 
Analar grade TCA (B.D.H. Ltd.) was stored over phos­
phorus pentoxide for several days before use as it is 
rather hygroscopic. Its purity was found to be 99.99%.

Sodium and ammonium salts of the two acids were 
prepared by carefully neutralizing the cooled acid with 
either sodium hydroxide (pellets and 1 M  solution) or 
ammonia (B.D.H. Analar 0.880). The stock solutions 
thus produced were diluted and after passage through a 
freshly prepared cation-exchange column (Amberlite 
IR 120H), analyzed by titration with standard alkali. 
Titrations were performed using the Radiometer auto­
matic titration equipment. It is very important to 
prevent the trichloroacetate solutions overheating on 
neutralization because thermal decomposition occurs 
readily in presence of alkali. The reported violet color­
ation11 was never observed.

Results
Pmr measurements. Chemical shift data for TFA are 

given in Table I. Agreement with the results of Hood, 
Redlich, and Reilly8 at the higher concentrations is 
good. The method of Hood, Jones, and Reilly18 was 
used to obtain the chemical shift of the hydrated proton 
(11.60 ppm) (Figure 1). This value happens to be al­
most the same as that assumed by Hood, Redlich, and 
Reilly8 (11.62 ppm) which was the mean of the values 
for hydrochloric and nitric acids. As has been shown 
elsewhere,12 because the effect of anion solvation is im­
portant it is essential that the value used should be de-
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Table I: Chemical Shifts (s) and Degrees of 
Ionization (a) for TFA at 25°

mol 1. ~l p Sobsd, ppm

0.004565 0.0509
0.007045 0.0717
0.009569 0.1047
0.01388 0.1542
0.01754 0.1889
0.02115 0.2235

0.68 0.02171 0.2315 0.903
1.78 0.04925 0.454 0.748
2.74 0.09051 0.7425 0.641
4.10 0.1532 1.059 0.504
7.25 0.3879 1.717 0.241
8.24 0.5055 0.961 0.183
8.86 0.6061 2.029 0.127

10.12 0.8707 2.376 0.061
13.06 3.000 6.45

termined from low concentration measurements on the 
same acid. There is some uncertainty about the value 
for the chemical shift of the undissociated acid in that, 
as suggested by Hood, et of.,8 at high concentrations 
there may be equilibrium between dimers and mono­
mers. In Table I values of a, termed the degree of 
ionization, have been calculated from the equation12

“  =  SHjo+a H— (1 — a) (1)
V 3

where p is related to the mole fraction of the acid x by 
p =  3a;/(2 — x) and sha =  6.45 ppm for the anhy­
drous liquid acid in contrast to 8.01 ppm the value pre­
ferred by Hood, Redlich, and Reilly.8 In Figure 2 these 
values of a are compared with the previous data8 and 
also with Raman results to be described later.

Chemical shift data for TCA are given in Table II. 
The chemical shift of the hydrated proton was again 
determined by extrapolating16 a plot of s/p to p = 0 
(Figure 1). The value obtained was 13.45 ppm. The 
chemical shift of the un-ionized acid is more difficult to 
evaluate because at room temperature pure TCA is a

(9) M . M . Kreevoy and C. A. Mead, Discussions Faraday Soc., 39, 
166 (1965).
(10) R. E. Weston, private communication.
(11) N. R. Rao, Indian J. Phys., 17, 332 (1943).
(12) J. W . Akitt, A. K . Covington, J. G. Freeman, and T . H . Lilley, 
Trans. Faraday Soc., 65, 2701 (1969).
(13) A. K. Covington, M . J. Tait, and W . F . K . Wynne-Jones, Proc. 
Roy. Soc., Ser. A, 286, 235 (1965).
(14) A. K . Covington, L. Molyneux, and M . J. Tait, Spectrochim. 
Acta, 21, 351 (1965).
(15) N. Fuson, K . Josien, E. A. Jones, and J. R. Lawson, J. Chem. 
Phys., 20, 1627 (1952).
(16) R. E. Robinson and R. C. Taylor, Spectrochim. Acta, 18, 1093 
(1962).
(17) H . Wittek, Z. Phys. Chem. {Leipzig), B51, 103 (1942).
(18) G. C. Hood, A. C. Jones, and C. A. Reilly, J. Phys. Chem., 63, 
101 (1959).
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Figure 1. Determination of the chemical shift of the hydrated 
proton in TFA and TCA solutions : O, TCA, X, TFA (this 
work); + , TFA (Hood, Redlich, and Reilly8).

Molarity, M.

Figure 2. Degrees of ionization for TFA. Raman: O, 
Kreevoy and Mead9; 9, Weston10; •, this work.
Nmr: + , Hood, Redlich and Reilly;8 X, this work.

solid. Inspection of Figure 1 shows that s/p for TCA 
becomes constant as the concentration increases, and 
this indicates that a = 0 when p is large enough. A 
value of sha =  18.24 ppm was estimated from Figure 1.

Table H : Chemical Shifts (s) and Degrees of
Ionization (a )  for TCA at 25°

/---------- a values----------s
c, Sobsdi SHA = SHA =

mol l.“1 V ppm 18.24 16.35

0.499 0.0140 0.178 0.900 0.909
0.942 0.0276 0.331 0.803 0.819
1.316 0.0398 0.445 0.694 0.718
1.737 0.0546 0.571 0.592 0.625
2.322 0.0774 0.716 0.434 0.479
2.740 0.0952 0.812 0.334 0.386
3.527 0.1335 0.994 0.186 0.250
3.956 0.1573 1.096 0.125 0.189
4.254 0.1754 1.154 0.079 0.151

0.2923 1.764
0.3801 2.292

Values of a calculated from eq 1 using this value and a 
lower one (16.35) are given in Table II and compared 
graphically with Raman derived values in Figure 3.

Raman Measurements. The v\ Raman band of the 
trifluoroacetate anion in the acid and the sodium and 
ammonium salts solutions was scanned from 1340 to 
1580 cm-1. It is a comparatively weak band and in 
addition lies upon a continuously sloping base line,16 
making base line drawing somewhat subjective. Band 
areas were obtained using an Allbrit planimeter. Band 
intensities are estimated to be accurate to 4%  because 
of these limitations. Half-width and frequency of the 
band maximum were also measured for all solutions. 
For the intensity measurements compensation for in­
strumental drift was made in the manner described 
previously.13 A dilute solution of the sodium salt was 
used as standard for the acid measurements, and con­
centrated salt solutions for the work on the sodium and 
ammonium salts. The various standard solutions were 
intercompared so that the intensity measurements could 
be brought to a common basis (the 7.753 M  sodium TFA 
solution was chosen).

For both salts studied the Raman intensities, R (Table 
III), lay on a common straight line within experimental 
error when plotted against stoichiometric concentration. 
Half-width and band maxima remained constant with 
increase in concentration for the ammonium salt but for 
the sodium salt the band shifted to higher wavelengths 
and broadened. The changes (4 and 5 cm-1, respec­
tively) were only just outside the likely experimental 
error.

The problem of the most appropriate salts to use in 
order to find the specific intensity, and hence the anion 
concentrations and a values of an acid, has been dis­
cussed by Clarke and Woodward,19 who have given 
their reasons for preferring the ammonium salt following 
the arguments of Vollmar.20 For TFA it appears that

(19) J. H . R. Clarke and L. A. Woodward, Trans. Faraday Soc., 62, 
3022 (1966).
(20) P. M . Vollmar, J. Chem. Phys., 39, 2236 (1963).
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Table I I I  : Raman Intensities for TFA and Its Sodium and Ammonium Salts. Values of a 
and Half-Widths at Half-Height (0) for TFA

,---------------N a T F A --------------- . ,--------------- N H .T F A --------------- . ----------------------------------------------------- T F A -
M ol M o l M o l ft
l.-i R l.-i R a l.-i R b a c m -1

1.784 0.206 1.209 0.135 0.500 0.233 0.934 14.2
2.000 0.259 1.771 0.207 1.000 0.451 0.902 14.6
2.475 0.324 2.418 0.305 1.500 0.567 0.756 14.6
3.567 0.471 3.542 0.475 2.000 0.758 0.758 15.1
4.950 0.571 4.837 0.631 2.500 0.883 0.706 15.6
7.753 1.000 6.055 0.763 3.000 0.873 0.582 15.8
8.459 1.082 3.500 1.075 0.614 16.2

4.000 1.026 0.513 16.6
4.524 1.084 0.480 17.2
6.626 0.983 0.297 20.3
8.193 0.844 0.206 24.8

Relative to 7.753 M NaTFA. b Relative to 2.000 M NaTFA.

the sodium and ammonium salts are equally suitable 
and yield the same values of a which are given in Table
III. In Figure 2 they are compared with the Raman 
results of Kreevoy and Mead9 and of Weston;10 there is 
good agreement within experimental error.

The vi band of the trichloroacetate ion was scanned 
from 1220 to 1500 cm-1. It is also situated on a sloping 
base line, and its intensity is lower that that of the tri- 
fluoroacetate vi band. Intensities could be estimated 
to within 4r-5%. Half-widths and band maxima for 
the salts remained constant within experimental error 
(± 6  cm-1). Measurement of these parameters was 
complicated by the presence of a shoulder on the side of 
the 1348-cm-1 band at about 1370 cm-1. It was pres­
ent in salt and acid solutions and its position relative to 
the band maximum was found to be unaffected by the 
anion concentration or the cation present (Na+, NHi+, 
or MeiN +). Thus the whole band area could be evalu­
ated with the planimeter without incurring error. The 
relative intensities (Table IV) of the sodium and ammo­
nium salts were linear with concentration and coincident 
within experimental error. As for TFA it appears that 
both salts are equally suitable as standards. Values 
for a are given in Table IV and are compared graphi­
cally with the nmr results in Figure 3.

Table I V : Raman Intensities for TCA and Its Sodium and 
Ammonium Salts. Values of a for TCA

_________I___ ______1________ I________ i_________ i
1 2 3 4 5

Molarity, M .

Figure 3. Degrees of ionization for TCA. Raman: + , Rao;
O, this work. Nmr: X , this work (sha = 16.35 ppm);
------- , this work (sha = 18.24 ppm).

--------N a l
M ol

rcA— v --------N H i
M o l

T C A -------.
M o l

------T C A -

1.“» R I."! R a l . - i R b a

1.065 0.277 1.131 0.282 0.61 0.134 0.880
1.916 0.425 1.456 0.338 1.20 0.236 0.785
2.802 0.674 1.867 0.422 1.80 0.281 0.627
3.194 0.721 2.279 0.498 2.40 0.249 0.416
3.852 0.836 2.648 0.620 3.00 0.298 0.396
4.000 0.920 3.60 0.255 0.283
4.258 1.000 4.20 0.168 0.160

4.80 0.158 0.130
° Relative to 4.258 M NaTCA. b Relative to 4.000 M NaTCA.

Discussion
For TFA the agreement between Raman and nmr re­

sults is good (Figure 2) if 6.45 ppm is taken for the 
chemical shift of the un-ionized acid. Above 6-8 M  
there is a small divergence between the two methods 
which is almost within the experimental error but which 
could arise from a Raman band overlap. The band 
maximum was observed21 to shift from 1438 cm-1 at 
0.5 M  to 1455 cm-1 at 8 M which suggests that a band

(21) A. K . Covington, Discussions Faraday Soc., 39, 176 (1965).
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which appears in the spectrum of the anhydrous acid 
at about 1455 cm-1 is probably contributing to the 
measured intensity of the vi band at the higher concen­
trations. Weston22 suggested that the band is due to a 
dimer and that its intensity was about a tenth of that 
of the vi band. The origin of the sloping base line, 
which forms part of a very broad band extending several 
thousands of wave numbers, is obscure.

If 16.35 ppm is arbitrarily taken for the chemical 
shift of un-ionized TCA, the agreement between Raman 
and nmr is good. Figure 3 includes one point estimated 
by Rao.11 As with TFA, the m band was observed to 
broaden and shift to higher wavelengths with concen­
tration, but no quantitative measurements were possi­
ble.

Previous values reported for the acidity constant 
(Kb) of TCA and TFA are summarized in Table V. To

Table V : Values for the Acidity Constants 
(Kb) of TFA and TCA

Method

Kb,
mol
l.-> Workers

TFA Conductance 0.588 Henne and Fox24
Acidity function 0.8 Randles and Tedder26

Pmr 1.8
(data reanalyzed) 

Hood, Redlich, and

Pmr/Raman 4-8
Reilly8 

This work
Refractometry 1.1 Grunwald and Haley30

TCA Kinetic 1 Ciapetta and Kilpatrick1
Indicator (20°) 0.232 von Halban and Briill32
Pmr/Raman 2-5 This work
Acidity function 0.5 Lilley29

derive values for comparison from the a values deter­
mined here is difficult, as no activity coefficient data are 
available at 25° for either acid. Hood, Redlich, and 
Reilly8 used stoichiometric activity coefficient data for 
TFA derived from freezing point depression measure­
ments.23 However

A a =  - ^ - y ±2 (2)
1 — a

where y± is the mean ionic activity coefficient. To ob­
tain this from knowledge of the stoichiometric activity 
•coefficients requires values of a again. The former are 
known at 0° and the latter at 25°, so this is not a very 
satisfactory procedure.

An estimate of K B can be obtained by extrapolating a 
plot of log a2c /( l  — a) against c. Although not very 
satisfactory, the method may be expected to give an 
upper limit for the acidity constant, since activity coef­
ficients are usually less than unity at 1-1.5 M. A fur­
ther estimate neglecting activity coefficients can be 
obtained from

Thus the limiting slope of a plot of a against c has a 
value of — I£a-1.

Two values of K b have been obtained by attempting 
to estimate values for the activity coefficients. For the 
first, the activity coefficients for hydrochloric acid were 
interpolated at the same ionic strength ( /  = ac) as 
TFA or TCA. The activity coefficients of cesium 
chloride are among the lowest for 1:1 charge type; 
thus, if the activity coefficients of the acids are no lower, 
then interpolation of these values at the same ionic 
strengths as in the acids will give a probable lower limit 
for the acidity constants. These alternative activity 
coefficient values were inserted in eq 2 and log a2« /±2/  
(1 — a) was extrapolated to zero concentration (Figures 
4 and 5). These various estimates lead to the conclu-

Figure 4. Estimation of the acidity constant for TFA:
------- , K' = Q ; --------, K' = Qy*Hoi;---------- , K' =
Qy2cci, where Q = cB+cA-/cHA, a = acidity function value,26 
b = conductance value.24

sions that the acidity constant of TCA is about 2-5 mol 
l . - * 1 and that of TFA about 4-9 mol l.-1. These values 
are considerably greater than those obtained by other 
experimental techniques, and these are summarized in 
Table V. The disagreement is, we believe, too large to 
be explained simply by the use of incorrect activity co­
efficient data to obtain K & from nmr and Raman data.

(22) R. E. Weston, Discussions Faraday Soc., 39, 178 (1965).
(23) H. H. Cady and G. H. Cady, J. Amer. Chem. Soc., 76, 915 
(1954).
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Figure 5. Estimation of acidity constant for T C A :-------,
K' = Q; K' = Qy*HCi ; --------- , K' = Qy*Csci,
a = indicator value.31

The assumptions involved in the analysis of the nmr data 
have been discussed.12

It remains therefore to assess the reliability of the 
values obtained by other techniques. Henne and Fox’s 
conductance data24 for TFA were of low accuracy and 
covered only a small concentration range. They were 
analyzed using the Arrhenius equation (a = A/A0). 
Such a treatment is invalid for an acid of the strength of 
TFA. This has been pointed out by Redlich and 
Hood,25 and it is clear that Henne and Fox’s data are 
not worth further consideration. The acidity function 
data for TFA of Randles and Tedder26 have been reana­
lyzed by the methods of Bascombe and Bell27 and of 
Hogfeldt.28 There is some uncertainty about both 
methods of analysis.29 The acidity constant was esti­
mated from the limiting slope of a plot of a against con­
centration. Acidity function data for TCA were ana­
lyzed similarly.29

Very recently Grunwald and Haley30 have determined 
an acidity constant for TFA of K & = 1.1 ±  0.3 mol l._1 
by differential refractometry. Detailed comparison 
with the considerations presented above is difficult be­
cause of the nature of the calculation of K & from the 
refractive index measurements.

Ciapetta and Kilpatrick,31 who studied the hydration 
of isobutene in the presence of TCA, obtained results of 
not very high precision, and it is difficult to estimate the 
accuracy of the value of K & they gave. Some other im­
precise determinations are mentioned by von Halban 
and Briill,32 who used a rather refined indicator tech­

nique in which the concentrations of hydrochloric acid 
and TCA needed to give the same color intensity in a 
solution of 2,4-dinitrophenol were compared. The re­
sults are of apparently very high precision and have 
been reanalyzed by King.33 The difference between 
this value and the nmr/Raman value (Table V) would 
therefore appear to be real.

Throughout this paper the preferred term ionization 
has been used. It has not been used synonymously 
with dissociation, although these terms are often so used. 
The latter term is usually applied to ionophores,34 i.e., 
species which are ionized in the crystalline state which 
only “ dissociate” when placed in a solvent which de­
creases the interionic attraction forces. The term ion­
ization is applied to ionogens,34 which only become ionic 
when reaction occurs between them and the solvent. 
For acidic equilibria it is plausible that the “ dissocia­
tion”  of an acid should take place in stages, (a) A 
peripheral solvent molecule assumes the correct orienta­
tion and proton transfer occurs from the acid molecule 
to the solvent molecule, (b) The protonated solvent 
molecule and the deprotonated acid molecule remain in 
juxtaposition briefly held by electrostatic (or possibly 
hydrogen bonding) forces. This entity will for a nega­
tively charged or uncharged acid be essentially an “ ion 
pair.”  (c) The two species diffuse away. This 
scheme may be represented by

K i  K z

HA +  S H ^ S H 2+ - A - ^ S H 2+ +  A -  (3a)

where SH denotes a solvent molecule. The first step is 
ionization and the second is dissociation. The same 
concept was used by Kolthoff and Bruckenstein35 in an 
investigation of acid strengths in acetic acid, a low di­
electric constant solvent.

The intrinsic strength of an acid is a measure of its 
tendency to transfer a proton to a solvent molecule and 
hence is measured by K\ and does not involve the dis­
sociation step. The equilibrium constant for the over­
all process will be given by K = K iK2. It does not

HA +  SH ^  SH2+ +  A -  (3b)

follow, however, that this is the constant which is nee-

(24) A. L. Henne and C. J. Fox, J. Amer. Chem. Soc., 73,2323 (1951).
(25) O. Redlich and G . C. Hood, Discussions Faraday Soc., 24, 87 
(1957).
(26) J. E. B. Randles and J. M . Tedder, J. Chem. Soc., 1218 (1955).
(27) K . Bascombe and R. P. Bell, Discussions Faraday Soc., 24, 158 
(1957).
(28) E. Hogfeldt, J. Inorg. Nucl. Chem., 17, 302 (1961).
(29) T. H. Lilley, unpublished.
(30) E. Grunwald and J. F. Haley, J. Phys. Chem., 72, 1944 (1968).
(31) F. C. Ciapetta and M . Kilpatrick, J. Amer. Chem. Soc., 70, 
639 (1948).
(32) H. von Halban and J. Brtlll, Helv. Chim. Acta, 27, 1719 (1944).
(33) Reference 5, p 95.
(34) R. M . Fuoss, J. Chem. Educ., 32, 527 (1955).
(35) I. M . Kolthoff and S. Bruckenstein, J. Amer. Chem. Soc., 78, 
1, 10 (1956).

A. K. Covington, J. G. Freeman, and T. H. Lilley
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essarily given by experimental measurements.6 If the 
concentrations of SH2+ and A “  are obtained from con­
ductance measurements and for simplicity ignoring 
activity coefficients, then

A (cond)
[SH2+][A~] = A tA 2

[HA] +  [SH2+ -A -] 1 +  Ki (4)

because the ion pair is electrically neutral. The same 
is true of the indicator method, where essentially a mea­
sure of the “ hydrogen ion”  concentration is obtained 
and [SH2+] =  [A- ]. On the other hand, if it is as­
sumed that the Raman spectra of A -  and SH2+- A -  are 
indistinguishable and the proton chemical shift contri­
butions of SH2 + and SH2+ • A -  are identical, then

A  (Raman)

A(pmr) —

= ([SH2+ -A -] +  [A-])» 
[HA]

([SH2+] +  [SH2+-A~])2 
[HA]

(5)

(6)

Since [SH2+] =  [A~], the Raman and pmr methods 
should yield the same result and

A  (pmr/Raman) —

A XA 2 +  2Ax[SH2+] +  Ax[SH2+ -A -] (7a)

If the experimental results are extrapolated to zero 
concentration, then

A”(pmr/Raman) A dA 2 (7b)

Comparing eq 7b with eq 4, suggests that A(pmr/Raman) 
will be detectably greater than A (ind/cond) if Ax >  0.01. 
From the ratio of these one can obtain an approximate 
value for K%. For TCA (Table V) using the indicator 
results of von Halban and Briill32 eq 4 and 7b give, 
taking a mean value of A (pmr/Raman), Ax = 17 and hence 
K-i =  0.23 mol l._1. We assume that extrapolation of 
A(pmr/Raman) on the basis of eq 2 is not unreasonable in 
spite of eq 7a, but it is difficult to see how to use the 
latter for extrapolation as activity coefficients are un­
known. For TFA there is no indicator result as re­
liable but taking 0.8 mol l.-1 evaluated from the acidity 
function data gives Kx =  9 and A 2 = 0.9 mol l._1.

The above argument is tentative and further evi­
dence in favor must be sought. The numerical values 
of A 2 are, however, those to be expected36 with reason­
able assumptions about ion size for an ion-pairing con­
stant for a 1:1 electrolyte. Further evidence in sup­
port comes from consideration of Raman line broad­
ening in acid solution as being the result of the rate of 
proton transfer. Ivreevoy and Mead9,37 have used the 
same reaction scheme as given in eq 3a but written in 
reverse

kz k i

H+ +  A - ^ H + - A - ^ H A  (8)

where now H+ is written as an abbreviation for the sol­
vated proton. If H + A -  and A~ have essentially the

same spectroscopic properties, then the mean lifetime of 
all A -  species (A-  and H +• A - ) is given by

7A h [H + -A - ]+ fe[H+][A
— ([H +-A -] +  [A -])

and its reciprocal which will be related to experimental 
measurements is

1
T A

k k ______________[H +-A-][H +][A~]______________
1 2(fc2[H+][A-] +  fcx[H +-A-])([H +-A-] +  [A -])

This is essentially the analysis of Kreevoy and Mead9 
although not given in detail by them. It is not entirely 
free of objections.10'22 Assuming that /c2[H +][A- ] >  
fci[H+-A- ], which corresponds to the assumption9 that 
the conversion of H + A~ into HA is rate determining, 
then

J _________ h  [H+-A~]
rA “  ([H + .A -] +  [A -])

Introducing 1 /A 2 = k2/k^ and assuming [A- ] »  
[H+-A~] gave9

If, however, the latter unnecessary assumption is not 
made, but instead it is noted that the experimental 
value of a is obtained from

then

where

[H +-A -] +  [A -]
a = -------------------------

Cstoic

— kiKi 
ta

(1 — «) 
a

Ax =  [H +-A -]/[H A ]

It was shown by Kreevoy and Mead37 that

—  =  2 ttc( /3 —  d i )  
ta

(9)

where in this nomenclature38 p is the half-width at half­
height of the broadened Raman band and /3i the value 
in absence of exchange, e.g., for the sodium salt. Thus

08 -
_  fcxAx (1 — a) 

2 irC  a
(10)

(36) N. Bjerrum, Kgl. Danske Videnskab. Selskab, M at-Fys. Medd., 
7, No. 9 (1926).
(37) M . M . Kreevoy and C. A. Mead, J. Amer. Chem. Soc., 84, 4596 
(1962).
(38) A. K . Covington, M . J. Tait, and Lord Wynne-Jones, Dis­
cussions Faraday Soc., 39, 172 (1965).
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(1 -cO/cc.

Figure 6. Test of eq 10 for T F A  results: • , K reevoy and 
M ead;9 O, this work.

In Figure 6, eq 10 is tested using the experimental 
data obtained here and compared with that given by 
Kreevoy and Mead.9 Within experimental error both 
sets of data are in agreement, and the plot is linear up to 
a = 0.6. Deviation from linearity at higher concen­
tration could be accounted for by neglect of activity co­
efficients becoming important. Whereas the band 
half-widths obtained in the two investigations differ be­
cause of use of different spectrometer slit widths, the 
broadening is independent of slit width. A similar plot 
was obtained for Krawetz’s data39 on nitric acid which 
was again linear up to a = 0.6. There is some con­
fusion about the use of the term half-width, which is 
used as an abbreviation for half-width at half-height and 
also, with transferred epithet, for width at half-height. 
Such confusion led to the results of Krawetz39 being 
misabstracted.38 The values given in Table 2 of that 
paper38 refer to full widths; this affects subsequent 
columns and values derived therefrom.

Kreevoy and Mead9 suggested the two-step disso­
ciation process (8) but did not pursue the analysis. It 
has also been used by Eigen.40 The scheme shown in 
eq 3a will be a simplification of the true state of affairs 
which would take into account various solvated6 species, 
including the likely solvated proton species and various 
solvent-separated ion pairs. If it is assumed that 
different experimental probes will not make the same 
distinction between species that are associated and non- 
associated then the apparent acidity constant deter­
mined by the usual methods of extrapolation will de­
pend on the method of measurement. A true thermo­
dynamic acidity constant must of course be independent 
of the method of measurement referring as it does to 
some defined process such as (3b). The difficulty arises 
in relating this quantity to the experimental measure­
ments of equilibrium quotients and extrapolating these 
to zero concentration. A two-stage equilibrium has 
been nicely demonstrated for triphenylmethyl chloride 
in liquid sulfur dioxide by Pocker.41 Further discussion 
will be deferred until later papers in this series.
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(39) A. Krawetz, Thesis, University of Chicago, 1955.
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Young’s Mixture Rule and Its Significance

by Yung-Chi Wu
National Bureau of Standards, Washington, D. C. 202S4 (Received March 2, 1970)

Young’s general mixing rule postulates that in the mixing of two binary solutions of the same ionic strength 
to produce a ternary solution an excess thermodynamic quantity of the :ernary solution may be expressed 
accurately as the sum of the corresponding excess thermodynamic quantities of the pure binary solutions. 
Young’s corollary to the general rule postulates further that deviations from the rule are a function both of 
the ionic strength and of the respective solute fractions of the mixture. In terms of Young’s two postulates 
any mixing process at constant ionic strength may be treated as one of four special cases. Young’s postulates 
may also be applied to ternary mixtures of different ionic strength in which the mixing ratio of the constituents 
is constant.

In the early 1950’s, T. F. Yeung postulated1”'15 that 
“ the mixing of the two binary solutions of the same 
ionic strength produces a ternary solution whose volume 
is exactly the sum of the binary solutions.”  This 
postulate may be expressed asla

3>F = yA<t>A +  2/b0b ( l )2_s
where 4>F is mean apparent molal volume of the mix­
ture, 4>a and 4>b are the apparent molal volumes of a 
binary solution of components A and B, and yA and 
yB are the ionic strength fractions of the respective 
solutes A and B in the mixture. Young further ob­
served,111 “ the usefulness of a mixture rule is measured 
not only by its ability to represent the facts by itself but 
also by the nature of deviations from it.”  With this in 
mind he made a second postulate to implement the first, 
namely, that the deviations of experimental data from 
the rule, Am, are proportional to ionic strength, I, and to 
the product of the respective solute ionic strength frac­
tion z/a and z/B- The deviation, Am, may be called the 
‘ ‘ mixing term. ”  It may be expressed as

A m = KIyAyB (2)
where i f  is a proportionality factor. The combination 
of these two postulates yields a mixture rule for volume.

4>F = z/a$a +  z/b^e +  K vIyAyB (3)
Young has used Wirth’s density data6a b for the mixtures 
of NaCl-KCl and NaCl-KBr6£ to illustrate the appli­
cability of eq 1, and the density data for NaCl-HCl6a 
and NaClOr-HClCh615 for eq 3. In fact, this rule may 
be generalized to include other excess thermodynamic 
quantities. Thus, McKay7 has shown that the excess 
free energy of mixing AmGE, takes the same form

A mGE = — (q:ab +  aBA)yAyBPRT (4)
which may be rearranged as

^mGE/IRT = — (« ae +  oLBA)yAyBI  (4a)
By comparing eq 2 and 4a the following relationship is 
obtained

K g =  — (aAB +  «Ba) (5)

where the a’s are the Earned coefficients,8 R is the gas 
constant, and T is the Kelvin temperature. Since the 
ideal heat of mixing is zaro, only the mixing term, Am of 
eq 2 need be considered. Young and his coworkers1’9 
have verified this rule with a large number of experi­
ments. In the case of ~he relative apparent molal heat 
capacity, the system LiCl-KCl-H20 10 provides an ex­
ample illustrating the applicability of this rule. There­
fore, eq 3 may be generalized as

= 2/A*AE +  z/b* be +  Am* E (6)

=  2/a'F,e +  yB*BE +  K+yAyBI  (7)

where SkE stands for any excess thermodynamic quan­
tity; the subscripts A and B correspond to the solutes 
A and B, respectively the subscript m indicates the 
value of the quantity n the ternary mixture. If the 
subscript m is not present, the value is of the pure 
binary solution. K# is a proportionality factor.

(1) (a) T. F. Young, Rec. Chem. Progr., 12, 81 (1951); (b) T. F.
Young and M. B. Smith, J. Phys. Chem., 58, 716 (1954).
(2) This equation first appeared in ref la. Its original form was 
written as

d>F = fi<j> 2 +  f3<t>3
where <t>2 and $ 3  are the same as 0a and 0b, respectively, ft and }> 
are solute mole fractions instead of ionic strength fractions used here. 
However, they are identical for 1-1 type of mixtures that the mix­
ture rule was originally based upon. Although Young and his 
student3 have employed "s rion fraction”  (same as ionic strength 
fraction by their definition) for treating their data, the term “ ionic 
strength fraction”  was not commonly used for mixtures until 1960’a, 
when Scatchard4 and Friedman* published two important papers in 
the field. The literature ch-ed here either treated 1-1 type of mix­
tures or used ionic strength :raction notation in the original papers.
(3) M. B. Smith, Ph.D. Thesis, University of Chicago (1942).
(4) G. Scatchard, J. Amer. Chem. Soc., 83, 2636 (1961).
(5) H. L. Friedman, J. Chem. Phys., 32, 1351 (1960).
(6) (a) H. E. Wirth, J. Amer. Chem. Soc., 59, 2549 (1937); 62, 1128 
(1940); (b) H. E. Wirth anc F. N. Collier, Jr., ibid., 72, 5292 (1950).
(7) H. A. C. McKay, Discussions Faraday Soc., 24, 76 (1957).
(8) H. S. Harned and B. B. Owen, “ The Physical Chemistry o. 
Electrolytic Solutions,”  3rd ed, Reinhold, New York, N. Y., 1958f
(9) T. F. Young, Y . C. Wu, and A. A. Krawetz, Discussions Faraday 
Soc., 24, 37 (1957).
(10) A. F. Kapustinskii, M . S. Stakhanova, and V. A. Vasilev, 
Akad. Nauk Izv.-Otd. Khim Nauk, 2082 (1960).
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With the addition of the mixing term, the mixture 
rule has demonstrated1'7'9,10 its ability to represent mix­
ture data for such diverse excess thermodynamic quan­
tities as volume, heat, heat capacity, and free energy.

The Mixing Term
The mixing term may be thought of as a measure of 

the departure from linear additivity and from Young’s 
first postulated mixture rule. The K  parameter deter­
mines the magnitude of the departure. Therefore, K  
is a characteristic parameter of the mixing term. In 
general, K  is a function of both y and I  such that

Kj, =  \p o +  ^ i ( i / A  —  2/ b )  +

& ( 2 / a  — 2/b ) 2 +  higher terms (8)11-12

The \p parameters depend on /  only. Because of the 
limitation in experimental accuracy at the present time, 
only the first two terms on the right-hand side of eq 8 
are necessary. For simplicity, these two independent 
variables, y and I, may be treated separately.

Constant Ionic Strength ( I )

The mixing term at constant ionic strength for most 
existing data in the literature may be represented by 
one of the four special cases illustrated in Figure 1.

Curves a, b, c, and d in Figure 1 represent four 
different cases of mixing. In each the K  parameter of 
eq 3 may be represented by a different function.

Curve a . K = 0; AmlFE = 0. A system with such be­
havior will obey the simple additivity rule as stated by 
Young’s first postulate. Examples have been shown by 
Young.1

Curve b: K — \j/0, a Constant; Am'FE =  \f/„y(l — y)I. 
This kind of mixture exhibits a symmetrical departure 
from additivity rule around y =  0.5.13-16 Systems 
which behave in this manner are not too many. This 
type of behavior is compatible with Harned’s rule8 for 
the excess partial molal free energy of mixing provided 
that the sum of the coefficients of Harned’s rule, a12 +  
<*21, is equal to a constant.4,6'7'8'13

Curve c.

K  =  h  +  fc (l -  2y) (9)

and

Am* E =  2/(1 -  y)ty„ +  fc (l -  2y)]I (10)

Systems which behave in accordance with eq 9 and 10 
are common.9131416-18 The expressions (eq 9 and 10) 
also parallel to the generalized Harned’s rule with an 
additional /3 term. It appears that for the common ion 
symmetrical mixtures ipo is much greater than \pi in eq 
10, and in many cases, i/q is negligible. However, if the 
heteroions in a common-ion mixture are of mixed charge 
type, as in the heat of mixing data reported for NaCl- 
Na2S04,3 or if the mixture is without a common ion as in 
those systems reported by Wood, et a/.,17e,f and Young, 
et al.,9 the \pi parameter plays a significant role. As

CONSTANT IONIC STRENGTH

Am Q e = Kq yA Ye*

y
«.)  Kq= 0  ( b ) Kq = q0

<c) « „  = q0+q,(yA-y B) o n  Kq = 9c + 9 (yA '  yB)

q0> q, 9o< 9i
Figure 1. Mixtures at constant ionic strength.

pointed out by Wood,176 \pi may be considered a measure 
of skewness.

Curve d. K  and Am'FE have the same forms as those 
shown in eq 10. However, since AmFE has both positive 
and negative values, the following condition must be 
met: K  =  0 at y =  V2(l +  'Pa/'l'i)- Obviously, i/q 
must be greater than \p0■ Systems which exhibit such 
behavior are rare. There seems to be only one such 
system reported in the literature.19 It concerns AmH 
of K C 1- N a:>S0i at 25° ;3 as an illustration the original 
data have been interpreted and presented in Figure 2.

(11) This expression is empirical. Young has treated mixture data
for heat and volume with only the first term in 1951 and 1954,1 and 
he used K = a +  by in 1957,3 which is equivalent to the first two 
terms of eq 8 (with a = tpo +  fa and b = Scatchard’s
earlier B  coefficient13 for his free energy of mixing has a similar 
expression. The present form is perfected by Scatchard4 and 
Friedman.5
(12) (a) G. Scatchard and S. S. Prentiss, J. Amer. Chem. Soc., 56,
2320 (1934); (b) G. Scatchard, Chem. Rev., 19, 309 (1936); (c)
G. Scatchard and K. G. Breckenridge, J. Phys. Chem., 58, 596 
(1954); 59,1234 (1955).
(13) (a) E. Glueckauf, H. A. C. McKay, and A. R. Mathieson,
J. Chem. Soc., S299 (1949); (b) R . A. Robinson and R. H. Stokes, 
“ Electrolyte Solutions,”  2nd ed, revised, Butterworths, London, 
1965; (c) H. L. Friedman, “ Ionic Solution Theory,”  Interscience,
New York, N. Y., 1962; (d) H. S. Harned and R. A. Robinson,
“ Multicomponent Electrolyte Solutions,”  Pergamon Press, Oxford, 
1968.
(14) Y . C. Wu, M . B. Smith, and T . F. Young, J. Phys. Chem., 69, 
1868 (1965).
(15) Y. C. Wu, R. M . Rush, and G. Scatchard, ibid., 72, 4048 
(1968); 73,2047 (1969).
(16) Volume: (a) ref 1 and 6; (b) H. E. Wirth, R. E. Lindstrom, 
and J. N. Johnson, J. Phys. Chem., 67, 2339 (1963); (c) R. M. Rush 
and G. Scatchard, ibid., 65, 2240 (1961); (d) W. Y . Wen and K. 
Nara, ibid., 71, 3907 (1967).
(17) Heat: (a) ref 1, 9, and 14; (b) J. H. Stern and A. A. Passchier, 
J. Phys. Chem., 67, 2420 (1963); (c) J. H. Stern and C. W. Anderson, 
ibid., 68, 2528 (1964); (d) J. H. Stern, C. W. Anderson, and A. A. 
Passchier, ibid., 69, 207 (1965); (e) R. H. Wood and R. W. Smith, 
ibid., 69, 2947 (1965); (f) R. H. W ood and H. L. Anderson, ibid., 
71, 1869, 1871 (1967).
(18) Free energy: (a) ref 4, 5, 7, 8, 13, and 15; (b) R . M . Rush 
and J. S. Johnson, J. Phys. Chem., 72, 767 (1968).
(19) This type of behavior is not too uncommon in mixtures of non- 
electrolytes. See, for example, G. Scatchard, Chem. Rev., 44, 7 
(1949).
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d - TYPE

A mH of KCI -  No2S04 d=i.o)
(YOUNG 8 SMITH, 1942)

Figure 2. Mixture of type d.

Constant Mixing Ratio

Experimental observation has shown that the K  
parameter of eq 8 is generally a function of /  at con­
stant y. It is well known that Harned’s a coefficients 
are /  dependent.4'5,8'13 Because of the lack of experi­
mental data, the present discussion in terms of K  pa­
rameter will be limited to two cases. One is the heat of 
mixing of LiCl-NaCl14'17c'e and the other is excess free 
energy of mixing of KCl-M gS04.2° It is convenient to 
consider a constant mixing ratio at the midpoint (y = 
0.5), for in that case only the first parameter, i/o, need 
be considered.

Heat of Mixing
For the system LiCl-NaCl, three groups of investi­

gators14 '17o'e have performed measurements. Their re­
sults which agree well with each other are shown in 
Figures 3 and 4.

For heat of mixing, eq 7 becomes

Kh =  ho +  hi( 1 — 2 y)

AmH *  = 2/(1 -  y )K J

From the experimental data the following equations 
have been derived and plotted as solid curves in Figures 
3 and 4.

K Mv, 0.5) =  42.6 +  103.2\// -  60.8/ (11)

and

Am/ / E(„=o.6) =  (10.6 +  25.8V i  -  15.2/)/ (12)

Clearly, Kh and AmHE show a strong dependency on I. 
It is interesting to note that Kh has a finite value at 
/  = 0.

CONSTANT MIXING RATIO y = 0.5)

AmH of UCI- NoCI

Figure 3. Heat of mixing of system LiCl-NaCl at 
constant mixing ratio.

UCI -  NaCI

Figure 4. K  parameter of heat of mixing of system LiCl-NaCl.

(20) Y . C. Wu, experimental results to be published.
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Excess Free Energy of Mixing
The excess free energy of mixing, AmGF‘, unlike the 

volume and the heat of mixing, cannot be measured di­
rectly. It must be calculated from the excess partial 
molal free energies of the components. According to 
eq 6 we have

AmGF =  GmB -  yChF -  (1 -  2 / ) ( ? b e  (13)

and

<7mE =  2RTI[y In 7 a«  +

(1 — y) In 7Bm +  (1 — <t>m)] (14)

for mixtures of 1-1 charge type. A valence factor must 
be included for other charge types of mixtures. In eq 
13 and 14, the subscript m designates a quantity in the 
mixture; without it, the quantity is that of the pure 
binary solution.

If any one of the three coefficients 7aot, 7Bm, and 4>m is 
measured, the other two may be determined through an 
appropriate thermodynamic relationship and GmE may 
be obtained. McKay7 has performed such a calcula­
tion to obtain AmGE and GmF. Also he and his co­
workers21 have developed the McKay-Perring method 
and have shown how to obtain the three coefficients 
from each other via cross differentiation and application 
of the Gibbs-Duhem relation. Scatchard4 has derived 
equations for 7Am, 7bm, and <t>m by the partial differen­
tiation of GmE with respect to the concentration of each 
respective component by setting GmE in polynomial form 
similar to the common expression for log 7 and 4> in 
binary solution. Recently he also has developed an 
ionic component method22 to treat unsymmetrical mix­
tures without a common ion as well as symmetrical mix­
tures with a common ion. This method offers an ad­
vantage for simplifying the treatment by selecting a 
single ion as a component for systems such as MgCl2-  
Na2S04-H20  with addition of NaCl solution to it. 
Guggenheim23 has developed an expression for GmE in 
accordance with Br0nsted’s principle of specific ion 
interaction.24 Finally, there is the formal application 
of the Gibbs free-energy equation

d(?mE =  (7AmBdnA +  (?BmEdnB +  CrwmEdnw (15)

If one of the excess partial molal free energies is mea­
sured while the other two independent variables are 
kept constant, eq 15 may be integrated to give

I dGmE = I GJmE Anj (16)
\_J nj = o J n]= 0 JP'T'nI9£j

Friedman6'130 has elucidated this method in detail.
An application of the last method to the system KC1- 

MgS04 has been performed.20 Here GJmB of KC1 was 
measured by the emf method with glass-Ag,AgCl elec­
trodes. The details of the experimental procedure and 
the method of calculation are to be published in the near 
future. Only the final results are shown in Figures 5

AmGE of KCI- M gso*

Figure 5. Excess free energy of mixing of system KCl-MgSCh 
at constant mixing ratio.

Figure 6. K  parameter of excess free energy of mixing of 
system KCl-MgS04.

and 6. The following expressions were obtained by a 
least-squares analysis of the data

K e(v=0.5) = -0 .1 7  In I +  0.084/ (17)

(21) H. A. C. McKay, Nature, 169, 464 (1952); H. A. C. M cKay 
and J. K . Perring, Trans. Faraday Soc., 49, 163 (1953).
(22) G. Scatchard, J. Amer. Chem. Soc., 90, 3124 (1968); 91, 2410 
(1969).
(23) E. A. Guggenheim, Trans. Faraday Soc., 62, 3446 (1966).
(24) J. N. Bronsted, J. Amer. Chem. Soc., 44, 877 (1922).
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and

AmGE(,=o.5) = V iR T P i-O .n  I n /  +  0.084/) (18)

It should be noted that the uncertainty of AmGE at 
lower concentrations is relatively higher, because it is a 
small difference between two large values of excess free 
energy of the mixture and of the pure binary solutions. 
Combining the experimental error and the uncer­
tainties of the literature values of the activity coeffi­
cient and the osmotic coefficient, it is estimated that the 
absolute error is about ±  1 cal/mol (the thermochemical 
calorie (defined) is equal to 4.1840 J).

Discussion
The formulation of the mixture rule for solutions 

other than electrolytes has long been known. Among 
the pioneers, Scatchard25 has treated the subject exten­
sively. Much of the terminology and formalism em­
ployed in this paper parallels his usage for nonelectro­
lytes as well as for electrolytes.

Before the advance of the theory of Debye and 
Hückel,26 two renowned principles dealing with the mix­
ture of electrolyte solutions were developed. These 
were the “ ionic strength principle” of Lewis27 and the 
“ principle of specific ionic interaction”  of Brpnsted.24 
While the former is merely a limiting law, the latter 
offers a good approximation in treating a large number 
of existing experimental data for dilute concentrations. 
Following the thesis of Br0nsted, Scatchard4,12,22 and 
Guggenheim23 have derived the ionic interaction co­
efficients. From Mayer’s cluster theory28 Friedman5,130 
obtained another set of coefficients. Experimentally, 
Harned8 established the so-called “ Harned’s coeffi­
cients”  of Harned’s rule. In general, they all have 
dealt with the chemical potential in a mixture. While 
these coefficients all correspond to each other thermo­
dynamically, they differ microscopically in physical 
nature. The point in question is whether or not they 
should vanish at infinite dilution for common, ion sym­
metrical mixtures. Experimentally, any meaningful 
observation of lower limit of concentration today is 
about 0.1 m. This concentration seems to be still too 
high to draw any conclusive answer to this question on 
the vanishing of the coefficients.

Thermodynamic studies provide an alternative ap­
proach to the problem. They distinguish the effect of 
interaction from ideality and led Young to discover the 
mixture rule which originally dealt with heat and 
volume. The significance of the rule was recognized by 
Owen29 soon after its formulation, and in his discussion 
of the pressure effect on electrolyte solutions he has 
shown its usefulness. Subsequently, Rush and Scat­
chard160 and Wirth6 and his coworkers16b have applied 
the rule successfully to the volume of mixing. Direct 
confirmation to the rule on the heat of mixing has been 
extensively demonstrated by Young and his co- 
workers,111,9,14 Wood, et aZ.,17e,f and Stern, et aZ.17b,0,d

In discussing Young’s results of heat of mixing, 
McKay7 showed that the excess free energy of mixing 
had the same form. The applicability of the mixture 
rule is clearly established. No exception so far has 
been found.

Young’s first postulate is a simple additivity rule. 
The significance of the mixture rule rests with his second 
postulate, i.e., the mixing term, in which the character­
istic parameter K  is a measure of the effect of an addi­
tional electrolyte. It is clearly shown in Figure 1. 
The four cases summarize effects on thermodynamic 
quantities of a mixture cf electrolytes at a constant total 
ionic strength. If there were no mixing effects at all, a 
system would obey Hie simple additivity rule of 
Young’s first postulate as indicated by curve a. The 
mixture of NaCl-KCl at I  = 1.0 shows no change of 
volume of mixing.1,6 In the same system, however, 
there is a symmetrical thermal effect as indicated by the 
heat of mixing.9 Curve b represents this type of be­
havior. Apparently, the ionic interaction of Na+-K + 
induces no volume change, or, at least the volume 
effects cancel each other.

The heats of mixing of the systems3 NaCl-NasSCh 
and KCl-Na^SCfi may be used as examples of type c and 
type d mixtures, respectively. The thermal effect on 
the SO,/“  ion is stronger than that of the CD ion in a 
common-ion mixture o ’ the system of Nad-Na^SCfi. 
As shown by Smith,3 the thermal effect increases as the 
ionic strength fraction o ’ SO42- ion increases and reaches 
a maximum at yso,*- ~  0.65. In the case of KC1- 
Na^SO-t,3 the thermal effects of ionic interactions are 
much more complicate«:... It has been shown3 that the 
thermal energies of the interaction of Na+-K+ with 
common anion CD, and that of C D -S 042~ with 
common cation Na+ are of the same sign (heat lib­
erated), and yet the heat of mixing of KCl-Na2S04 
changes sign from negative to positive through the zero 
line at yKci ~  0.4 an d / =  1.0. If Young’s cross-square 
rule9,14 holds over the whole composition range for this 
system then we would expect the system of NaCl- 
K2SO4 will behave the same as KCl-Na2S04. No data 
are available. It is als i interesting to note that the ^ 1  
coefficient is generally smaller than \p0 coefficient, but in 
the last case 1/1 is greater than «/0. It seems to indicate 
that Ski is a measure of opposite charge pair interaction; 
otherwise, there would not be any opposite effect in the 
last case.

The concentration cependence of parameter K  is 
clearly shown in Figures 4 and 6. Friedman has dis-

(25) G. Scatchard, Chem. Rev., 8, 321 (1931); 44, 7 (1949).
(26) P. Debye and E. Htlckei, Physik. Z., 24, 185 (1923).
(27) G. N. Lewis and M . Randall, “ Thermodynamics,”  McGraw- 
Hill, New York, N. Y ., 1923.
(28) J. E. Mayer, J. Chem. Phys., 18, 1426 (1950).
(29) B. B. Owen, “ Electrochemical Constants,”  National Bureau of 
Standards Circular 524, U. S. Government Printing Office, Wash­
ington, D. C., 1953, p 193.
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cussed the g0 coefficient in his “ ionic solution theory.” 13“ 
He has shown that, for common-ion mixtures of sym­
metrical electrolytes, the limiting law takes the fol­
lowing form

d In g0/d \ / /  =  2zx2A/\/Vw (19)

where Vw is the specific volume (liters/kilogram) of 
pure solvent, A is the Debye-Huckel limiting law con­
stant, and Zi is the valence of ion species 1. For hetero­
ion unsymmetrical mixtures, as in the case of KC1- 
MgS04, the limiting law is much more complicated. 
The cluster theory, even for pairwise interactions, only 
leads to a cumbersome expansion of the cluster sum. 
To avoid the mathematical complexity an empirical 
equation was derived from experimental results

3786 G. SCATCHARD, R. M. RUSH, AND J. S. JOHNSON 

Kg =  - a  In I  +  bl (20)

and

dKJdl =  -a / I  +  b (21)

where a and b are empirical constants.
It follows that as I  -*■ 0 , K e -*■ °°; and dK J d l  —► 

— oo. The system of KCl-M gS04 seems to follow 
these equations closely. (A theoretical treatment by 
Friedman30 shows that Ke actually does not diverge as 
I  —*■ 0, but instead becomes finite, but very large.)

Acknowledgement. The author wishes to thank Pro­
fessors G. Scatchard and H. L. Friedman for helpful 
discussions.

(30) H. L. Friedman, private communication.

Osmotic and Activity Coefficients for Binary Mixtures of Sodium Chloride, 

Sodium Sulfate, Magnesium Sulfate, and Magnesium Chloride in Water at 2 5 °.

III. Treatment with the Ions as Components1

by G. Scatchard, R. M. Rush,2 and J. S. Johnson
Chemistry Division, Oak Ridge National Laboratory, Oak Ridge, Tennessee 878S0, and 
Department of Chemistry, Massachusetts Institute of Technology, Cambridge, Massachusetts 02189 
(Received March 2, 1970)

Equations for the excess free energy, osmotic coefficient, and activity coefficients are derived from the ion- 
component treatment of Scatchard (1968). Applications of these equations to the reciprocal salt system 
Na-Mg-Cl-S04 and to synthetic sea-water solutions are discussed. These are compared with the earlier 
neutral-electrolyte treatment of Scatchard (1961). The ion-component treatment provides a better estimate 
of the osmotic and activity coefficients when only data on the two-ion (single-salt) systems are available, 
provides as good a fit to the three-ion (common-ion) data, and provides a means of calculating values for the 
four-ion (noncommon-ion) systems using only parameters derived from the three-ion data.

The treatment of electrolyte solutions with the ions 
as components3 (with the restriction, of course, of 
electroneutrality) promises to be considerably more 
powerful than the treatment with neutral electrolytes as 
solutes4 used in papers I and II of this series.6'6 The 
equations of ref 3 are not, however, convenient for com­
putation. In this paper, we develop more tractable ex­
pressions with the ion-component approach and illus­
trate their application to several solutions containing 
more than one electrolyte solute.

Equations
In ref 3, the excess free energy, Ge, of a solution was 

divided into a Debye-Hiickel contribution, ((?e)DH, and

a non-Debye-Hiickel part, (Ge)a

G°/RT =  (G/RT)  -  (n0G°o/RT) -  £ j n , [ ( 0 ° , /

RT) — I +  In wij ] =  (Ge/RT)un +  (Ge/RT)n (1) 

G is the total Gibbs free energy of the system; n0G°o,

(1) (a) Research jointly sponsored by the Office of Saline Water, 
U. S. Department of the Interior, and the IT. S. Atomic Energy 
Commission under contract with Union Carbide Corp. and under 
Contract No. AT(30-l)-905 with the Massachusetts Institute of 
Technology, (b) Presented in part at the symposium “ Structures 
of Water and Aqueous Solutions,”  in honor of T . F. Young at the 
Chemistry Department, University of Chicago, Chicago, HI., June 18, 
1969.
(2) Address inquiries to this author at Oak Ridge National Labora­
tory.
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Table I: Free Energy Equations

(  Ge
(a) \RTW.

f  Ge ^  DH (  Ge ^  nI (  Ge Y "  
~~\RTw) ^ RTW/ \RTW

e \ DH
(b)

(c) X

RTW.
VV v vf (za + zf)

= m^ Z j Z j  ***a f 3af

a ^ - 2 a a (^ l + 2  1n (l + a ' t y/t)
af

/  G 
(d) \

e \ n I

(e) (

RTW 

Ge

a f
. + ____ -f_ —

X  Ü  V 'A 'W  » "  U  B« ’ ” '3 ♦ U S ’ * "

b f\ ab

*■ W , < \  -  V  ( j  B'C C  ” ”  + j  "i'.'b i’ " ■ ')*  W i  <*. -  - v ’  5 BS .b

+E E E v,«, h.\b<x> „ « ♦ «-
a f g

j  Bffg2> + \ Bl1f’fg) m'4)  + W g  (xf -  xg)2 5 s ffVg>m'4+ XaXfXg ( Xf - Xg \ 2

+E E E S  V b ¥ g Y i 2b f > "
a b f g

the free energy of the solvent; n,, the number of moles 
of solute j; G° the “ standard molal free energy”  of j; 
m-j, the molality of j (m,- = n-JW, where W is the 
number of kilograms of solvent); R, the gas constant; 
and T, the absolute temperature.

Since we are interested in equations expressing free 
energies in terms of ions, we use equivalent concentra­
tions

rrii = rriiZi = 21 ¡/z; =  aqm' (2)

Zi being the absolute value of the charge on ion i (a 
script z was used for Zi in ref 3), and / ;  is the contribu­
tion of i to the ionic strength (/) of the solution. Equa­
tion 2 also defines the equivalent fraction of i, Xi, the 
total equivalent concentration of the solution being

m '  = X)iOTi'/2 (3)

It should be noted that S;Xi =  2 and that the total 
equivalent fraction for ions of each charge sign is 1. 
Lower case subscripts will be used for ions; a, b, c . .. 
designate cations, and f, g, h, . . . ,  anions. Equations 
in this pattern can be developed for solutions having 
more than one nonelectrolyte component, but we re­
strict ourselves here to those containing one neutral sol­
vent and one or more electrolyte solutes.

The bulk of the electrostatic contribution (which is 
the total contribution at infinite dilution) to Ge is prob­
ably accounted for in a Debye-Hiickel term (Table I,

eq b and c). In these equations S is the Debye- 
Hiickel limiting slope for In y± of a uniunivalent elec­
trolyte at infinite dilution (S =  —1.17202 for an aque­
ous solution at 25° and 1 atm); a'afVr is the Debye k 
times the “ distance of closest approach” &. Unless a' 
values are the same for all solute components, eq b 
(Table I) is somewhat different for finite concentrations 
from the Debye-Hiickel expression used in ref 4. In 
both cases, residual electrostatic effects are lumped into 
the non-Debye-Hiickel terms.

The non-Debye-Hiickel contribution to Ge is ex­
pressed as a series of interaction terms involving pro­
ducts of m 'i .

( G ° / R T W Y  =  E i E j & i j m ' i m ' j  +

ZiSiZkdiikirc'im'jwTk +
E iS iZ k S i/ijk im 'im 'im W i +

• •. =  +  

m  3E i £ i E k d i j k W k  +  

^ S i S i S k S l / i j k l Z i Z j X k Z l  +  ■ • • (4 )

(3) G. Scatchard, J. Amer. Chem. Soc., 90, 3124 (1968); 91, 2410 
(1969). See also G. Scatchard and R. G. Breckenridge, J. Phys. 
Chem., 58, 596 (1954); 59, 1234 (1955).
(4) G. Scatchard, J. Amer. Chem. Soc., 83, 2636 (1961).
(5) Y . C. Wu, R. M . Rush, and G. Scatchard, J. Phys. Chem., 72, 
4048 (1968); 73, 4433 (1969).
(6) Y . C. Wu, R. M . Rush, and G. Scatchard, ibid., 73, 2047, 4434 
(1969).
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Table II : Definition of B Coefficients

Baf)=  baa + 2 6af + b{{

fî^  = 2(rfaaa + 3rfa a f+ 3 d a f f + cffff)

®af = ^ a a a a +  ̂ ^aaaf + b ^aaff +  ̂ ^afff + ^fffP

9 similar terms involving ag, b f, and bg

*S#b 1>- 2 * . b - * a a -  6bb

Bï°b f  = 2

BÇ0<f3 )= 3

2 r̂faab + rfabb ^aaa rfbbb  ̂+ 3(2 rfabf ^aaf ~ dbbP 

®^aabf + ^abbf ~^aaaf_  ^bbbP + 3(2 ^>hff -  L„ff ~ ^hhff)

^aaab + ^abbb aaaa Ajbbb  ̂  ̂ (2

+ 3[3 (2 /ab ff- / aa ff- / bbff)]*

aabb âaaa b̂bbb̂

5 0 .2)
aab - * Ë (3 ^aab 3cabb daaa + ^bbb^

Baa'bf -  3 t2 ^aaab 2 *abbb âaaa + ^bbbb + 2(3 ^aabf 3 ^abbf _  ^aaaf + ^bbbf^
3» ( 2 , 3 )

“ aaab aab **" ^abbb âaaa ^bbbb  ̂ 2̂ âabb aaa b̂bbb̂

6 additional terms involving a common anion by substituting f for a, g for b, and a for f 
3 additional terms with common cation by substituting g for f 
3 additional terms with common anion by substituting b for a

B(?V3>= 3[24 /  . , - 6 / . „ - 6  / .  - 6 /  . - 6 / . . , ]abfg L abfg abff abgg aafg bbfgJ

In expanding eq 4, terms are included for i less than, 
equal to, and greater than j, and diik =  djik =  dkij = 
dkji, etc. For example, for a solution containing only 
ions i and j, 2i2j6ijm'iWi'j =  2bnm\m'i +  fcumV +  
bum'i2. The coefficients bn, dijk, and /¡¡ki are coeffi­
cients which, like G°¡, are functions of temperature and 
pressure and of the nature of the solvent but not of the 
composition.

These coefficients cannot be determined indepen­
dently. However, they can be arranged into groups 
each of which is measurable. Of the grouped coeffi­
cients thus obtained, those which probably make the 
most important contributions to the excess free energy 
of solutions containing many types of ions can be deter­
mined by measurements on simpler systems.

This was illustrated in ref 3 with the products of con­
centrations of only two ions. Since 2axa = htxt =  1, 
the contribution to (Ge/RTW)a is

r
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m'2[Y!a. l̂tZaXi(2b&i +  6aa +  bff) +

âa b̂b) “t”

^ i f ^ 2 s x ix g(2b(e bi{  & g g ) ]  =

m,2[ Z a Z f ^ f R afC1) +

SaSbVbRab®'^ +  ]EfSga:f2:gBfg(0’1>] (5)
The first term in brackets can be evaluated from data on 
two-component solutions of electrolyte af, and the 
other two can be evaluated from solutions of two elec­
trolytes with a common ion, e.g., af and bf, and af and 
ag. In eq 5 and the equations in Tables I, III, and IV, 
for double summations involving the same types of ions 
only terms for b >  a (or g > f )  are included. For ex­
ample, in a solution containing cations a, b, and c and 
anion f the terms which would appear in the first sum­
mation of eq e, Table I, are x̂ XbXt, x&xcXi, and XbXcxt.
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Table III : Osmotic Coefficient Equations

(a) < />-! = (<£- 1)DH + (<£ -  l)nI + (<£ -  l) "11

(b) ( ^ - D D H = 2 T 7 7 S S  Xa M Za +i V  z i  a l  aa f

(c ) z  1 + aafVr ~ H /a  + < fV7)] -  2 In (1 + a ^ T )

d  In / a '2f Ia f

(d) (<£ -  l ) " 1 :

(e) -  l ) n

Y V J t T j Y j Xa Xf (^ ’ m ' + B af> m '2 + B(af> m '3 +  - )  
z i  a f

2 i V zi S  S  E  X* XbXf (5 ab U m'+ •Bib f2) m '2 + BibP  m '3)

*, '. .V * , -  V  ' “ . . ’b ' * s iVbV""> + <«, -  v ‘

*EES +b î v >'" ', >a f g

x ax fx g (xf -  x ) ( S ^ 2> m '2 + B<‘ff3> a 4 ) + xax fx (x f -  x ) 2 B<2f-3>nT:

(£) for a solution containing only ions a, b, f, and g:

1

Z.x/Zi

* t S(aab2> m ' 2 + Bia b f  m' 3] + XaXbX/ Xa "  * b > *  B iaab m'

~ 1)nI1 = f 7 7 7  { XaXbXf[B i b I) m ' + B lb f2> m' 2 + B lb f3) m /3] + XaXbX/ Xa "  Xb>

+ x x. x ma t  f  ab + B ({?,2) 1abg B (?-3) m 'abg + x x. X (x  a b g v a -  x. ) [B (1 v2) mo' aab + B ( \ 3> ' 3]a ab g

+  X X. X (x  -  X .) 2a b g v a W aaab

+ X X 'X IB ?'"  m' + £ (0f ' 2) r o 2 + * (0f' 3) ^  V  (* f “  O  [t ó ; 2) m '2 + B<‘ £> /n'3]a f  g fg afg afg a f g v f g ffg affg

+ xbxfxg[Bfg 15 m' + Bb°fg2> m' 2 + Bb°̂ 3) m' 3] + xbxfxg W  -  V  tBf^ 2) m' 2 + Bbfg
(1.3)

'b ffg

+ xbxfxg (xf -  x g) 2 fi'2fg3) m'

Similar resolutions of the higher terms can be made, 
with the use as necessary of the relations

1 = x +  (1 — x) =

x 1 +  2z(l — x) +  (1 — x)2 (6)

Equation 4 can thus be resolved into two components of 
(Ge)n, (Ge/RTW)nI (Table I, eq d) which, along with 
(Ge/RTW)DH can be evaluated from measurements on 
two-ion (two-component or single-salt) solutions, and

(Ge/RTW)nI1 (Table I, eq e) obtained from three-ion 
(common-ion) solutions. Table II relates the upper 
case coefficients of eq d and e of Table I with the lower 
case ones of eq 4.

The superscripts on the B coefficients indicate the 
power to which the concentration is raised in the ap­
propriate term in the osmotic coefficient equation 
(Table III, eq d). In the case of double superscripts, 
the first superscript indicates the power to which the

The Journal of Physical Chemistry, Vol. 74, No. SI, 1970
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Table IV  : Activity Coefficient Equations

«  = <ln + 0" >'±)pq+ on y±)p"

(b) ( l n r ±) ^ =  ZpZqS

i i i a f
î

(d) (ln y ±);

V + x • ( Z - + x • ( , P + * f ) Î £ !  - V ' V ”  x x • ( Z » + • i î lA 8 (*p+*q) A f (*p+*q) V  AA 8 f  aaf

i _ v y  x x |(.
xiZiZ j . A  a f  a f a f̂

S *  ' - ( C  * '*  5 ' ï  * '  À  ' £  " '■ )  * E '  4 S“-’  ■ ')

2 *  " " p 1 : <4 b" i"  (m- ■ 2 " > ;>  4 - 4 "■'2" p * 3 ” •” ?

(c ) (ln  y , ) nI =  --------------------------
±pq ( I /O +  ( 1 / 0

pq ( l /2p) + (!/* „)

y  ■1 > nij + I B < l ’2 > ( « *  -  2 m ^ )  + ~  > (mf'3 -  4 + 3 m fr

+S  S  I  S«Pf2) m> f  + J Ba°pf3) m> / n' + J Baapf K > f  ~ 2 m>pmP

n2>

a f 
+__ +V ̂  -J m>K +t S(4„3) m»
a b + J B«abq K X  ~ '”> 4 )  +2  2  S  ?  ’ “ «“ ¿“ fJ JH HI. 1--- i-* Hf Hf.IH Tabq a b g abq a b 3 a b f

Y j Y j  7 Bà°fq2 ’ m a m { + J Bafq3 J Bi«q) K mf2 -  2 mamf™q)^a f

+Ef S  7 BP°f«2> + r SP°f*3) J Bpffa)(mf'2ma -  f - : ■ X S X X "f"'g

equivalent fraction difference is raised in the appro­
priate term in the osmotic coefficient equation (except 
for Rabfg<2,3))- The second superscript indicates the 
power of the concentration in the same manner as the 
single superscript (Table III, eq e).

With some terms there is an approximation involved 
in using coefficients evaluated from simple systems in 
computations for more complicated ones. For ex­
ample, in a three-ion system, a, b, and f, =  1, and co­
efficients multiplied by xdXh, by x.dxhxf, and by xdx\,Xi‘l 
cannot be distinguished. No approximation will be in­
volved in the contribution of the terms including the 
first two to a solution containing a, b, f, and g. Al­
though terms corresponding to interactions of a and b 
cannot be distinguished from terms for a, b, and f, the 
coefficient for a and b will presumably be the same as 
for an a, b, and g solution, and since Xt +  xg = 1, the 
total contribution to excess free energy will be cor­
rectly evaluated. However, with coefficients of x„- 
XbXs2 or x&XbXg2, there is an approximation from the in­

ability to resolve the coefficients, since in the four-ion 
system, xt and xg are not unity. In Table II, in the ex­
pression for 5abf<0'3), the grouping of lower case coeffi­
cients in the bracket indicated by an asterisk should be 
multiplied by xdXhXi2. Here we shall multiply by 
XaXbXt and by the analogous products for RabË<M), 
Rafg(0,3), andRbfg(0'3).

The coefficient Rabfg(2,3) is included in Tables I and 
II only for completeness of correspondence between eq 
4 and the equations with B coefficients. We believe it 
will usually be too small to make an appreciable con­
tribution to the excess free energy, and we make no at­
tempt to evaluate it.

Experimental data are usually in the form of measure­
ments of solvent activity, in term^of osmotic coeffi­
cients, <f>, or of mean activity coefficients of the solutes, 
7±. Expressions for these quantities are obtained by 
differentiation of the equations for excess free energy

/à(Ge/RTWI)\
V ô ln W ) K

- 2 ^  AXi/Zj  

y ]iXjZj to - 1) (7)
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Table V : Activity Coefficient Equations 

For Ir component af in a solution containing ions a,b,f, and

(a) On 7*)™ = z ZfS |(x + xf -  x xf) x x i  ° + ^  + i  b + *f) • -  ----------- -r a i  a i a I a .  Dg ( z +  z  ,) a  ( z  + z  f) a. , (z  + z  f)v af L_ a f7 a g v a f7 b f x a f 7
/ bf _ ( z:. + z ) X.b j /  # bg

a '  bg
1

XaZa + Xbzb+XfZf+XgZg 
1

a x f ( z a + Z f ) ^ f l + xax ( z a + z )  + xbx f ( z b +  Zf ) ^ i + x bx g( z b +  z g) ^ £ .
aaf aag abf abg

(b) (In y.)"} = --------------------
±af ( l /z a)+ ( l /z f) ®aV (ma + mp + yB^2f) (mam + mfm + n̂ 'n̂ ) + y  B£f> (mam 2 + mfm  ̂+ 2 n1amfm 1

+ BbV mb + ^ Bbf> K m '+ mbmP +j  Bbf) * + 2 mbmfm 0

+ Ba‘g mB + y BiV ( 'V ” + m> g ) + 3-Bag’ (mgm'2 + 2 m> X

1 2
+ -  B<2) m'm ' + -  B<3> m/m'2 bg b g 3 bg b g

(in ^±)a" = n ,  r - 7 7 7  :  ( l /z a) + ( l /z f)

+ T Bi°be3 ,( W

Bib 1)mb+T Bibf2 ’ K mf + ma mb> + T Bibf* ’ (mbmfm ' + ” X "  ' + m» P  + J Babg > mbmg
U /Zai + W r fJ L 2 i

J Ba°bg3> K mgm'+ m>bmg) + \ B a ab ’ <2 mX  " mb > + JBaabf <2 m>bmf + «  ~'2~'

+ \ Baabg <2 mambmg " m1>g> + J B«.b <3 m> b  ~ 4 «  + «O

+ Bfg’I> mg + 7 Bafg2> K mg + m>g> + JBlfg3> 1

X mi + ma X  -  mb “ f “  mamb2)

 ̂ aabg v a b g  b g7 g aaab v a b ab b

+ Sfg’1 ’ mg + J Bafg2> O^g + m>g) + JBlfg3> K mgm' + m>gm'+ m>fmg) + J Bbf̂ 2) mbmg 

+ 1 B'by> (mbmgm *+ <"XP + JBffg2> (2 mfmg -  mg2) + ̂ Ba1ffg> K X  + 2 m>f'mg ~ mfmg~ 

+ - B(Av3„,(2 m'nv'm' -  mim'2 ) + Ì B&*> (3 «  -  4 m'm  ̂+ mg3)

and

( d(G*/RTW)\
\  ò m ' j  / w , k * j

(8)

J being an electrolyte made up of p and q ions, with 
m 'j =  m'p(j) =  m'q(j). Differentiation of equations for 
Ge with respect to temperature and pressure yield ex­
pressions for heats and volumes.

We list in Tables III and IV the equations for os­
motic coefficient and ln y±, including those terms 
which involve B’s obtainable from two-ion and three- 
ion solutions. For convenience, we give also in Tables 
III and V the equations for the systems of particular 
interest here, these containing only four ions, a, b, f, 
and g. In eq d, Table IV, in summations involving 
terms subscripted with p (or q), terms in which a (or f) 
are replaced by p (or q) are not included; e.g., there are 
no terms Bppf(0'2) (o r£ aqq(0,2))-

The fit for a given set of osmotic coefficient data can 
be made within the experimental error for both the 
neutral-electrolyte and the ion-component treatment if 
enough parameters are used. For this reason the good­

ness of fit obtainable is not a very useful basis for com­
parison of the two approaches. However, the ability to 
estimate <f> and ln y± for three-ion solutions from data 
on two-ion solutions is a meaningful criterion. For a 
solution containing four ions, a further test for the ion- 
component approach is how well osmotic coefficients 
can be calculated from two-ion and three-ion data; it is 
not obvious how to do this with the other approach.

Application
The System Na-Mg-Cl-SOi. In the previous papers 

in this series,5'6 we have presented the results of iso- 
piestic measurements on the six aqueous binary salt mix­
tures possible using NaCl, Na^SCfi, M gS04, and MgCl2. 
In these papers the results for each salt mixture were 
analyzed by the neutral-electrolyte treatment4 in which 
the components were considered to be the neutral salts 
and water. The concentration was expressed as the ionic 
strength, I, and the solute composition as the ionic 
strength fraction, y.

We have now analyzed these data by the ion-com­
ponent treatment3 considering the system to be com­
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posed of water and Na+ (a), Mg2+ (b), Cl-  (f), and 
SCV-  (g). In this procedure the two-ion parameters 
involving ions of unlike sign (Bafa), Bhg(2\ etc.) were 
derived from the a parameters previously used5,6 which 
were, in turn, derived from the compilation of Lietzke 
and Stoughton.7 The values of these parameters are 
given in Table VI. The three-ion parameters (those

Table VI : B Parameters for the System 
Na (a)-Mg (b)-Cl (f)-S04 (g)

CL af 1.45397 Bab«'« = 0.0630
Ba,<« = 0.04472 Bab,«'2> = -0.0228
Ba,<2> = 0.018616 Bab,«'« = 0.00221
Ba,<3> = -0.0010724 Baab(l'2) = 0
CL ng = 1.24072 Baabf(1'3) = -0.00068
Bag« = -0.14805 Baaab(2'3> = 0
Bag(2) = 0.024513 Babg«'2> = -0.0066
Bag(3> = -0.0009847 Babg«'3) = -0.00147
a'bf = 1.60067 Baabg«'» = 0
Bb,<« = 0.14924 B(g« '« = -0.0243
Bb,<2> = 0.030385 Ba,g«'2> = 0.01105
Bb,(3> = -0.0012884 Ba,g«'3> = -0.00079
CL bg ~ 1.37486 B,tg(1'2) = -0.00246
BbK<‘> = -0.10848 . Bang'«» = 0
Bbg(2) = 0.033704 B,ffg(2'3) = 0
Bbg<3> = -0.001520 Bbfg« '2> = 0

Bb,g«'3) = 0.00031
Bbffg(1’3> = 0

involving three-ion interactions, R abf(0,2>, B aabf(1,3), 
etc., as well as those involving the interaction of two 
ions of like sign, Bab'0,1’, Bfffg(2'3), etc.) were evaluated 
by a least-squares procedure using eq f of Table III and 
the osmotic coefficients for the four systems involving a 
common ion.5 The values for these parameters are 
also given in Table VI. The experimental data for the 
common-ion mixtures can thus be described by eq f of 
Table III and the parameters of Table VI. The stan­
dard deviation of this fit is 0.0012 in <f>.

A comparison of the ion-component treatment with 
the neutral-electrolyte treatment used previously is 
given in Table VII in terms of the ability to fit the 
common-ion data. (The standard deviation given in 
this table differs slightly from the definition previously 
used; it was chosen so as to avoid ambiguity regarding 
the number of variable parameters.) The first two 
columns of figures compare the two treatments when 
only the two-ion (single-salt) parameters are used. 
These figures indicate that, given only the two-ion data, 
the ion-component treatment provides a better approxi­
mation for the osmotic coefficient than the neutral- 
electrolyte treatment.

The third and fourth columns of Table VII compare 
the two treatments when terms characteristic of the 
mixtures [cross terms, (G^/RTWY11] are included. 
The results indicate that the quality of the fit is about 
the same for the two treatments. It should be noted, 
however, that for the neutral-electrolyte treatment each

Table VII: Standard Deviation for Fits to the 
Data for the System Na-Mg-Cl-S04

2($obsd Scaled)2
no. of observations

,-------T w o - ion  term s------- ,----------- A ll t,erms-----------•
N .E .» I .C .6 N .E .° I .C .5

NaCl-Na2S04 0.0219 0.0054 0.0009 0.0009
Na2S04-MgS04 0.0191 0.0121 0.0010 0.0013
MgS04-MgCl2 0.0339 0.0066 0.0008 0.0012
MgCl2-NaCl 0.0145 0.0056 0.0013 0.0009
NaCl-MgS04 0.0097 0.0037 0.0012» 0.0016“
Na2S04-MgCl2 0.0191 0.0074 0.0021» 0.004217
“ N.E., neutral-electrolyte treatment. b I.C., ion-component

treatment. » Cross-term parameters from direct fit to experi­
mental osmotic coefficients. d Cross-term parameters from fit 
to three-ion osmotic coefficients.

mixture is treated independently, while for the ion- 
component treatment the data for all four common-ion 
mixtures are taken together and some of the param­
eters are affected by the data from more than one 
mixture (e.g., the parameter Bab(0,1) must satisfy the 
data for both the NaCl-MgCl2 and the Na2S04-M gS0 4 
mixtures).

For the two four-ion (noncommon-ion) mixtures in 
Table VII the results computed from two-ion data are 
also much better with the ion-component approach 
than with the neutral-electrolyte treatment. The re­
sults with cross terms included are much the same for 
the two methods. This is shown in more detail by the 
deviation plots in Figure 1. Here the fits using only the 
two-ion data are decidedly better for the ion-component 
treatment. When the mixture terms are included, the 
standard deviations in Table VII suggest a better fit by 
the neutral-electrolyte treatment. It should be noted 
again, however, that the neutral-electrolyte treatment 
involves a direct fit to the data for the mixture in ques­
tion with parameters characteristic of that mixture. 
With the ion-component treatment the only param­
eters used are those derived from the three-ion data 
and do not depend on any measurements on the four- 
ion mixtures. The deviation plots in Figure 1 indicate 
that the fit is only slightly worse with the ion-compo­
nent treatment. In addition, five points for the Na2- 
S04-M gCl2 mixtures at yugcu = 0-5 show a consistent 
deviation. This consistent deviation is more apparent 
for the ion-component treatment and contributes to the 
larger standard deviations in Table VII. We suspect 
that there may have been experimental or computa­
tional errors in these measurements; however, we have 
been unable to identify such errors and have concluded 
that disregarding these points would not be justified. 
The deviation of these points from the bulk of the data 
would not be so apparent with the neutral-electrolyte
(7) M . H. Lietzke and R. W. Stoughton, J. Pkys. Chem., 66, 508 
(1962).
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Table VIII : Trace log y±  (NaCl) in Mixtures with Nâ SO*, MgCl2, and MgS04 (j/Naci = 0)

-PIatfordc-
/------------- T wo-iori terms-------------> /------------------All terms------------------ » McKay- N.E.,

I N.E.» I.C.6 N.E.“ I.C.6 Perring all terms

NaCl-Na2S04 1 -0.2151 -0.2258 -0.2278 -0.2287 -0.250 -0.229
3 -0.2432 -0.2765 -0.2803 -0.2816 -0.308 -0.283
6 -0.2055 -0.2726 -0.2744 —0.27E8 -0.314 -0.280

NaCl-MgCh 1 -0.1757 -0.1718 -0.1633 -0.1688 -0.176 -0.166
3 -0.1416 -0.1303 -0.1124 -0.1112 -0.120 -0.113
6 -0.0098 0.0146 0.0367 0.04E1 0.037 0.049

NaCl-MgS04 1 -0.2030 -0.2057 -0.2038 -0.2017
3 -0.2181 -0.2310 -0.2242 -0.21Ì7
6 -0.1687 -0.1977 -0.1865 -0.1788

° N.E., neutral-electrolyte treatment. 6 I.C., ion-component treatment. 0 NaCl-NaiSCb, ref 8; NaCl-MgCU, ref 9.

X

o

NoCI—  MgS0„

Figure 1. Deviation plots for four-ion data. 
Neutral-electrolyte treatment (left) and ion-component 
treatment (right). Ionic strength fractions for second 
component: A, 0.25, •, 0.5; and ■, 0.75.

treatment, since the direct fit to the data used in this 
approach adjusts the parameters to compensate par­
tially for these deviations.

The activity coefficients provide an additional means 
of comparing the treatments, although there are fewer 
direct measurements of this quantity for comparison, 
and the reliability of available data is more questionable, 
than with osmotic coefficients. Comparison of log y±

computed in different ways from osmotic coefficient 
data are also of interest, both to indicate the uncer­
tainty of activity coefficients obtained in this way and 
to indicate the extent to which they can be estimated 
from two-ion data alone, and from two-ion plus three- 
ion data. Equations fcr the calculation of log 7± for 
the general case are given in Table IV and for the spe­
cific case of component af (N aCl) in a mixture of a (Na +), 
b (Mg2+), f (C1-), and g (S042- )  ions in Table V.

A convenient comparison of results obtained by 
different methods of computing log y± from osmotic 
coefficients is given by values of “ trace”  log y±, shown 
in Table VIII. In this 3ase the figures given are for log 
7± of NaCl in the mixture indicated where the frac­
tion of NaCl is zero. These represent an extrapolated 
value and can be obtained from the neutral-electrolyte 
equations with the ionic strength fraction of NaCl equal 
to zero and from the ion-component equations (Table V) 
with the appropriate eq aivalent fractions equal to zero. 
Again we have compared the neutral-electrolyte and 
the ion-component treatments with only the two-ion 
terms and with the cross terms. It should again be 
noted that the figures in the column “ all terms, I.C.” 
were calculated from the parameters derived from all of 
the three-ion data and in the case of NaCl-MgSCh do 
not involve any direct measurements on this mixture.

The results using only the two-ion terms indicate 
that, except for the NaCl-MgSOi mixtures for which 
agreement is good for either approach, the ion-compo­
nent treatment gives values closer to those given by the 
complete equation than the neutral-electrolyte treat­
ment. When the mixture terms are included the two 
treatments are in good agreement, the maximum differ­
ence being 0.008 in log 7±.

We have also included in Table VIII values from the 
isopiestic measurements of Platford on the systems 
NaCl-Na^SO/ and NaCl-MgCl2.9 In these cases 
Platford calculated activity coefficients by the M cKay-

(8) R . F. Platford, J. Chem. Eng. Data, 13, 46 (1968).
(9) R. F. Platford, J. Phys. Chem-, 72, 4053 (1968).
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Figure 2. Activity coefficients of NaCl in NaCl-MgCk
mixtures:---------, neutral-electrolyte treatment, two-ion
parameters;------ , ion-component treatment, two-ion parameters;
------, neutral-electrolyte treatment, direct fit; -——-,
ion-component treatment, three-ion parameters ; •, emf 
measurements (ref 10).

Figure 3. Activity coefficients of NaCl in NaCl-MgS04
mixtures:---------, neutral-electrolyte treatment, two-ion
parameters;------ ion-component treatment, two-ion
parameters;------, neutral-electrolyte treatment, direct fit;
------, ion-component treatment, three-ion parameters;
•, emf measurements (ref 6).

Perring method, and these results are compared with 
computations by the neutral-electrolyte method. 
These results when treated by the neutral-electrolyte 
method are in good agreement with our results. The 
differences for the McKay-Perring treatment are prob-
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Figure 4. Activity cofficients of NaCl in Na^SOi-MgCb
mixtures:------ , ion-component treatment, two-ion parameters;
——, ion-component treatment, three-ion parameters;
•, emf measurements (ref 6).

ably due in large part to the method of extrapolation to 
zero concentration used with that method.9

A comparison of the various treatments with experi­
mental emf measurements is given in Figures 2-4. 
The experimental results for the NaCl-MgSCh and 
Na2S04-M gCl2 mixtures are taken from our previous 
publications6 and those for NaCl-MgCl2 from the work 
of Lanier.10 A discussion of these results relative to the 
neutral electrolyte treatment has been given in the pre­
vious papers in this series.6’6 The results for NaCl- 
MgCl2 (Figure 2) and NaCl-MgS04 (Figure 3) show 
clearly the increased power of the ion-component 
treatment when using only two-ion data. In these 
cases the two treatments give about the same quality 
of fit to the experimental data when the terms char­
acteristic of the mixtures are included. The ion-com­
ponent treatment, however, does reproduce more closely 
the upward curvature of the experimental data at low 
NaCl fractions. This agreement raises questions con­
cerning our earlier tentative conclusion6’10 that the 
curvature arises from nonideality of the electrodes.

Values of log 7±(NaCl) in the system Na2S04-  
MgCl2 can be calculated only at the end points and the 
midpoint by the neutral-electrolyte treatment.6 Using 
the ion-component treatment, values for any point can 
be calculated and the results at I  =  3 are shown in 
Figure 4. Here curves are calculated using only the 
two-ion parameters and using these plus the three-ion

(10) R. D. Lanier, J. Phys. Chem., 69, 3992 (1965).
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parameters. The agreement is satisfactory at least 
for the three-ion case. It should be reemphasized that 
the solid line in Figure 4 was calculated using pa­
rameters derived from the three-ion (common-ion) data 
and does not depend on any direct measurements on the 
Na2S04-M gCl2 mixtures.

In summary, the following points have been estab­
lished for the mixtures comprising this system. (1) 
The ion-component treatment provides a better esti­
mate of the osmotic coefficient or the activity coeffi­
cient than the neutral-electrolyte treatment when only 
data from the two-ion (single-salt) systems are avail­
able. (2) For three-ion (common-ion) systems the 
ion-component treatment provides as good a fit as the 
neutral-electrolyte treatment. (3) The ion-component 
treatment provides an entirely adequate means of cal­
culating the osmostic and activity coefficients for the 
four-ion systems using only the results obtained from 
the three-ion mixtures.

Synthetic Sea-Water Solutions. We have previously 
reported11 the osmotic coefficients for synthetic sea­
water solutions measured by the isopiestic technique. 
These solutions were prepared with NaCl, KC1, MgCl2, 
and Na2S04 so as to have the relative composition of sea 
water. These data when fitted to an equation with a 
Debye-Hiickel term and a power series in ionic strength 
gave a standard deviation of 0.0003 in <f>. A compar­
ison of the experimental data with values calculated 
from an equation derived from data on pure NaCl so­
lutions at the same ionic strength gave a standard de­
viation of 0.0040.

By combining the KC1 with the NaCl, these solutions 
can be considered as the four-ion system discussed 
above. Using the parameters of Table VI it is then 
possible to calculate the osmotic coefficients by the ion- 
component method. The resulting standard devia­
tions are 0.0048 using only the two-ion terms and 0.0020 
using both the two-ion and three-ion terms. The ion- 
component treatment using only the two-ion terms 
does not give quite as good a fit as the NaCl equation, 
but inclusion of the three-ion terms provides a some­
what better fit to the data.

Discussion

Young and coworkers have enunciated a number of 
empirical rules for changes of excess thermodynamic 
quantities on the mixing of electrolyte solutions. Usu­
ally, these rules have been initially stated and tested 
for heats and volumes of mixing, but possible applica­
tions to excess free energy were clearly in Young’s 
mind, 1243 and it is of interest to discuss the connections 
between the rules and the equations of this paper.

These rules are usually stated for mixings carried out 
at constant ionic strength, and concentration enters the 
expressions for (Ge/RTW)mi as I  and (Ge/RTW)nl as 
m'. This causes no difficulty if all electrolytes are (1-1)

and have a common ion, as they were in the original ap­
plications of the rules, since m' =  I. However, with 
electrolyte groups whic l include ions of different va­
lence, as Na+-M g2+-C. ~-S042- does, there are differ­
ences in the contributions from parameters evaluated 
from the single-salt solutions between mixed and un­
mixed solutions; these iifferences do not drop out as 
simply as, for example, they did in the discussion of the 
cross-square rule by the neutral-electrolyte approach.6 
Since the ion-component method gives at least as good 
a fit to osmotic coefficient data, mixing rules can be 
tested for free energies as well by it as by the neutral- 
electrolyte method. Tc be able to discuss the rules in 
terms of coefficients from {Ge/RTW)nU only, however, 
we shall limit our attention to 1-1 electrolytes.

For a mixture with a common ion, the first rule is in 
its simplified form implicit in Br0nsted’s principle of 
specific interaction of ions.14 It states that (Ge/ 
RTW)nU is very small. Br0nsted’s reasoning was that 
electrostatic repulsion prevents two ions of the same 
sign from approaching closely. An even more powerful 
reason is illustrated by the terms proportional to the 
concentration. That in (<p — l)afnI is (2baf +  haa +  bn) ; 
that in (<t> — l)abfnI1 is (26ab — 6aa — hbb). Other upper 
case coefficients in (G"/RTW)n11 are likewise seen 
(Table II) to be differences of an equal number of posi­
tive and negative lower-case interaction coefficients 
which might be expected to be similar in magnitude. 
Guggenheim16 extended 3r0nsted’s relation to reciprocal 
salt pairs. Scatchard and Prentiss16 applied the rela­
tions to the reciprocal salt pair K N 03-LiCl. The rule 
was stated in connection with measurements of volumes 
and heats of mixing by Young12 and extended by Young 
and Smith17 to mixtures without a common ion. A de­
viation from the simple rule analogous to the B (0,1> 
terms in these equations was also given (see also ref 18). 
If there is no common icn, statement of the rule only in 
terms (Ge/RTW)nU is approximate even for 1-1 elec­
trolytes, since there are contributions from (Ge/RTW)DH 
and (Ge/RTW)nl in the nixed solutions not in the equa­
tions for the unmixed solutions. For example, if we mix 
af and bg, the excess free energy for the mixture includes 
contributions from the single-salt equations for ag and 
bf.

(11) R. M.  Rush and J. S. , ohnson, J. Chem. Eng. Data, 11, 590 
(1966).
(12) T. F. Young, Rec. Chem. Progr., 12, 81 (1951).
(13) T. F. Young, Y . C. Wu, End A. A. Krawetz, Discussions Faraday 
Soc., 24, 37, 77, 80 (1957).
(14) J. N. Br0nsted, J. Amer. Chem. Soc., 44, 877, 938 (1922); 45, 
2898 (1923).
(15) E. A. Guggenheim, Beretn. Skand. Naturforskernwede, 18th 
Meeting, Copenhagen, 1929, 2G8 (1929).
(16) G. Scatchard and S. S. Irentiss, J. Amer. Chem. Soc., 56, 1486, 
2314, 2320 (1934).
(17) T. F. Young and M . B. Smith, J. Phys. Chem., 58, 716 (1954).
(18) R. M . Rush and G. Sea.chard, ibid., 65, 2240 (1961).
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Young’s second rule13’19 is that the heat of mixing 
for two electrolytes having a common ion is independent 
of the common ion. The corresponding rule for free 
energy would imply that {<f> — l ) nI1 is independent of 
the common ion. The rule should hold if only -6 ab(0,1) 

if common cation) and other coefficients with 
only a and b subscripts contribute to (4> — l)nI1, but not 
necessarily if other terms of higher power in concentra­
tion are important.

Young’s third rule, 13 better known as the cross-square 
rule, states that for a group of electrolytes of the same 
valence type af, bf, ag, bg, the free energy of mixing 1  
mol of af with 1  mol of bg plus that of mixing 1  mol of 
ag with 1 mol of bf is equal to that of mixing 1  mol of af 
with 1  mol of bf plus that of mixing 1  mol of ag with 1 
mol of bg plus that of mixing 1  mol of bf with 1  mol of bg 
plus that of mixing 1 mol of ag with 1 mol of af. With 
our equations, it holds if Babfg<2’3> is zero.

A recent paper20 based on the treatment of Friedman 
gives terms which appear to be similar to the low-order

concentration terms in the ion-component treatment 
presented above. In applying these equations21 the in­
teraction parameters are determined separately for each 
ionic strength and vary with ionic strength. Some of 
the apparent complexities of our treatments arise from 
the fact that the equations for these treatments include 
both the variation with the fraction of each solute and 
with the overall solute concentration.

Since the earlier treatment11 of sea-water composi­
tions as slightly perturbed NaCl solutions was satisfac­
tory at room temperature, the ion-component approach 
does not result in a great improvement. It is possible, 
however, that the ion-component treatment will be use­
ful at higher temperatures, for which data now exist.22

(19) Y .  C . W u , M . B . Sm ith, and T . F . Y ou n g , J. Phys. Chem., 
69, 1868 (1965).
(20) P . J . R e illy  and R . H . W o o d , ibid., 73 , 4292 (1969).
(21) R . H . W o o d , M . G ham khar, and J. D . P atton , ibid., 73 , 4298 
(1969).
(22) H . F . G ibb ard , Jr., personal com m un ica tion .

Equilibria and Proton Transfer in the Bisulfate—Sulfate System

by D. E. Irish and H. Chen
Department of Chemistry, University of Waterloo, Waterloo, Ontario, Canada (.Received March 2, 1970)

Relative integrated Raman intensities have been obtained from NH4HSO4, KHS04, and (NH4)2S04-HC 1 aqueous 
solutions and KDSO4-D 2O solutions. The apparent concentration quotient, Qv, and the degree of dissociation, 
a, have been computed at each concentration. The broadening of the 981-cm-1 Raman line of sulfate is 
directly proportional to the hydronium ion concentration. This dependence is linked to the proton transfer 
occurring in these systems. An overall second-order rate constant of 5.5 X  1011 M -1 sec-1 is implied. The 
spectra and the kinetics are rationalized in terms of the existence of ion pairs.

Introduction
The explanation, in terms of constitution, of prop­

erties of sulfuric acid was one of the goals of Professor
T. F. Young when, in collaboration with his students 
L. F. Maranville, H. F. Smith, and L. A. Blatz, he pro­
ceeded to design and construct one of the early photo­
electric Raman spectrometers. The data obtained in 
those studies led to significant progress toward attain­
ment of that goal. 1 -3  At low concentrations the diffi­
culty of obtaining meaningful Raman intensities pre­
cluded the possibility of getting an accurate value of K 2, 
the second dissociation constant of H2S04. K 2 has been 
measured by a variety of other methods, and a value of 
0.0102 mol kg- 1  at 25° has been obtained essentially 
independent of the method used.4,8 The Raman data 
were consistent with this value.4
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The quantitative interpretation of the Raman spectra 
are complicated by two features. The most intense 
981-em-1 line of sulfate ion lies between the 1052- and 
the 892-cm-1 lines of bisulfate ion. At most concentra­
tions these lines overlap, especially in the wings, and 
some criterion of line shape is required to establish the 
intensities. The half-widths of Raman lines of acid 
molecules and their conjugate anions increase with con-

(1) T . F . Y o u n g  and L . A . B latz, Chem. Rev., 44, 93 (1949).
(2) T .  F . Y ou n g , Rec. Chem. Progr., 12, 81 (1951).
(3) T .  F . Y ou n g , L . F . M aranville , and  H . M . Sm ith  in  “ T h e  S truc­
ture o f  E lectro ly tic  S o lu tion s,”  W . J. H am er, E d ., W iley , N ew  Y ork , 
N . Y „  1959, p  35.
(4) T .  F . Y o u n g  and D . E . Irish, Ann. Rev. Phys. Chem., 13, 435 
(1962).
(5) R . E . L in d strom  and H . E . W irth , J. Phys. Chem., 73 , 218 
(1969).
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centration. This enhances the overlap, compounding 
the problem. The line broadening has been attributed 
to rapid proton transfer between acid molecule and an­
ion6-9 and is thus of interest in its own right.

The present vibrational spectral study was initiated 
with the intent of using the bisulfate-sulfate equilibrium 
as a probe to determine the effects of background elec­
trolyte on the concentration quotient. The complica­
tions necessitated a thorough reexamination of the 
spectra of bisulfate salts in water, including DS04-  in 
D20.

Experimental Section
M aterials. Solutions were prepared from NH4HSO4 

and KHSO4 (Fisher Certified reagent), NaHS04 (fused 
BDH Analar reagent), H»S04 (95.5%C-I-L CP reagent), 
and doubly distilled deionized water. Crystalline KD- 
S04 was prepared by adding 59.6 g of D2SO4 (99% isoto­
pic purity, Bio Rad Laboratories) to 20 g of K 2SO4 dis­
solved in 120 ml of D 20. This preparation was carried 
out in a nitrogen atmosphere.

Spectra. Raman spectra excited by the 4358-A line 
of mercury were recorded on a Cary 81 Raman spectro­
photometer. A saturated NaN02 solution or a Kodak 
2A Wratten filter was used as optical filter. Filtered 
solutions were contained in cells equipped with water 
jackets for temperature control. A Haake constant 
temperature circulator was used to maintain the tem­
perature at the desired value—usually 25 ±  0.02°. In­
tegrated intensities, corrected for cell and instrument 

.settings, were obtained relative to the intensity of the 
458-cm-1 line of carbon tetrachloride used as an external 
standard. Line areas were measured with a polar 
planimeter. Infrared spectra were recorded on a Beck­
man IR-9 spectrophotometer. Liquid films were con­
tained between AgCl or AgBr plates separated by a 
0.0125-mm Teflon spacer.

Curve A n a lysis. A hybrid analog-digital computer 
routine was used to resolve band envelopes. Fre­
quency-intensity data are read from spectral charts and 
punched onto IBM cards. These generate the experi­

mental curve which is displayed on the screen of a stor­
age oscilloscope. A synthetic curve, a sum of invoked 
component bands each described by a Lorentz-Gaussian 
product function, is generated. The mean, variance, 
and area of each component are adjusted until the sum 
curve and experimental curve superimpose. The differ­
ence curve is a measure of the goodness of fit. Differ­
ences are minimized.

Results and Discussion
Spectra. The degree of dissociation of bisulfate ion 

in a 50 mol %  ammonium bisulfate solution is small at 
93°. Raman spectra recorded with both polarized and 
unpolarized mercury excitation are shown in Figure 1 . 
The SO42- 981-cm-1 n A i  line appears only as a weak 
shoulder for 50 mol %  NH4HSO4 (~10 M  at 93°). 
Other lines of S042- (451, 613, and 1110 cm-1) are not de­
tectable. Therefore all the Raman lines observed ex­
cept 981 cm- 1  are due to HS04-  ion. The prominent 
lines, half-widths, and features of HS04-  are, respec­
tively, 424 cm-1, 39 cm-1, dp, asymmetric; 592 cm-1, 
36 cm-1, dp, asymmetric; 872 cm-1, 59 cm-1, p; 1040 
cm-1, 43 cm-1, p; and 1204 cm-1, 115 cm-1, dp. The 
frequencies depend on concentration. In particular 
the intense line at 1040 cm- ’ is found in the region 1052- 
1055 cm- 1  in more dilute solutions ( ~ 2  M ) . The bisul­
fate ion is largely surrounded by ammonium cations in 
the concentrated solution; these are replaced by water 
molecules on dilution and line frequencies reflect this 
change in environment. Raman spectra of 2.00 M  solu­
tions of NH4HSO4, NaHSCh, KHSCh, and H2S04 run 
under identical operating conditions at 25.0° are illus­
trated in Figure 2 . The frequencies are essentially inde­
pendent of cation. Line overlap is apparent, and the

(6) M . M . K re e v o y  and C . A . M ead , J. Amer. Chem. Soc., 84 , 4596 
(1962).
(7) M . M . K re e v o y  and C . A . M ead , Discussions Faraday Soc., 39, 
166 (1965).
(8) A . K . C ov in g ton , M . J. T a it , and W . F . K . W yn n e-J on es, ibid., 
39, 1 (1965).
(9) W . J. A lbery , Progr. React. Kinet., 4 , 353 (1967).
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2. Raman spectra of 2.00 M  H 2SO4, KHSO t, N a IlS 0 (, and N H 4HSO4 solutions.

solid line. Between 0.117 and 1.0 M  (NH4)2S0415 values 
of the integrated intensity were obtained in triplicate; 
between 1 and 3.83 M  9 values were obtained in dupli­
cate. Relative integrated intensity is directly propor­
tional to sulfate concentration with very little scatter. 
Intensities relative to the 458-em-1 line of CCh are

I t  si =  0 .2 8 1  [SO42- ]

/m o  =  0 .1 1 1  [SO42- ]

obtained with sensitivity 2  for CCI4 and 10  for sulfate. 
The total width at half-peak height (called the half­
width in this paper) of the 981-cm-1 line was found to 
be 18.0 cm- 1  independent of concentration at a slit 
width setting of 15.0 cm-1.

The computer analysis of the spectral region 800- 
1400 cm- 1  of a 0.225 M  NH4HS04 solution is illustrated 
in Figure 4. Analysis of many spectra of many concen­
trations with line shapes described as Lorentz, Gaussian, 
and Lorentz-Gaussian indicated that the best fit was 
obtainable with Lorentz-Gaussian functions. Even so 
a good fit was not obtainable in the ~1020- and 940- 
cm- 1  regions unless two additional lines were invoked, 
viz. a weak line at 948 ±  4 cm- 1  and another weak line 
at 1024 ±  4 cm-1. These lines have not hitherto been 
reported in Raman spectra of bisulfate solutions. Thus 
we were concerned lest these be results of the method of 
curve analysis and not real. The lines were found in 
solutions of different cation-bisulfate salts—NH4+, 
H80+, Na+, and K+. The asymmetry of the 890- and 
lOôO-cm“ 1 lines is apparent on original traces. In the 
infrared spectrum where the 981-cm-1 line of S042~ is

Figure 3. Computer analysis of 0.455 M  (NEfihSCb 
Raman spectrum.

breadths of lines of H2S04 are noteworthy. The intensity 
ratio of the 981-cm"1 line of sulfate and the 1050-cm_1 
line of HS04_ is a qualitative measure of the extent of 
dissociation. Assuming that molar intensities of both 
lines are independent of cation, the spectra indicate that 
the extent of dissociation of HSO4-  ion is approximately 
in the order of cations NH4+ >  Na+ >  K+.

In ten sity  Study. The spectral region 900-1200 cm- 1  of 
S042"  can be fitted accurately by computer analysis 
using a Lorentz-Gaussian product function for line 
shape. In the plotter portrayal of the computer analysis 
(Figure 3) the points read from original spectra are des­
ignated by X  and the sum of two Lorentz-Gaussian func­
tions positioned at 981 and 1110 cm- 1  is given by the
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Table I  : Data for Aqueous Ammonium Bisulfate Solutions

[ N H 4H S 0 4 ] [ H ï O] [S04« - ] “ [SO.»-]6 [ H S O . - ] c a* Id (uj - wo)°

8 . 0 1 3 4 2 . 6 1 . 6 7 1 . 6 8 6 . 3 3 0 . 2 1 0 0 . 4 4 7 1 1 . 4 14 ±  3
6 . 5 7 1 4 4 . 0 1 . 6 0 1 . 6 0 4 . 9 7 0 . 2 4 3 0 . 5 1 2 9 . 7 6 10 ± 2
5 . 2 5 7 4 5 . 3 1 . 4 7 1 . 4 7 3 . 7 9 0 . 2 8 0 0 . 5 7 2 8 . 2 0 8 . 3  ±  0 . 7
3 . 9 4 2 4 7 . 0 1 . 3 0 1 . 2 8 2 . 6 7 0 . 3 2 4 0 . 6 1 2 6 . 5 0 7 . 3
2 . 9 5 7 4 8 . 7 0 . 9 9 1 1 . 0 2 1 . 9 4 0 . 3 4 5 0 . 5 3 7 5 . 0 0 4 . 5
2 . 0 0 7 5 0 . 5 0 . 7 3 1 0 . 7 0 5 1 . 3 0 0 . 3 5 1 0 . 3 8 1 3 . 4 1 4 . 6
1 . 0 4 5 5 2 . 6 0 . 3 7 7 0 . 3 6 5 0 . 6 8 0 0 . 3 4 9 0 . 1 9 5 1 . 7 7 2 . 6
0 . 9 6 3 5 2 . 9 0 . 3 3 6 0 . 3 3 7 0 . 6 2 6 0 . 3 5 0 0 . 1 8 1 1 . 6 4 2 . 2
0 . 9 1 1 5 3 . 0 0 . 3 1 1 0 . 3 1 9 0 . 5 9 2 0 . 3 5 0 0 . 1 7 2 1 . 5 5 2 . 1
0 . 8 2 8 5 3 . 2 0 . 2 7 7 0 . 2 9 0 0 . 5 3 8 0 . 3 5 0 0 . 1 5 6 1 . 4 1 1 . 5
0 . 6 8 2 5 3 . 6 0 . 2 4 7 0 . 2 4 0 0 . 4 4 2 0 . 3 5 2 0 . 1 3 0 1 . 1 6 2 . 2
0 . 6 4 1 5 3 . 7 0 . 2 0 2 0 . 2 2 6 0 . 4 1 5 0 . 3 5 2 0 . 1 2 2 1 . 0 9 1 . 4
0 . 4 7 0 5 4 . 2 0 . 1 7 6 0 . 1 6 8 0 . 3 0 2 0 . 3 5 7 0 . 0 9 3 0 . 8 1 1 . 6
0 . 4 2 7 5 4 . 2 0 . 1 5 5 0 . 1 5 3 0 . 2 7 4 0 . 3 5 8 0 . 0 8 5 0 . 7 3 1.0
0 . 2 2 5 5 4 . 7 0 . 1 0 8 0 . 0 8 2 0 . 1 4 3 0 . 3 6 5 0 . 0 4 7 0 . 3 9 0 . 5

“ M e a n  v a l u e s  o f  Im/Jm = / o s i / 0 . 2 8 1  i n m o l e s  l i t e r - 1 . b L e a s t - s q u a r e s  f i t  b a s e d  o n 3 8  i n d i v i d u a l  m e a s u r e m e n t s . « C -  [ S O , 2 - ]
[SO di/C . « Q v = [ « 7 ( 1  - ■a)]C. > U = i o n i c  s t r e n g t h = 0(1 +  2a ) . o H a l f - w i d t h  o f  9 8 1 - c m 1 l i n e  (w) — h a l f - w i d t h  i n  ( N H 4]

S04 solution ( w o ) .

Figure 4. Computer analysis of 0.225 M  N H (H S04 
Raman spectrum.

very weak (it is forbidden by selection rules but shows 
up weakly in the solution phase) a distinct shoulder is 
observable on the low-frequency side of the lOoO-cm- 1  
line of HS04~. For these reasons we consider these 
lines real and discuss provisional assignments later. 
The relative integrated intensities of the 981-cm-1 lines 
of SO42- in the bisulfate solutions were obtained ex­
cluding contributions from these two weak components. 
Division by the molar intensity of S042- (Jmi =  0.281) 
provides the sulfate ion concentrations. The difference 
between these and the stoichiometric concentrations 
of bisulfate salt gives the apparent bisulfate ion concen­
trations. The apparent concentration quotient and de­
gree of dissociation were obtained in accordance with 
the definition

= [S042-][H 3Q+] = a 2Co 

Qv [HS04-]  1  -  a

These quantities are given in Table I. As one self-con­
sistency test of the data the intensity of the 1050-cm-1 
line of HS04_ was plotted vs. [HS04~] obtained by 
difference, and a straigh; line was obtained.

The extrapolation of Qv-concentration data to obtain 
K 2 cannot be made with high precision because Raman 
data cannot be obtained at sufficiently low concentra­
tions. A simple extrapolation of a Q v vs. C  plot indi­
cates that K i  is 0 .0 1 in general agreement with values 
obtained from methods which provide data in much 
more dilute solutions.4 The extent of dissociation ob­
tained in this work is much less than that reported ear­
lier.3 This is attributed to the difference in the way 
in which the Raman spe ;tra were resolved. Less inten­
sity has been attributed to the sulfate ion in this work 
because the 948- and 1024-cm-1 lines are recognized as 
arising from undissociat.ed species. Similar but fewer 
data were obtained for KHS04 in H20, KDS04 in D20  
and (NH4)2S04-HC1 mixtures. These are presented in 
Table II. The degree cf dissociation of the deuterated 
form is less than that of the protonated form as ex­
pected.

P roton-E xchange Study. The broadening of the 981- 
cm- 1  line of S042-, (w — w0), is directly proportional to 
the concentration of hydronium ion (Figure 5). All 
three sets of data— NELHS04, KHS04, and (NH4)2S04-  
HC1 mixtures—fulfill this proportionality except two 
points corresponding to 5.70 M  HC1 and 8.01 M  NH4- 
HS04. At these high concentrations the uncertainty 
in the data is much greater. The 981-cm-1 line of 
S042- is lower in intensity and the overlap with the 
1020- and stronger 1050-cm-1 lines is great. Values of 
a  and Qv have passed through a maximum. A different 
situation apparently exists at these high concentrations. 
We can write (w — w0) =  A  [H30+], where A  is the slope 
of the line in Figure 5. Explanation in terms of proton-
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Table I I  : Data for KHSO4, HC 1-(NH 4)2S04, and K D S 04-D 20

[K H SO i] [SCR2- ] “ isoe-i6 [H S 0 4- ] e A Qv‘ I v f (w — Wo)11

2.999 0.662 0.658 2.341 0.219 0.184 4.31 5.3
2.249 0.562 0.560 1.689 0.249 0.186 3.37 3.6
1.687 0.433 0.457 1.230 0.270 0.168 2.60 2.5
1.265 0.381 0.364 0.901 0.288 0.147 1.99 2 .6
0.949 0.277 0.285 0.664 0.300 0.122 1.52 1.6
0.534 0.191 0.169 0.365 0.316 0.078 0.87 2 .0

[HCIJ [(N H ,)2S 0 4] [ S C V -p [HSO ( - [HsO+1 Qv CW  -  W o )

0.50 2 .00 1.59 0.41 0.09 0.334 1.5
1.00 2.00 1.26 0.74 0.26 0.451 1.9
1.50 2 .00 0.94 1.06 0.44 0.389 2.5
2.00 2 .00 0.72 1.28 0.72 0.398 4.2
3.00 2.00 0.48 1.52 1.48 0.463 9 .0
4.00 2.00 0.35 1.65 2.35 0.502 13.6
5.70 1.10 0.18 0.92 4.78 0.946 16 ±  6

[KDSCU] [S C M -]“ ' 6 [HS04-]c «■> Qv" I y f (w —  Wo)ff

2.394 0.368 2.026 0.154 0.0671 3.13 4.1
1.676 0.254 1.412 0.151 0.0450 2.18 2 .6
1.170 0.174 0.996 0.149 0.0305 1.52 2.1
0.819 0.150 0.670 0.182 0.0332 1.12 2 .2

0 Mean values of I m / J m  = /æi/0.281 in moles liter -1. b Least--squares fit based on individual measurements. «  C  -  [S042-
[s o 42- ] / c . • Qv =  [<*7(i - a ) ]C .  f  7V =  ionic strength =  C(1 +  2<*). g Half-width of 981-cm'_1 line (to) — half--width in (N H 4

S04 solution (wo).

Figure 5. Dependence of line broadening of the 981-cm-1 
Raman line of S042- on hydronium ion concentration: O, 
N H 4H S 04; • ,  K H S 04; □, (N H 4)2S04"HC1; A, K D S 04- D 20.

transfer broadening as originally suggested by Kreevoy 
and Mead6-7 and applied by Covington, et al.,s is sug­
gested.

The mean lifetime of the sulfate ion, r, is given by 
(r)-1 = 7rc (w — w0), where w is the half-width of the 
Raman line in the acidic solution and w0 is the half­

width of the same line from a neutral salt solution; c is 
the velocity of light. Comparison of data for solutions 
of the same hydronium ion concentration but differing 
amounts of sulfate ion indicate that within experimental 
error r is independent of the concentration of sulfate. 
The first-order rate law for proton transfer which relates 
t and [S042 -] is rate = (t) - 1[S042 -]. However, the 
pseudo-first-order rate constant (r) - l  was shown above 
to depend on hydronium ion concentration. Thus

ratef =  ncA [H30 +] [S042 ~ ]

where ircA is the second-order rate constant equal to 5.5 
X 10u M ~ l sec-1. This can be compared with the re­
combination rate of ~ 1  X 1011 M ~ l sec- 1  for the pro­
cess H+ +  S042- <=* HS04~ obtained by Eigen, et ai. 10,11 
From a similar analysis for KDS04-D 20  we obtain a 
second-order rate constant of 10.4 X 10u sec-1.

Unlike previous studies, the acid molecule in this 
study, HS04- , carries a negative charge. Thus direct 
interaction with SO42- is unlikely because of the high 
coulombic repulsion. The following mechanism finds 
some support from consideration of the spectra. In the

ki
SO42- +  H3O+ ^  0 3S02- -H0H2+ (1)

k-i

0 3S02- 'H0H 2+ ^ ± : 0 3S0H- -0H 2 (2)
k- 2

(10) M . E igen, G . K u rtze , and K . T am m , Z. Elektrochem., 57 , 103 
(1953).
(11) M . E igen, W . K ruse, G . M aass, and L . D e M a ey er , Progr. 
React. Kinet., 2 , 287 (1964).

T he Journal o f  P h ysica l Chem istry, Vol. 74, N o . 21 , 1970



Symposium on Structures of Water and Aqueous Solutions 3801

first step an ion pair is formed between sulfate ion and 
hydronium ion. Although its concentration is expected 
to be low, the 948-cm-1 line is assigned to it. When 
nitrate ion forms ion pairs with metal a lower frequency 
line at about 10 2 0  cm- 1  is detectable on the low-fre­
quency side of the 1050-cm-1 symmetric stretch of free 
nitrate. 12,13 The 948-cm-1 line of sulfate is analogous. 
In step 2 the proton is transferred from hydronium 
to sulfate leaving a hydrated bisulfate ion. All bisul­
fate in the solutions is considered to be in this form. It 
has been suggested that hydrates account for most of 
the variation of activity coefficients of undissociated 
parts of acids in aqueous solution. 14 Compare also the 
conclusions of Gillespie and Wasif from apparent molal 
volume calculations.16 No way of quantitatively test­
ing the mechanism, or modifications of it, with the 
half-width data has so far been found. For example, a 
plot of

(w — wo)
[H30+]

[HSO4-]

vs. Qv is linear for systems in which [H30 +] equals 
[S042 -] (cf. ref 9). However, the data from the (NH4) 2 
SO4-HCI mixtures cannot be accommodated on this 
plot. Consideration of the reverse steps is, however, 
instructive. The overall rate of exchange of protons 
for the reverse of steps 1  and 2  is given by

rater =  (tHso, - ) -1 [H S 04- -H 20 ]  =

7tc(w  — Wo) io5o[ H S 0 4- - H 20 ]

More uncertainty exists in the measurement of wim  
because of problems associated with line overlap. No 
value of Wo can be directly obtained for the 1050-cm-1 
line because bisulfate always exists in the presence of 
sulfate and hydronium ions. However, a small increase 
in half-width appears to be within experimental uncer­
tainty. Because the system is in equilibrium, ratef =  
rater. Thus5.5X 1 0 n[H3O+][SO42 -] =  7rc(w  — w0)io5o- 
[HS04“ -H20], and w.'105o = w0 +  5.8Q v. Data from 
all three systems do satisfy this linear relationship with 
slope of 5.8 cm-1 Af-1. For the 1050-cm-1 line of bi­
sulfate wo is 26 ±  1 cm-1, by extrapolation. The spe­
cific rate constant, kT =  ( t h s o , - ) “ 1, is given by 5.5 X 
10nQv. The compatibility of the data, particularly 
data from systems in which sulfate and hydronium con­
centrations are equal with data from systems where the 
concentrations differ, provides strong support for the 
explanation of line broadening in terms of proton trans­
fer. The detailed mechanism is still uncertain. The 
high values of the second-order rate constants and the 
comparison of K f  for the HS04- -H 20  and DS0 4 - -D 20  
systems suggest that other steps exist in the mechanism.

The assignment of the 1024-cm-1 Raman line is also 
not definite. Possibly it is a fundamental of HS04- - 
H20. Specifically it could arise from an A ' stretching

vibration of the S02 unit with the other S -0  bond con­
tracting. (The 1050-cm-1 line is assigned to the S03 
symmetric stretch.) The species HS03~ is reported to 
have a vibration of 10 2 2  cm- 1 . 16 To counter this pro­
posal the intensity of the 1050-cm-1 line is directly pro­
portional to } C  — [S041-]} but the sum (/1050 +  1 1024) is 
not, although there is more uncertainty in /i024. Possi­
bly the 1024-cm-1 line is another mode of the ion pair 
H30  + -S042-. The intensity ratio Imt'-IoAs is roughly 
constant although the departure from a constant may 
lie outside of the experimental uncertainty. Alterna­
tively another step may exist in the mechanism involv­
ing the creation of an ion pair formally written H30+- 
(HS04- )H20. Wyatt17 successfully calculated a wide 
variety of properties o' concentrated sulfuric acid as­
suming H30 + is solvated by H2S04 in this concentrated 
solution. The ion pair suggested here can be thought 
of as H3O+ solvated by HS04- . This would be expected 
to generate a sulfur-oxygen stretching frequency lower 
than 1050 cm-1. The structure of such a species could 
be

H H H H
\ /  O 0  \ /

\ /  > 0 : 
H\ / S  Xv 

O X)'

Proton exchange would occur through the central sul­
fate unit as a cooperative event.

Acceptance of the mechanism has implications for the 
equilibrium data descr bed above. The denominator 
in the Qv expression is (C  — [S042 -]) and is thus the 
sum [HS04- -H20] +  H30 +-S042 -] +  other sulfate- 
containing species, a  is the fraction of the formal bi­
sulfate concentration present as free sulfate. In the 
earlier work of Young, et a l.,3 the measured 981-cm-1 
Raman line intensity included contributions from the 
1024- and 948-cm-1 lines. This accounts for the higher 
values of a  which they obtained.
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Solvent Structure in Aqueous Mixtures. II. Ionic Mobilities in 

ieri-Butyl Alcohol—Water Mixtures at 25°

by T. L. Broadwater and Robert L. Kay*
Chemistry Department, Mellon Institute, Carnegie-Mellon University, Pittsburgh, Pennsylvania 16213 
(.Received March 2, 1970)

Density, viscosity, and dielectric constant data are reported for ¿erf-butyl alcohol-water mixtures over the whole 
composition range at 25°. Cation transference numbers for 0.02 M KBr obtained by the moving boundary 
method and precise conductance measurements on KC1, CsCl, LiBr, NaBr, KBr, Me4NBr, Bu4NBr, and 
Me4NI are reported for aqueous mixtures containing up to 20 mol % tert-butyl alcohol at 25°. The 
data for Bu4NBr extend to 70 mol % tert-butyl alcohol. The conductance and transference data were 
extrapolated by the Fuoss-Onsager conductance theory. The resulting limiting ionic conductances were 
used as a probe to investigate the increased long range order postulated for the water-rich region of aqueous 
¿erf-butyl alcohol mixtures. As was the case with dioxane-water and ethanol-water mixtures, the hydro- 
phobic hydration of the Bu4N + ion disappears continuously as ¿erf-butyl alcohol is added to water. On the 
other hand, structure-breaking ions appear to be more efficient in those mixtures by as much as 30% in some 
cases. However, the order found in structure-breaking power for both cations and anions in these mixtures 
is almost the reverse of the order found for aqueous solutions, a result that suggests that a second effect, such 
as an ionic dehydration, contributes to the large excess conductance found in the water-rich region of these 
mixtures.

Introduction
The nature of the increased long range order encoun­

tered in aqueous mixtures of the alcohols has received 
considerable attention recently. In a review, Franks 
and Ives1 have pointed out the extrema found in many 
properties, primarily in the region containing more than 
90 mol %  water. They pointed out that the effects are 
magnified considerably in the case of ¿erf-butyl alcohol- 
water mixtures. Perhaps the most striking example 
reported in the literature is that of Arnett and McKel- 
vey,2 who report a variation in the partial molal heat 
capacity for sodium tetraphenylborate of 600 cal mol- 1  
between approximately 5 and 8 mol %  ¿erf-butyl alcohol 
in aqueous mixtures at a mean temperature of 15°.

In previous work we have used ions whose properties 
are known in aqueous solutions as probes to investigate 
the nature of the structure formed when small amounts 
of an organic component are added to water. Conduc­
tance data have proven to be particularly useful in this 
respect since they can be readily separated into ionic 
values with the aid of transference data. The complete 
range of compositions of the ethanol-water system has 
been studied extensively.3 The ability of a dipolar 
organic component to enhance long range order in an 
aqueous mixture was investigated by conductance 
measurements on the water-rich region of dioxane- 
water mixtures.4 Here we report measurements on ¿erf- 
butyl alcohol-water mixtures at 25°, a solvent system 
in which structural effects should be at a maximum.

The literature on ¿erf-butyl alcohol-water systems is 
too extensive for a complete review but three recent 
publications should be noted.5 Besides the review men­

tioned above, Arnett6 has measured and discussed the 
thermodynamic behavior of a number of electrolytes 
and nonelectrolytes in ferf-butyl alcohol-water mixtures. 
Except for a few scattered measurements on long chain 
electrolytes,7 no conductance data could be found for 
electrolytes in this solvent system.

Experimental Section
An Ubbelohde-type suspended-level viscometer8 with 

a flow time for water at 25° of 500 sec was used for the 
viscosity measurements. No kinetic energy correction 
was found necessary. The calibrating liquids were n-dec- 
ane and n-hexane, which in turn were based on the 
water value, y (H20, 25°) =  0.008903 poise. A capil­
lary pycnometer with a volume of approximately 20  ml 
was used for the density measurements.

A method has been developed in this laboratory for 
the measurement of absolute dielectric constants (no

*  To whom correspondence should be addressed.
(1) F . Franks and D . J. G. Ives, Quart. Rev. {London), 20, 1 (1966).
(2) E. M . Arnett and D . R. McKelvey, J. Amer. Chem. Soc., 8 8 , 
5031 (1966).
(3) R . L. Kay, G. P. Cunningham, and D . F. Evans, “Hydrogen- 
Bonded Solvent Systems,” A. Covington and P. Jones, Ed., Taylor 
and Francis, London, 1968, p 249.
(4) R. L. Kay and T . L. Broadwater, Electrochim. Acta, submitted.
(5) (a) M . C . R. Symons and M . J. Blandamer, ref 3, p 211; (b) 
D . N . Glew, H . D. Mak, and N. S. Rath, ref 3, p 195; (c) E. v. 
Goldammer and M . D . Zeidler, Ber. Bunsenges. Phys. Chem., 73, 
4 (1969).
(6) E. M . Arnett, “Physico-Chemical Processes in Aqueous Sol­
vents,” F . Franks, Ed., Heinemann, London, 1967, p 105.
(7) G. L. Brown, P. F . Greiger, and C . A. Krause, J. Amer. Chem. 
Soc., 71, 96 (1949).
(8) Cannon Instrument Company, State College, Pa.

T he Journal o f  P hysica l Chem istry, Vol. 74, N o . S I, 1970



Symposium on Structures of Water and Aqueous Solutions 3803

calibrating liquids required) by a bridge method (Gen­
eral Radio Type 1615-A capacitance bridge). It was 
specifically designed for the relatively high conduc­
tances encountered with polar liquids. 9 The dielectric 
cell was of the three terminal guarded-type10 also specif­
ically designed for polar liquids. The cell constant was 
determined by means of measurements on the cell filled 
with dry nitrogen using e (N2) = 1.0005.

The transference numbers were obtained by the 
moving boundary method using an improved detector 
recently described by Kay, Vidulich, and Fratiello. 11 
In this method boundary movement is detected poten- 
tiometrically with platinum microprobes sealed into the 
moving boundary tube. The power supply and detect­
ing circuits have already been adequately described. 11 
Two types of cells were used for the measurements re­
ported here-—a flowing cell in which the boundary is 
formed initially between leading and following solutions 
by means of a pipet. A few runs were carried out using 
an autogenic-type cell with a cadmium plug as anode. 
The volumes between microprobe electrodes were deter­
mined by calibration runs based on Longsworth’s value 
of T +  (0.02 M  aqueous KC1, 25°) = 0.4901.12 LiCl was 
used as the following salt for the calibration runs using 
the flowing cell. The precision obtained in the calibra­
tion runs was 0.05% or better.

The conductance measuring apparatus, 13 the salt cup 
dispensing device, 14 and the general techniques for pre­
paring solutions13 and hygroscopic salts15 have already 
been described in detail. The solvent mixtures were 
prepared by weight and vacuum corrected. All mea­
surements were carried out using a 500-cc conductance 
cell. In order to avoid atmospheric contaminants, the 
solvent mixtures and solutions were prepared in a closed 
system similar to the one used previously. 13

Reagent grade ferf-butyl alcohol (J. T. Baker Co.) was 
refluxed for 1 2  hr over calcium oxide, fractionally dis­
tilled from a 2M Stedman column, and stored under ni­
trogen for periods as long as a month without any sign 
of decomposition. It had a specific conductance of 1 X 
10-10  cm- 1  ohm-1, and a density of 0.78053 g ml- 1  
(the density before distillation was 0.78074). Previous 
values reported for the density of pure ¿erf-butyl alcohol 
at 25° range from 0.7785 to 0.7810.16 Conductivity 
water was obtained by passing distilled water through 
a column of mixed-bed ion-exchange resin.

LiBr was twice recrystallized from acetone, dried in 
a vacuum oven at 1 1 0 °, and stored in a desiccator situ­
ated in a drybox since it is such a hygroscopic salt. 
The molecular weight of LiBr was assumed to be 8 6 .86 . 
NaBr and KBr were prepared by the reaction of the 
appropriate carbonate with HBr. Both salts were 
twice recrystallized from conductivity water and when 
partially dry were fused under nitrogen. The KC1 was 
recrystallized from water by the addition of ethanol, 
dried at a 120°, and fused under nitrogen. Reagent 
grade CsCl was dried at 110° and used without further

purification. The tetraalkylammonium salts were puri­
fied by procedures described previously. 13

Results
D ensities. The density data reported in Table I are 

in excellent agreement up to 70 mol %  ¿erf-butyl alcohol 
with the data of Tommila16c and of Doroshevski,16d 
whereas those of Irany16g are consistently higher by 
about 0.08%. Density data for these mixtures con­
taining more than 70% ¿erf-butyl alcohol have not been 
reported previously.

Table I : Viscosity and Density Data for 
¿erf-BuOH-HjO Mixtures at 25°

Mol Mol
% IO*»? P % 1027? P

2.00 1.315 0.98509 19.80 4.441 0.89773
3.97 1.850 0.97595 30.27 4.984 0.86552
4.98 0.97083 50.01 4.811 0.82695
6.00 2.379 69.76 4.409 0.80250
7.98 2.818 0.95372 79.31 4.254 0.79530

10.10 3.238 90.88 4.222 0.78672
11.81 3.532 94.22 4.288 0.78349
13.95 3.842 97.34 4.408 0.78135
16.09 4.176 100.00 (4.52) 0.78053

V iscosities. Our viscosity data in centipoises are also 
summarized in Table I and compared to those of 
Tommila160 and Irany16g in Figure 1. The three sets of 
data coincide only below 7 mol %  ¿erf-butyl alcohol, our 
data being 5.5% higher than those of Tommila and 
3% higher than those of Irany at higher compositions 
of ¿erf-butyl alcohol although the general shape of the 
curve obtained in all three cases is the same. Our ex­
trapolated value of 7) for pure ¿erf-butyl alcohol is con­
siderably higher than that obtained by the other two 
workers. The difference cannot be attributed to a 
higher water content since higher values of tj would be 
obtained for a water impurity in the 45 to 80 mol %

(9) R . L . K a y  and K . S. P ribadi, Rev. Sci. lustrum., 40 , 726 (1969).
(10) G . A . V idu lich  and R . L . K a y , ibid., 37 , 1662 (1966).
(11) R . L . K a y , G . A . V idu lich , and A . F ra tie llo , Chem. Instrum., 1, 
361 (1969).
(12) L . G . L ongsw orth , J. Amer. Chem. Soc., 54 , 2741 (1932).
(13) D . F . E vans, C . Zaw oyski, and R . L . K a y , J. Phys. Chem., 69, 
3878 (1965).
(14) R . L . K a y , B . J. H ales, and  G . P . C unningh am , ibid., 71 , 3925 
(1967).
(15) R . L . K a y , C . Zaw oysk i, and D . F . E vans, ibid., 69, 4208 
(1965).
(16) (a) K . Owen, O . R . Q uayle, and E . M . B eavers, J. Amer.
Chem. Soc., 61, 900 (1939), po =  0 .7785 ; (b ) D . R . S im onsen and 
E . R . W ashburn , ibid., 68 , 235 (1946), po =  0.78043; (c) J . K e n t- 
tam aa, E . T om m ila , and M . M artti, Ann. Acad. Sci. Fenn., Ser. A, 
2, 1 (1959), po =  0.78052; (d ) A . G . D orosh evsk i, J. Russ. Phys. 
Chem. Soc., 42, 442 (1910), po =  0 .7806 ; (e) H . N . D u n n in g  and
E . R . W ashburn , J. Phys. Chem., 56, 235 (1952), po =  7806; (f)
S . Y o u n g  and  E . C . F ortey , J. Chem. Soc., 81 , 729 (1902), po =  
0.78056; (g) E . P . Iran y, J. Amer. Chem. Soc., 65, 1396 (1944),
po =  0.7810.
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Figure 1. The viscosities and dielectric constants of tert-butyl 
alcohol-water mixtures at 25°: O, viscosity, this work; A,
viscosity, ref 16g; • ,  viscosity, ref 16c; 0, dielectric 
constant, this work; ■  dielectric constant, ref 18.

region. We believe that our values are higher because 
we have taken proper care to allow for a surface tension 
correction that must be applied to most viscometers for 
measurements on aqueous solvent mixtures. Our com­
mercial viscometers8 give a viscometer constant that is 
1 .2 %  lower if water rather than hexane, decane, diox- 
ane, ethanol, or methanol is the calibrating liquid. 17 As 
we have already pointed out, we calibrated our viscom­
eters with pure organic liquids and consequently de­
veloped a correction to be applied at mole fractions of 
water greater than 0.75. If we had used water as our 
calibrating fluid, the three curves in Figure 1  would be 
in much better agreement over this whole range of com­
positions.

D ielectric Constants. The dielectric constant data in 
Table II were measured as a check on similar data of 
Brown and Ives, 18 who used a number of calibrating liq-

T a b le  I I : Dielectric Constants for
tert- BuOH--H20  Mixtures at 25°

M ol % € M ol % €

0.00 78.40 15 .00 43.09
3.00 70.84 20.06 36.79
4 .0 1 68.43 23.87 32 .18
5.00 66.06 30.00 26.76

10 .0 1 53.46 50.00 17 .24

uids and a resonance method that can be unreliable 
unless considerable care is taken with the measure­
ments. As can be seen in Figure 1, our data are in 
excellent agreement with those of Brown and Ives with 
the exception of one point.

Transference Num bers. In Table III can be found 
the experimental details pertinent to the measurements

The Journal of Physical Chemistry, Vol. 7A, No. £1, 1970

of the transference numbers for the K+ ion in 0.02 M  
KBr in the aqueous mixtures up to 20 mol %  ¿erf-butyl 
alcohol. As noted in the footnote three cells were used: 
cells /3 and P V  were flowing cells11 and the moving bound­
ary tube had an internal diameter of 5.0 mm in cell ¡3 
but only 3.5 mm in the other two cells. Although the 
autogenic cell is the more convenient to use, reproduc­
ible results could not be obtained with it for solvent 
mixtures containing more than 5 mol %  ¿erf-butyl alco­
hol. The problem was traced to the cadmium anode 
although the specific trouble was not determined. 
When the measurements were switched to the flowing 
cell which has two Ag,AgCl electrodes well removed 
from the boundary region, the reproducibility expected 
was obtained although at higher mole fractions of 
ferf-butyl alcohol the precision dropped off somewhat. 
This can be seen in the second column of Table III where 
the observed transference numbers are recorded as cal­
culated from the moving boundary equation. 12

Tobs+ = W C V F / it  (1)

Here the concentration C  is in mol l._1, V  is the vol­
ume between probe electrodes in liters, F  is the Faraday, 
i  is the current in mA, and t the time in seconds. The 
numbers in parentheses are the average deviations in the 
last digit of the transference numbers obtained in the 
repeat runs indicated by N  in column three. In those 
cases where N  =  1, the number in parentheses is the 
average deviation in T0bs+ obtained from the various 
probe combinations. As can be seen, the precision is at 
least 0 .1 %  with only a few exceptions.

In the fourth column of Table II are the initial con­
centrations of the following solutions of the salts indi­
cated. Since falling boundaries were used in the flow­
ing cell, the following solution concentrations were 
slightly below thé adjusted Kohlrausch concentration as 
determined from the ratios of the leading to following 
solution conductances as given in the fifth column and 
determined from potential measurements across the 
probe electrode as outlined in a previous publication. 11 
The potential gradient across the boundary and conse­
quently the boundary stability is directly proportional 
to this ratio. In the case of the 20 mol %  ¿erf-butyl al­
cohol mixture the runs which used BujXBr as following 
solution were given greater weight because of the larger 
conductance ratio of 2.96. The other important factor 
governing boundary stability is the density gradient 
across the boundary. Generally a compromise must be 
made between these two properties in choosing a follow­
ing solution.

The values of T obs+ were found to be independent of 
the current over ranges shown in column six of Table III

(17) F or  the  sam e reason th e recen t m easurem ents o f  th e  v is co s ity  
o f  w ater from  8 to  7 0 °  [L. K orson , W . D rost-H an sen , and  F . J . 
M illero , J. Phys. Chem., 73 , 34 (1 969 )] are p ossib ly  in  error and  n o t  
to  be preferred to  the earlier values from  the B u reau  o f S tandards.
(18) A . C . B row n  and D . J. G . Ives, J. Chem. Soc., 1608 (1 962).
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Table III: Cation Transference Numbers for K B r in ferf-BuQH-H20  Mixtures at 25°

M ol %
feri-BuOH ToU* N 1 0 * C f Ratio (m A) Poorr + T V

1.0 0 “ 0.4895(4) 2 0.4-0 .6 0.4896 0.4901
2 .1 1 s 0.4974(3) 2 1.4 2  (NaBr) 1.4 7 1 .0 - 1 .5 0.4975 0.4979
3.6 2s 0.5031 (4) 2 1.6 0  (NaBr) 1.4 5 1 .0 - 1 .5 0.5032 0.5031
3 .6 2s 0.5025 (2) 2 0 .9 9 -1 .3  (LiBr) 2 .03 1 .5 0.5027 0.5026
5.00“ 0.5075(4) 2 0.6 0.5077 0.5073
6.06s 0 .5083(1) 3 1 .4 5  (NaBr) 1.4 5 1 .0 - 1 .5 0.5085 0.5081
6 .17 “ 0.5086 (3) 1 1 .2 5  (LiBr) 2.04 0.6 0.5088 0.5084
8.03s 0.5083 (5) 2 1.6 4  (NaBr) 1.4 2 1 .0 - 1 . 5 0.5085 0.5081
8.06“ 0.5084(14) 3 1 .2 6  (LiBr) 2.05 0 .6-0 .8 0.5086 0.5082

10 .3 1 “ 0.5040(5) 3 1 .2 4  (LiBr) 2.00 0 .4 r -0 .8 0.5041 0.5040
10 .3 1 “ 0.5038 (5) 1 1.6 4  (NaBr) 1 .4 1 0.6 0.5039 0.5038
15 .0 5 “ 0.4920 (6) 4 1 . 1 6  (LiBr) 1.9 0 0. 4 r-0 .8 0.4924 0.4928
15.09“ 0.4906(10) 3 1 .2 0  (LiBr) 1.9 0 0 .6-0 .8 0.4909 0.4914
20.05“ 0.4774(6) 3 1 .2 1  (LiBr) 1.7 8 0.4-0 .8 0.4778 0.4792
20.07“ 0.4786(3) 2 0.99 (BiuNBr) 2.96 0.6-0 .8 0.4790 0.4803

“ Autogenic cell. h Cell /3. ' Cell P V .

which amounted to at least a 50% total change. This, 
of course is an absolutely essential criterion that must be 
met. The values of T e0II+ for 0.02 M  KBr given in the 
next column were obtained from the corresponding 
Tobs+ values by applying a solvent conductance correc­
tion. 11

T cOTT + = Tob+(l +  K0/* )  (2)
K0 and ks are the solvent and solution specific conduc­
tances, respectively. A value of k0 =  5 X 10 ~ 7 was 
used for all the mixtures since this value was consistent 
with that found by Fratiello for dioxane-water and 
ethanol-water mixtures. 11 ’19 The total correction is 
very small for a leading solution as concentrated as 0.02 
M , i.e ., less than 0.1%.

Since limiting values for the transference numbers 
were essential for an analysis of the conductance data, 
it was necessary to extrapolate the data to infinite dilu­
tion. It was for this reason that we decided on a potas­
sium halide for those measurements. Since the trans­
ference number is close to 0.5 there is very little change 
with concentration. The bromide was chosen in place 
of the traditional KC1 because it is most convenient to 
measure the conductances of the bromides of the tetra- 
alkylammonium salts and consequently transference 
data for KBr would enable conductances of these salts 
to be split into ionic values from one difference instead 
of’two. The limiting cation transference numbers for 
KBr in those mixtures are given in the last column of 
Table III and were calculated from the equation20

To+ =  T OOI + +  [(0.5 -  r c„rr+)/A„]/3C1/!/ ( l  +  k&) (3)

where21 p =  82.43MeT’)1/2 and k =  50.3 C l/y { t T ) l/\ 
It can be seen that this extrapolation should be quite 
reliable since it amounts to only about 0.3% in the 
worst case. Also, it should be noted that since the 
transference number is a ratio of the conductances of the

two ions in the salt, the effects of ionic association cancel 
and consequently do not affect the extrapolation to infi­
nite dilution.

M olar Conductance. The molar concentrations and 
conductances are summarized in Table IV along with 
the specific conductance, k0, of the various solvent mix­
tures studied. Hamed and Owen’s equation22 for solu­
tion density increments in water along with the solvent 
densities in Table I were used to calculate the volume 
concentrations for the alkali halides. For the alkylam- 
monium salts, the data from our previous measure­
ments23 in water at 25° were used. A few checks on the 
densities of the most concentrated solutions studied in­
dicated that a negligible error was introduced when 
these data for solutions in pure water were used for the 
solvent mixtures. As a check on salt purity each salt 
was measured in pure water.

The data were extrapolated to infinite dilution by 
means of the Fuoss-Onsager21 conductance equation24 
given by

A =  A0 -  S C 'h  +  E C  log C  +  J C  (4) 

for nonassociated electrolytes and by 

A = Ac -  S (C y ) '/! +  E C y  log C y  +

J C y  -  K AK C yC  (5) 

for associated electrolytes. The viscosity B  coefficient

(19) A . F ratiello , P h .D . Thesis, B row n  U n iversity , 1962.
(20) R . L . K a y  and  J. L . D y e , Proc. Natl. Acad. Sci., 49 , 5 (1963).
(21) R . M . F uoss and F . A cca scin a , “ E le ctro ly tic  C on d u cta n ce ,”  
Interscience, N ew  Y ork , N . Y ., 1959.
(22) H . S . H arned  and B . B . Ow en, " T h e  P h ysica l C h em istry  o f  
E lectro ly te  S o lu tion s,”  3rd ed, R e in h old , N ew  Y o rk , N . Y ., 1958, 
p 725.
(23) D . F . E vans and R . L . K a y , J. Phys. Chem., 70 , 366 (1966).
(24) F o r  a spirited  discussion  and eva lu a tion  o f  oth er  con d u cta n ce  
equ ations see J .-C . Justice, J. Chim. Phys., 65 , 353, 1193 (1969).
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Table IV : Equivalent Conductances in ¿eri-BuOH-H20  Mixtures at 25°

10 <c A 10‘C A 10‘(7 A
—KBr--------------------------

10*C A

0.00 M ol % 9.92 M ol % 0.00 M ol % 10.04 Mol %

107ko = 1 .3 5 10Vo =  0.016 lOVo =  0.97 107k0 =  0.67
12.847 146.61 6.594 52.84 10.658 148.80 6.612 52.44
22.819 145.54 16.319 52.09 19.606 147.75 16.241 51.75
33.104 144.68 28.029 51.50 29.171 146.87 27.682 51.18
45.149 143.89 40.695 51.00 41.107 146.04 43.654 50.51
61.055 142.99 55.128 50.53 57.279 145.13 62.256 50.01
82.894 141.97 69.589 50.14 73.873 144.32 81.172 49.66

84.893 49.73 103.579 49.23

1.05 Mol % 15.05 Mol % 2.57 M ol % 15.01 M ol %
10Vo =  2.58 107ko =  0.44 107(c0 =  2.25 107k0 =  0.41

6.182 125.81 4.319 39.67 9.829 100.67 5.002 40.03
13.783 124.71 9.955 39.12 23.524 99.54 12.228 39.41
27.173 123.51 16.553 38.64 38.048 98.76 21.100 38.89
40.841 122.62 23.862 38.23 53.917 98.09 33.039 38.36
55.204 121.87 31.217 37.88 86.706 96.81 45.015 37.95
72.909 121.10 38.816 37.58 103.342 96.49 62.084 37.48
95.916 120.27 50.871 37.16 80.409 37.06

4.88 Mol % 20.06 Mol % 4.07 Mol % 20.06 Mol %
107k0 =  0.72 107/i0 =  0.21 107ko =  1.93 107k0 =  0.21

7.299 75.40 7.406 30.97 10.663 82.58 4.583 31.58
15.004 74.71 15.852 30.26 24.572 81.63 9.504 31.04
26.150 74.10 25.444 29.68 39.337 80.96 16.647 30.50
38.151 73.58 38.110 29.07 54.195 80.45 23.901 30.08
51.049 73.12 52.741 28.53 71.298 79.94 34.091 29.60
64.606 72.74 68.485 28.05 88.821 79.50 46.242 29.15
92.222 72.05 92.340 27.46 107.291 79.09 62.258 28.67

—CsCl---------------------------- 5.05 M ol % 50.11 M ol %
10‘C A 10‘C A

107ko =  1.21 JOVo =  0.032
0.00 M ol % 14.77 Mol % 14.014 73.82 5.611 12.49

107k„ =  1.04 lO’/co =  0.56 21.475 73.38 12.210 10.99
3.839 151.81 3.591 41.22 32.876 72.84 18.866 10.10
8.653 150.85 8.471 40.65 47.120 72.33 25.951 9.44

14.409 149.97 13.565 40.21 63.274 71.86 33.379 8.92
21.595 149.18 19.406 39.84 85.272 71.32 41.138 8.50
29.514 148.48 26.488 39.43 53.221 7.99
38.324 147.77 34.033 39.08 8.01 Mol %
48.770 147.17 41.715 38.73 10Vo =  2.16

2.011 Mol % 19.71 M ol % 5.593 59.46

10Vo =  0.94 107/c„ =  0.21 14.451 58.74
26.058 58.138.348 111.30 3.393 32.34 39.268 57.6315.093 110.47 8.314 31.74 52.550 57.2322.445 109.83 14.193 31.20 66.838 56.8731.442 109.23 22.006 30.63 92.275 56.3339.338 108.88 30.523 30.13

48.298 108.39 40.799 29.66
54.881 29.10

4.32 Mol % 10.06 Mol %
107k0 = 1 .9 2 107/c0 = 1 .0 1

3.174 82.94 5.491 53.40
7.646 82.49 12.268 52.81

12.465 81.99 20.136 52.28
17.732 81.63 28.921 51.84
23.874 81.24 39.690 51.39
31.131 80.87 52.787 50.92
41.588 80.39 67.561 50.48
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Table IV  (C o n tin u ed )

■MeiNBr--------------------------------------------------- . ------------------------------------------------------- LiBr-
10 *c A 10*0 A 10‘ C A 10*0 A

0.00 Mol % 6.91 Mol %
1.00 M ol % 15.05 Mol %

10% = 1 .1 8 10% =  1.43
4.954 120.54 6.316 50.08 10% =  3.28 10% =  0.39

12.055 119.45 12.942 49.57 11.580 96.30 6.785 30.41
21.341 118.40 23.813 49.97 23.488 95.10 14.727 29.96
30.813 117.55 35.697 48.46 36.124 94.49 24.765 29.55
41.504 116.74 50.505 47.89 49.452 93.86 35.011 29.22
56.798 115.76 65.485 47.47 63.202 93.33 45.322 28.94
75.295 114.73 80.654 47.10 77.910 92.82 56.661 28.68

93.090 92.35 68.782 28.44
1.05 M ol % 9.89 Mol %

10% =  3.40 10% =  0.81
4.688 101.22 6.494 41.79 10*0 A

—NaBr ----- ----------- ■
10*0 A

10.234 100.41 15.599 41.17
17.823 99.61 28.291 40.56 0.00 Mol % 10.02 Mol %27.497 98.82 42.692 40.02
37.493 98.12 57.073 39.59 10% =  2.09 10% = 0.33
48.857 97.45 71.799 39.20 8.570 125.87 9.969 44.52

87.455 38.84 18.210 124.71 20.512 43.98
2.00 Mol % 15.06 Mol % 28.511 123.85 31.457 43.56

38.927 123.14 42.897 43.22
10% =  0.49 107#co =  0.61 49.284 122.55 55.608 42.90

8.339 87.01 5.696 32.27 63.159 121.86 70.089 42.59
19.149 85.72 12.059 31.76 81.826 121.09 86.942 42.29
30.025 84.92 19.792 31.25
41.948 84.24 29.065 30.85 2.03 Mol % 15.05 Mol %55.588 83.57 40.953 30.38
69.639 83.05 53.713 29.96 10% = 1 .4 3 10% =  0.39
85.496 82.36 66.640 29.62 8.918 91.47 5.847 34.66

4.32 Mol % 20.00 Mol % 19.683 90.69 11.985 34.23
33.430 89.95 18.652 33.88

10% =  2.03 10% =  0.27 47.693 89.34 25.705 33.56
5.655 63.42 7.542 26.07 63.367 88.80 33.682 33.29

12.183 62.84 14.981 25.47 79.263 88.32 43.883 32.98
20.995 62.22 25.858 24.82 98.863 87.79 55.325 32.68
30.953 61.70 38.594 24.21
43.133 61.18 53.268 23.69 5.02 Mol % 20.06 Mol %
57.175 60.66 68.100 23.24
76.161 60.08 84.300 22.85 10% =  0.81 10% =  0.21

-L iB r------------------------------------ 7.009 63.05 4.620 28.07
10*0 A 10*0 A 17.075 62.37 12.872 27.37

0.00 Mol %  (Run I ) 4.07 Mol % 27.406 61.89 21.790 26.89
30.055 61.50 32.014 26.45

10% = 1 .6 3 10% =  0.70 49.658 61.14 43.121 26.08
11.756 113.95 8.203 61.36 65.207 60.74 59.258 25.64
24.315 112.74 18.160 60.64 80.997 60.40 79.999 25.19
37.728 111.85 28.877 60.09
53.058 111.03 38.865 59.71
69.115 110.30 49.449 59.39 -BiuNBr--------------------------
86.631 109.63 61.597 59.07 10<C A 10*0 A

104.007 109.05
0.00 M ol % 20.08 Mol %

0 .0 0  M ol % (Run I I ) 8.09 Mol %

10% = 1 .4 8 10% =  1.80 10% =  1.37 10% =  0.21

3.048 115.27 8.961 43.45 9.958 94.84 5.354 21.52

8.339 114.63 18.229 43.02 16.879 93.97 10.986 21.10

14.338 113.65 28.739 42.64 23.956 93.26 17.180 20.77

21.471 113.00 40.284 42.31 34.076 92.39 23.424 20.50

30.498 112.34 50.757 42.05 45.237 91.56 29.785 20.26

42.240 111.64 64.027 41.79 59.938 90.59 36.300 20.05

52.362 111.06 44.836 19.80

The Journal of Physical Chemistry, Voi. 74, No. gl, 1970



3808 T. L. Broadwater and Robert L. Kay

Table IV  (C o n tin u ed )

W C A
-Bu.NBi-------------------------

10<C A 10<C A
-MeiNI--------------------------

10<C A

2.03 M ol % 32.53 M ol % 0.00 M ol % 14.77 Mol %

10% = 1 .6 0 10% =  0.088 10% = 1 .0 1 10% =  0.61

6.244 67.85 1.977 16.43 5.205 119.32 3.534 32.11
13.004 67.12 4.082 16.07 10.634 118.36 7.796 31.73
19.956 66.54 6.517 15.75 17.940 117.47 14.918 31.26
27.943 65.99 9.343 15.46 27.795 116.50 31.414 30.48
36.439 65.48 13.519 15.12 38.180 115.69 40.740 30.15
44.901 65.04 18.158 14.80 49.604 114.93 50.199 29.83
56.214 64.52 24.437 14.45

2.02 M ol % 15.06 M ol %
4.95 Mol % 50.11 M ol %

10% =  3.28 10% =  0.66
10% = 1 .1 2 10% =  0.020 4.422 85.38 5.860 31.58

4.567 45.65 1.301 12.97 9.526 84.66 12.675 31.00
12.476 45.01 3.094 12.13 17.476 83.83 19.799 30.65
20.549 44.55 5.253 11.47 27.092 83.12 29.835 30.19
31.419 44.05 7.461 10.98 36.905 82.48 41.260 29.76
46.993 43.84 10.185 10.50 47.135 81.96 52.716 29.38
62.681 42.99 13.072 10.10 59.242 81.38 67.055 28.97
78.475 42.57 18.980 9.48

5.07 M ol % 19.71 M ol %
8.01 Mol % 70.09 M ol %

10% =  1.00
rjnrHO©II*©l-H 10% = 1 .8 5 10% =  0.21

7.200 35.80 1.518 8.93 3.343 57.31 3.905 27.12

15.276 35.33 3.738 7.32 8.156 56.76 3.086 26.62

24.475 34.93 6.902 6.18 14.913 56.25 14.624 26.19

33.833 34.59 11.147 5.35 21.026 55.87 21.270 25.75

43.566 34.29 15.826 4.80 28.439 55.49 29.297 25.41

55.344 33.98 20.708 4.41 38.037 55.06 37.835 25.05

25.870 4.11 49.256 54.62 47.229 24.72

10.04 M ol % 10.06 M ol %

10% =  0.72 10% = 1 .0 1
3.691 32.31 3.855 39.98
9.316 31.89 7.302 39.63

15.880 31.53 13.589 39.21
22.553 31.27 20.078 38.86
38.481 30.73 27.418 38.52
48.210 30.34 36.046 38.19
59.801 30.17 46.252 37.85

correction to J  which was included in our earlier calcu­
lations23 was set equal to zero here. Its inclusion affects 
the ion size parameter & but not the value of A0, the 
latter being the main interest in this investigation. 
The parameters A0, J  and K A were determined by a least 
squares computer program26 and are summarized in 
Table V. Since J  is an increasing function of d, the 
values of the latter replace J  in the tables. Also, the 
standard deviations of the individual points vA are in­
cluded. If no value of K a is given the parameters were 
obtained from eq 4.

The first row of Table VI contains the known limiting 
ionic conductances in pure water at 25° from a compila­
tion by Kay and Evans.26 The second row contains our 
values of the limiting ionic conductance for pure aque­
ous solutions. They are based on a value of T 0+ (aque­

ous KBr, 25°) =  0.484627 to split the molar conductance 
for KBr. To within 0.05 A unit, our data are in good 
agreement with the generally accepted values. The 
limiting ionic conductances in the remaining rows in 
Table VI refer to rounded solvent composition values 
and were obtained by difference using the A0 values in 
Table V and the transference data in Table III. Owing 
to the extremely large changes in A0 with increasing 
¿erf-butyl alcohol content, it was necessary to prepare 
large scale A0?? plots in order to interpolate with suf­
ficient precision.

(25) R . L . K a y , J. Amer. Chem. Soc., 82 , 2099 (1960).
(26) R . L . K a y  and D . F . E vans, J. Phys. Chem., 70 , 2325 (1966).
(27) R eference  22, p  234.
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Table V : Conductance Parameters for Salts in ieri-BuOH-H20  at 25°

Mol % Ao à ffA K a

0.00 149.97 ±  0.009 3.19 ±  0.02 0.01
1.05 127.74 ±  0.04 2 .8  ± 0 .1 0.05
4.88 76.78 ±  0.02 3.05 ±  0.09 0.03
9.92 53.98 ±  0.02 2.33 ±  0.05 0.02

54.01 ±  0.03 3 ±  1 0.02 2 ±  1
15.05 40.61 ±  0.01 2.32 ±  0.07 0.02

40.66 ± 0 .0 0 3 4 .8  ± 0 .1 0.002 6.5 ±  0.3
20.06 32.22 ±  0.03 2.30 ±  0.07 0.04

32.35 ±  0,01 3.6 ± 0 .1 0.006 8.2 ±  0.6

•CsCl-

0.00 153.67 ±  0.03 2.5 ± 0 .1 0.04
2.01 113.31 ±  0.06 2 .6  ± 0 .4 0.07
4.32 83.98 ±  0.02 2 .5  ± 0 . 2 0.03

10.06 54.45 ±  0.02 1.89 ±  0.08 0.03
54.52 ±  0.01 5 .4  ± 0 .6 0.008 5.1 ±  0.8

14.77 42.07 ±  0.02 1.74 ±  0.07 0.02
42.12 ±  0.02 4 ±  1 0.01 7 ±  2

19.71 33.17 ±  0.03 1.6 ± 0 .1 0.05
33.29 ± 0 .0 1 4 .4  ± 0 .3 0.009 14 ±  1

0.00(1 ) 116.88 ± 0 .0 1 3.56 ±  0.04 0.02
0.00 ( I I )  116.84 ±  0.03 3.9 ± 0 .2 0.04
1.00 98.65 ±  0.06 3.5 ± 0 .2 0.07
4.07 62.73 ±  0.03 3.0 ± 0 .2 0.04
8.09 44.62 ± 0 .0 1 3.7 ± 0 .1 0.02

15.05 31.43 ±  0.01 3.43 ±  0.04 0.01

0.00 128.45 ±  0.01 3.45 ±  0.03 0.01
2.03 93.49 ±  0.04 4 .0  ± 0 .1 0.05
5.02 64.31 ±  0.002 3.48 ±  0.01 0.003

10.02 45.800 ± 0 .0 0 1 3.25 ±  0.004 0.001
15.05 35.674 ± 0 .0 0 5 3.28 ± 0 .0 3 0.007
20.06 28.96 ±  0.02 2.91 ±  0.05 0.02

29.01 ± 0 .0 1 3 .8  ± 0 .3 0.01 5 ±  1

•KBr-

0.00 151.85 ± 0 .0 1 3.42 ±  0.05 0.02
2.57 102.74 ±  0.05 2 .8  ± 0 .1 0.06
4.07 84.38 ±  0.01 3.20 ±  0.04 0.02
5.05 75.71 ±  0.006 3.19 ±  0.03 0.008
8.01 60.48 ±  0.02 2 .8  ± 0 .1 0.04

60.56 ±  0.02 8 ±  1 0.02

Mol % Ao i "A K a

10.04 53.54 ± 0 .0 4 2.8 ± 0 .1 0.06
53.68 ± 0 .0 5 9 ± 2 0 0 4 8 ±  3

15.01 40.99 ±  0.02 2.80 ± 0 .0 6 0.02
41.05 ±  0.01 4.3 ± 0 .3 0.008 4.2 ±  0.7

20.06 32.52 ±  0.03 2.5 ± 0 .1 0.04
32.64 ±  0.02 5.0 ±  0.5 0.01 12 ± 2

50.105 14.0 ±  0.2 2.6 ±  0.2 0.24
15.68 ± 0 .0 8 4.5 ±  0.2 0.03 400 ±  20

-M etN Br-

0.00 122.63 ± 0 .0 1 1.38 ±  0.05 0.02
1.05 102.88 ± 0 .0 0 4 1.36 ± 0 .0 2 0.005
2.00 88.62 ±  0.03 1.4 ± 0 .1 0.04
4.32 64.60 ±  0.02 1.42 ±  0.08 0.02
6.91 51.16 ± 0 .0 2 . 1.51 ± 0 .0 8 0.03
9.89 42.79 ± 0 .0 1 1.50 ±  0.06 0.02

42.84 ± 0 .0 0 6 4 .7  ± 0 .3 0.004 3.3 ±  0.4
15.06 33.20 ± 0 .0 3 1.7 ± 0 .1 0.04

33.31 ± 0 .0 3 6 ± 1 0.02 11 ±  3
20.00 27.32 ±  0.03 2.21 ±  0.07 0.04

27.44 ±  0.02 3.8 ± 0 .2 0.01 9 ±  1

-BuiNBr-

0.00 97.57 ± 0 .0 0 3 0.24 ± 0 .0 1 0.004
2.03 69.40 ±  0.01 0.45 ±  0.04 0.01
4.95 46.56 ± 0 .0 1 0.98 ±  0.04 0.01
8.01 36.79 ± 0 .0 0 3 1.47 ± 0 .0 2 0.004

10.04 32.98 ± 0 .0 0 4 1.82 ±  0.03 0.007
20.08 22.43 ± 0 .0 0 2 2.99 ± 0 .0 1 0.002
32.53 17.10 ± 0 .0 1 2.94 ± 0 .0 9 0.02

17.17 ±  0.01 4 .7  ± 0 .3 0.007 27 ±  4
50.11 13.5 ±  0.1 1.5 ± 0 .3 0.19

14.16 ±  0.03 7 .4  ± 0 . 6 0.02 400 ±  20
70.09 9.2 ±  0.3 2 .3  ± 0 .5 0.49

12.41 ± 0 .0 6 7.1 ± 0 .3 0.02 3400 ±  67

'
0.00 121.45 ± 0 .0 2 1.3 ± 0 .1 0.03
2.02 86.74 .± 0 .0 3 0.9 ± 0 .1 0.04
5.07 58.14 ±  0.01 0.87 ±  0.08 0.02

10.06 40.73 ± 0 .0 1 1.33 ±  0.08 0.02
14.77 32.87 ± 0 .0 0 4 1.97 ±  0.02 0.006
15.06 32.52 ±  0.02 1.72 ±  0.07 0.03
19.71 27.90 ±  0.03 2 .0  ± 0 .1 0.04

27.98 ± 0 .0 5 5 ± 2 0.03 12 ±  7

Table V I : Limiting Ionic Conductances in terf-BuOH-H20  Mixtures at 25°

M ol
% 102, € Li + Na + K + Cs +

Xo
Me4N + Bu.N + c i- B r" I"

0.00» 0.8903 78.37 38.66 50.20 73.55 77.29 44.42 19.31 76.39 78.22 76.98
0.00 0.8903 78.37 38.62 50.19 73.59 77.29 44.37 19.31 76.38 78.26 77.08
2.50 1.433 72.0 26.4 25.6 52.23 54.8 30.4 12.6 51.6 52.30 50.5
5.00 2.130 65.8 19.0 26.9 38.37 40.3 22.6 8.9 37.3 37.35 35.8
7.50 2.719 59.6 15.4 22.4 31.64 32.9 18.6 7.3 30.9 30.59 29.1

10.00 3.219 53.6 13.2 19.1 26.95 28.0 16.0 6.4 26.6 26.42 24.8
15.00 3.975 43.8 10.6 14.6 20.10 20.9 12.4 5.6 20.5 20.98 19.8
20.00 4.457 36.6 11.9 15.64 16.2 10.3 5.4 16,7 17.09 17.5

° See ref 26.
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Figure 2. Limiting cation transference numbers for K B r in 
<ert-Bu0H-H20  mixtures at 25°: O, autogenic cell; 0, cell 0 ;
A , cell P V ;  open figures LiBr following solution; closed 
squares LiBr as following solution; ♦  BmNBr, following solution.

Figure 3. Limiting ionic conductance-viscosity products for 
cations in ieri-butyl alcohol-water mixtures at 25° relative to 
their values for pure water.

Discussion
The limiting cation transference numbers for KBr at 

25° in aqueous mixtures containing up to 20 mol %  tert- 
butyl alcohol are plotted in Figure 2. The data show a 
maximum at a mole fraction (6.5% ferf-butyl alcohol) 
that is determined by the relative mobilities of the K+ 
and Br_ ions in those mixtures. In ethanol-water mix­
tures the maximum in T+(KC1) occurs at 11 mol %  
ethanol.19 Both maxima occur in the composition re­
gion in which alcohol-water mixtures are known to be 
more structured than pure water. 16 The rather obvi­
ous conclusion could be drawn that the K+ ion is a more

The Journal of Physical Chemistry, Vol. 74, No. 21, 1970

Figure 4. Limiting ionic conductance-viscosity products for 
anions in terf-butyl alcohol-water mixtures at 25° relative to 
their values for pure water.

efficient structure-breaker than either of the halide ions 
in alcohol-water mixtures. The same conclusion has 
been reached from a consideration of the negative tem­
perature28 and pressure29 coefficients reported for T 0+ 
(aqueous KC1). At low temperatures and pressures the 
K+ ion appears to have a larger structural excess mobil­
ity than the Cl-  ion. As the temperature or pressure 
increases and the amount of structure in water de­
creases, this structural excess mobility of the K+ ion 
relative to the Cl-  ion also decreases. Arnett6 has used 
this argument to explain the excess endothermic heats 
of solution of ions in aqueous mixtures containing about 
10 mol %  alcohol. Engel and Hertz30 have shown from 
nmr relaxation studies that the reorientation time of 
water molecules undergoes a greater decrease when KI 
is added to a water-rich mixture of ethanol than when 
KI is added to pure water. They concluded that KI 
was a better structure-breaker in these alcohol mixtures 
than in pure water.

At first glance it would appear that the limiting ionic 
conductance-viscosity ratios plotted in Figure 3 for 
cations and in Figure 4 for anions in ferf-butyl alcohol- 
water mixtures could also be explained by assuming en­
hanced structure-breaking properties for the alkali and 
halide ions in these mixtures. In both figures the \0v 
products for all ions in pure water have been normalized 
to unity by defining Ewx by

R w x  =  Q^ov)x/0^ov)nio (6)

where X  is the mole fraction of ¿erf-butyl alcohol in the 
mixture involved.

(28) R . L . K a y  and G . A . V idu lieh, , / .  Phys. Chem., 74, 2718 (1 970 ).
(29) R . L . K a y , K . S. P ribadi, and B . W atson , ibid., 74, 2724 (1 9 7 0 ).
(30) G . E ngel and H . G . H ertz, Ber. Bunsenges. Phys. Chem., 72, 
808 (1968).
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Mole % Organic

Figure 5. Comparison of the limiting conductance-viscosity 
product for the K + ion in various aqueous mixtures at 25° 
relative to its value in pure water.

The first point to notice in Figures 3 and 4 is that the 
maxima in the X0r? products occur at approximately 10  
mol %  ferf-butyl alcohol with the exception of the Bu4- 
N+ and the I -  ions. The Bu4N+ ion is a special case 
because of hydrophobic hydration and will be handled 
separately. The second point is that the extrema pre­
viously found in the X0i? products for ethanol-water and 
dioxane-water mixtures are enhanced considerably in 
¿erf-butyl alcohol-water mixtures. This can be seen in 
Figure 5 where the R w x  values for the K+ ion are com­
pared for three different aqueous solvent mixtures. 
The increase in this product for the K+ ion amounts to 
33% in tert-butyl alcohol and 14% in ethanol and both 
occur very close to 10 mol %  alcohol. On the other hand, 
in dioxane-water mixtures the increase in /¿wx for the K+ 
ion amounts to less than 4%  and occurs at about 5 mol 
%  dioxane. Furthermore, in dioxane the small maxima 
occur at a different mol %  dioxane for different ions or 
are missing for some ions.4

Perhaps the most important point to notice in Figures 
3 and 4 is the fact that the height, of the maxima are not 
in the order expected. If the height is associated with 
structure-breaking power the order should be Cs+ >  
K+ >  Me4N+ >  Na+ >  Li+ and I "  >  Br~ >  C l- if we 
use the temperature coefficient of the X0iy products as a 
criterion for structure-breaking power. This is illus­
trated in Table VII where the fractional change in this 
product between 10 and 45° is compared to the frac­
tional change in the maximum value of R w x  for ¿erf-butyl 
alcohol-water mixtures. It can be seen that the order 
of ions as far as the latter property is concerned is 
Na+ >  K+ >  Cs+ >  Me4N+ >  Li+ and Cl-  >  Br- >
I - . Thus the order for the anions is just the reverse 
expected for structure-breaking ions and the same is 
true for the cations Na+, K+, and Cs+. It would ap­
pear that the excess mobilities in a 10  mol %  ferf-butyl

Table YII : Comparison of Structure-Breaking Power

Ion
[(Xotjioo j

CXoî?)45o] — 1 f lw x  -

L i + -0 .0 0 5 0.230
Na+ 0.036 0.370
K  + 0.122 0.325
Cs + 0.150 0.310
Me4N  + 0.043 0.305
c i - 0.092 0.260
B r - 0.111 0.230
I - 0.115 0.170

alcohol mixture have a contribution from a second 
source besides structure-breaking. This same order 
has already been observed in dioxane-water mixtures4 
and has been attributed to a contribution to the excess 
mobility resulting from a dehydration of the ions owing 
to the presence of the second component. The Li+, 
Na+, and possibly K+ ions in that order would be ex­
pected to show the greatest increase if dehydration in 
these alcohol mixtures does take place. Consequently, 
the maxima in the R w x  values must be attributed to two 
effects, structure-breaking and dehydration. Since 
both of these effects (called negative hydration and loss 
of positive hydration by Hertz30) would result in a de­
creased reorientation time of the water molecules, they 
cannot be separated by a single nmr relaxation study. 
As a matter of fact, Hertz30 includes both effects under 
the common name of structure-breaking. However, 
if nmr relaxation measurements were carried out on a 
number of salts in ferf-butyl alcohol mixtures the same 
order in excess reorientation times should be obtained 
as is found here. Such measurements are underway in 
this laboratory at present.

The results obtained here for the Bu4N+ in ferf-butyl 
alcohol-water are compared to the other cations in 
Figure 3 and to other solvent mixtures in Figure 6 . Up 
to at least 10 mol %  organic component, the Bu4N + ion

Figure 6. Comparison of the limiting conductance-viscosity 
product for the Bu4N + ior in various aqueous mixtures at 25° 
relative to its value in pure water.
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has comparable values of /¿wx in dioxane, ethanol, and 
ferf-butyl alcohol mixtures with water. It would ap­
pear that this ion is completely independent of the de­
gree of structure present in the mixtures and merely 
undergoes a hydrophobic dehydration as the second 
component is added to water. The same conclusion 
was reached by Arnett6 from his heat of solution data 
for aqueous alcohol mixtures.

An inspection of the d  and K A values in Table V shows 
no consistently abnormal effects in the concentration 
dependence of the conductance of the salts in the feri- 
butyl alcohol-water mixtures. From this it could be 
concluded that the degree of overlap of ionic cospheres 
is negligible up to 0.01 M  in ferf-butyl alcohol-water 
mixtures. The ion pair association detected in those 
mixtures increases generally as ionic interaction with the 
solvent and the dielectric constant decrease. The ab­
normally low & values for Bu4NBr in pure water increase 
to more normal values as the proportion of ferf-butyl 
alcohol increases and the dielectric constant decreases. 
The same effect was found in dioxane-water mixtures4 
and was discussed in some detail.

The association constants of Bu4NBr in 50 and 70 
mol %  ferf-butyl alcohol were 400 and 340, respec­
tively, which is considerably lower than the values 
that would be predicted from conductance measure­
ments on this salt on pure alcohols.31 Extrapolation 
of a log K a  vs. 1 /e plot for the normal alcohols predicts 
values of K a of 860 and 45 X 103 for Bu4NBr in the 
above mixtures, respectively, indicating that stabiliza­
tion of the bromide ion by hydration is still a very im­
portant factor in a 70 mol %  ferf-butyl alcohol-water 
mixture.
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Transport Processes in Hydrogen-Bonding Solvents. IV. Conductance of 

Electrolytes in Formamide at 25  and 10°

by John Thomas1 and D. Fennell Evans2

Department of Chemistry, Case Western Reserve University, Cleveland, Ohio 44106 (Received March 2, 1970)

Precise conductance measurements are reported for NaCl, KC1, KBr, Me4NI, Et4NI, Pr4NBr, Pr4NI, Bu4NBr, 
Bu4NI, and t-Am3BuNI in formamide at 25 and 10° and for CsCl, NaBPh4, Et4NBr, He4NI, and DiBuBr2 at 
25°. The formamide was purified using a mixed bed ion-exchange resin which gave specific conductances of 
1-5 X 10-7 ohm-1 cm-1. The concentration dependence for these salts in formamide is compared to that 
observed in the alcohols and water, and many similarities are observed. It is suggested that a multiple step 
ionic association process is operative in all of these solvents and is a feature common to all hydrogen-bonding 
solvents.

Introduction
One way of viewing protic solvents is in terms of the 

structure that hydrogen bonding can impose on the liq­
uid. In addition to the alcohols and water, which 
have been extensively studied, the amides constitute an 
important type of solvent within this classification. 
Each alcohol molecule can form two hydrogen bonds, 
giving rise to a one-dimensional structure consisting of 
chains of molecules. Water can form four hydrogen 
bonds of tetrahedral orientation which results in the for­

mation of three-dimensional structures. Formamide 
can have a maximum of three hydrogen bonds per mole­
cule, enabling a two-dimensional sheetlike structure to 
be formed. Formamide, therefore, constitutes a signif­
icant link between the most complex and important 
liquid, water, and the simpler, but well-characterized 
alcohols.

(1) F o r  fu rther details see Joh n  T h om as, P h .D . Thesis, C ase W estern  
R eserve  U niversity , Jan 1970.
(2) T o  w h om  all correspondence should  be d irected .
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In spite of this importance, relatively few accurate 
physical measurements on formamide or its electrolyte 
solutions are available. This scarcity of reliable data 
reflects the difficulty in obtaining formamide of high 
purity. As pointed out by Notley and Spiro, 3 who ob­
tained precise transference numbers in this amide, un­
less extreme precautions are taken it is impossible to 
obtain formamide with a specific conductance of less 
than 1 0 ~'5 ohm- 1  cm- 1  and a water content of 0 .0 1 M .

The transport and thermodynamic properties of elec­
trolytes in the normal alcohols4-6 and water 7,8 have 
been reported. In the alcohols it was found that associ­
ation constants were larger in magnitude than predicted 
by theory and showed a dependence upon ion size that 
was, in some cases, opposite to that predicted by Coul- 
ombic theory. This behavior was rationalized in terms 
of a multiple-step association process in which desolva­
tion of the anion is an important feature. In water, 
association constants are small, as expected from the 
high dielectric constant, and consequently cannot be 
unambiguously determined. The deviation from ex­
pected behavior for electrolytes in aqueous solution are 
similar, although smaller, to those observed in the alco­
hols. 9 This suggests that some of the features that 
have been attributed to the unique three-dimensional 
structure of water may be a more general feature of hy­
drogen-bonding solvents. To investigate this possi­
bility, we have determined the conductance of a number 
of electrolytes in formamide.

Experimental Section
Solvent Purification . Formamide is hygroscopic and 

unstable by nature and therefore difficult to obtain as a 
solvent in pure form. The best commercially available 
grade of formamide (Fisher Scientific Co.) has meth­
anol, water, and other undesirable compounds as impur­
ities. It has a water content of about 0.04 M , specific 
conductance of 1.0-9.0 X 10-4  ohm- 1  cm-1, and a den­
sity of 1.1239.

The purification method of Notley and Spiro10 which 
employs molecular sieve 3A for the removal of water and 
an ion-exchange resin for the removal of ions was used 
with certain modifications. This method allows forma­
mide to be obtained which is low in water content (0.008 
M ) and has the lowest specific conductance (1  X 10-7  
ohm- 1  cm-1) ever reported. Other methods of purifi­
cation such as addition of drying agents (e .g ., sodium 
sulfate), distillation at lower pressure, and fractional 
crystallization, gave formamide of specific conductance 
1 X 10-6  ohm- 1  cm- 1 . 11 The lowest water content re­
corded before was16 0.018 M , and the lowest specific con­
ductance, on a small sample, was 6 X 10-7  ohm- 1  cm-1.

Large quantities of formamide (e.g., 18-20 1.) are re­
quired for preparation of 550 g of ion-exchange resin. 
Since the best commercially available grade is prohibi­
tively expensive and not very pure, we used technical 
grade formamide (Aldrich Chemical Co.) with the fol­

lowing preliminary purification. Formamide was per­
colated through a column (5-cm diameter) containing 1 
kg of molecular sieve 3A (Union Carbide). The absorp­
tion of water and colored impurities was facilitated by 
heating the column to 60° with electrical tape.

To remove most of the ionic impurities, the dried 
formamide was distilled in  vacuo at a pressure of about 
0.1 mm and a temperature of 52°. Before heating, the 
formamide was pumped overnight to remove most of 
the methanol and other volatile organic impurities. 
The distillation required about 40 hr to yield 3 1. The 
distillate was slightly basic, but upon bubbling dry ni­
trogen through it for about 3 hr, the dissolved ammonia 
was removed. This gave samples with a specific con­
ductance of 2 X 10-5  ohm- 1  cm-1, which is about 30 
times lower in specific conductance and 5 times lower in 
water content than the best commercial grade.

The formamide obtained from this preliminary puri­
fication was used to prepare the sodium formamide and 
sulfuric acid solutions, to wash and dehydrate the resins, 
and for passing through the mixed resin to obtain pure 
solvent. 10

Notley and Spiro reported that each preparation of 
the column yielded about 61. of pure formamide. Once 
the cation and anion resins are mixed the lifetime of the 
bed depends not only on the amount of formamide 
treated but also on the idle time. But if the anion and 
cation resins are stored separately, the degeneration of 
the resins is slower. We found that by mixing these 
resins in small batches, larger amounts of pure form­
amide (up to 10 1.) could be obtained from the 550 g of 
exchange resin. The individual resins were then well 
mixed to form the final mixed bed column. The pure 
formamide obtained from this column had a specific 
conductance of 1 X 10-7  ohm- 1  cm-1, which remained 
constant over a period of time sufficient to make a con­
ductance run. Earlier workers reported that the spe­
cific conductance of their formamide had increased with 
time. The density of this formamide was found to be 
1.1296 g/ml at 25° and 1.1508 g/ml at 10°.

P urifica tion  and Crystallization o f  Salts. The sym­
metrical tetraalkylammonium halides (Eastman 
Kodak) were dissolved in either methanol-ether or ace­
tone-ether mixtures, recrystallized, and dried in a vac­
uum oven at 65° for 12 hr. 11

(3) J . M . N otley  and M . Spiro, J. Phys. Chem., 70 , 1502 (1966).
(4) D . F . E vans and P . G ardam , ibid., 72 , 3281 (1968).
(5) D . F . E vans and P . G ardam , ibid., 73 , 158 (1968).
(6) R . L . K a y , C . Zaw oyski, an d  D . F . E vans, ibid., 69 , 4208 (1965).
(7) D . F . E van s and R . L . K a y , ibid., 70 , 366 (1 966 ); R . L . K a y , 
D . F . E vans, and G . P . Cunningham , ibid., 73 , 3322 (1969).
(8) R . L . K a y  and D . F . E vans, ibid., 70 , 2325 (1966).
(9) D . F . E vans and T .  L . B roadw ater, ibid., 73 , 3985 (1969).
(10) J. M . N o t le y  and M . Spiro, J. Chem. Soc. B, 362 (1966).
(11) D . F . E vans, C . Zaw oysk i, and R . L . K a y , J. Phys. Chem., 69, 
3878 (1965).
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V,lV,lVr,.iV’,,lV',lV,-Hexabutyloctamethylenediammo- 
nium dibromide (DiBuBr2) was prepared9 by react­
ing an excess of the corresponding trialkylamine with 
appropriate alkyl bromide in methanol or ethanol. Re­
crystallizations were done from methanol by addition of 
ether. This salt was dried overnight at 60° in a vac­
uum oven.

Tetramethyl- and tetrabutylammonium perchlorates 
were prepared by addition of a hot 1 M  solution of the 
alkylammonium bromide salt to a hot 0.1 M  solution 
of sodium perchlorate. 12 After cooling in ice water, the 
precipitate was filtered off using a fritted glass funnel 
and washed with ice-cold water until the effluent was 
bromide-free. This salt was recrystallized from water 
and dried in  vacuo at 60°.

Fisher scientific grade sodium tetraphenylboride was 
dissolved in a minimum amount of acetone at room tem­
perature. 13 On addition of reagent grade toluene into 
the solution, the salt crystallized out. After filtration 
this was recrystallized three more times and dried in  
vacuo at room temperature.

Sodium and potassium chloride salts (Fisher Certified 
reagent) were precipitated from a saturated aqueous so­
lution by addition of ethanol. 14 The product was dried 
first in  vacuo at 150°, ground in an agate mortar, and 
then dried again at 150°.

Potassium bromide was prepared by adding Mallin- 
ckrodt analyzed reagent potassium carbonate until a 
pH of 3 was reached. 14 The solution was cooled, and 
the resulting crystals were twice crystallized from con­
ductivity water. The crystals were dried at 100° at 
0 .0 1 mm pressure and then fused under carbon dioxide 
free nitrogen and ground in an agate mortar, then dried 
once again in a vacuum oven overnight at 10 0 °.

Cesium chloride (A. D. MacKay optical grade) was 
ground in an agate mortar, dried at 10 0 ° in  vacuo, and 
used without further purification.

Conductivity M easurem ents. The conductance bridge 
was similar in design and operation to that of Dike’s15 
modified version of the Jones-Joseph bridge.16 The 
conductance bridge, conductance cells, salt-cup dispens­
ing device, and general techniques were the same as 
previously described. 11,14 For the hygroscopic salt, 
B u4NC1, a modified weighing procedure was used.6

The weight buret technique was used for LiCl solu­
tions. A concentrated solution was made up, all ma­
nipulations being carried out in a drybox. Small incre­
ments were added from the weight buret to the cell, and 
to prevent atmospheric contamination while the cell was 
open, solvent-saturated nitrogen was passed through the 
side arm. The run was made in the shortest time pos­
sible.

Density measurements were done at 10 and 25° by 
using calibrated, long, single:necked capillary tube 
pycnometers. The technique was the same as previ­
ously described. 14

Results
The measured equivalent conductances and corre­

sponding electrolyte concentrations in moles per liter are 
shown in Tables I and II for formamide solutions at 25 
and 10°, respectively. Also given is the specific con­
ductance of pure formamide used and A , the density in­
crements used to calculate the volume concentrations. 
The increments were obtained by density measurements 
on the most concentrated solutions used in the conduc­
tance measurements and were assumed to follow the re­
lationship d =  do +  A m , where in represents the moles 
of salt per kilogram of solution. The values of A  at 10° 
were assumed to be the same as those at 25°, an assump­
tion that has been verified in other solvents over short 
temperature intervals.6,7 The data were analyzed with 
the Fuoss-Onsager equation17 in the form

A = A0 — S \ / c  +  E c  log c +  (J  — B A 0)c  (1)

The value of B  which corrects for the added electrolyte 
on the viscosity of the solvent was set equal to zero, 
since a reliable and complete set of data is not avail­
able.3 This correction does not alter the value of A0, 
but only changes the values of J  and consequently of 
&, the ion-size parameter. The solvent properties used 
in the computations for the data at 25° are dielectric 
constant e = 109.45 and viscosity y = 0.0331 P . 18 
The corresponding values at 10° were estimated to be 
e =  115.45 and y — 0.050 P from plots of these quanti­
ties vs. temperature.19 All attempts to analyze the data 
using the associated form of the Fuoss-Onsager equa­
tion gave association constants which were negative or 
which had standard deviations larger than the value of 
K a.

Shown in Tables III and IV are the parameters ob­
tained from eq 1  by a least-squares computer program.20 
The values of J  are given instead of the more customary 
& parameters. The values of & obtained were often 
small, sometimes negative, and obviously bear no rela­
tionship to real ion sizes.

The constants a, fi, E lt and E 2 had the values 0.1391, 
13.79, 0.1946, and 2.838 at 25° and 0.1388, 9.126, 
0.1936, and 1.867 at 10°, respectively, where in eq 1, 
S  =  (A0a +  /?) and E  =  {E ,A0 — E 2). These can be

(12) J . F . C oetzee  and G . P . Cunningham , J. Amer. Chem. Soc., 79 , 
870 (1957).
(13) J . F . Skinner and R . M . Fuoss, J. Phys. Chem., 68 , 1882 (1 964 ).
(14) C . G . Swain and D . F . E vans, J. Amer. Chem. Soc., 88 , 383 
(1966).
(15) P . H . D ik e, Rev. Sci. Instrum., 2 , 379 (1931).
(16) G . Jones and C . B radshaw , J. Amer. Chem. Soc., 55 , 1780 
(1933).
(17) R . M . F uoss and F . A ccascin a , “ E lectro ly tic  C on d u cta n ce ,”  
In terscience P ublishers, In c ., N ew  Y ork , N . Y ., 1959.
(18) L . R . D aw son , E . D . W ilh o it, and P . G . Sears, J. Amer. Chem. 
Soc., 79 , 5906 (1957).
(19) G . R . L eader, ibid., 73 , 856 (1 951 ); G . F . Sm ith, J. Chem. Soc., 
3257 (1931).
(20) R . L . K a y , J. Amer. Chem. Soc., 82 , 2099 (1 960).
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Table I  : Equivalent Conductances in Formamide at 25°

10*C A
LiCl

: =  1.90 X  10“7

A  = 0.06
1.966 25.934
6.342 25.701

11.234 25.559
14.862 25.465
20.580 25.348
28.537 25.218
34.327 25.140

KC1

k  =  1.82 X  IO“7
15.261 29.191
27.884 28.961
40.906 28.771
53.404 28.614
67.273 28.477
83.233 28.334
96.362 28.230

115.476 28.084

CsCl

k  =  1.72 X  10-7
A  = 0.07

2.666 30.825
6.604 30.657

10.822 30.537
15.113 30.455
19.702 30.392
25.859 30.281
31.851 30.215
57.858 30.014

E t4NBr

k =  2.39 X  10-7
A  = 0.03

8.840 27.665
22.005 27.364
36.144 27.138
50.898 26.942
66.474 26.770
78.013 26.654
99.653 26.461

117.716 26.320

10*C A
NaCl

k  =  2.49 X  IO“7
A  = 0.01

11.562 26.629
25.293 26.358
37.301 26.203
51.313 26.037
66.056 25.893
79.037 25.770
92.705 25.646

107.770 25.539

KB r

k  =  1.54 X  IO“7
A  = 0.06

9.007 29.359
21.394 29.086
35.205 28.868
51.729 28.659
70.020 28.475
85.885 28.336
98.930 28.232

129.754 28.016

NaBPin

k  =  9.13 X  10~7
A  = 0.02

1.594 15.897
4.954 15.766
9.955 15.644

15.672 15.532
21.761 15.437
25.217 15.390
30.499 15.323
36.286 15.255
42.627 15.188
49.247 15.123
55.993 15.060
59.700 15.030
72.278 14.927
78.359 14.881

E t4N I

k  =  2.86 X  10“7
A  = 0.03

2.284 27.509
7.165 27.260

15.739 27.013
25.443 26.814
37.211 26.618
53.437 26.395
70.942 26.190
86.047 26.032

10*C A
KC1

k  =  2.23

ToX

A  =  0.08
8.274 29.341

15.786 29.145
24.679 28.973
33.687 28.841
44.250 28.691
55.389 28.510
66.146 28.439
77.401 28.331

KBr
k  =  1.76 x  io -7

11.243 29.359
27.331 29.024
42.992 28.814
59.473 28.634
80.498 28.427

102.039 28.256
128.588 28.068
153.007 27.914

Me..N I
k  =  2.87 X  IO"7

A  = 0.03
2.380 29.883
6.507 29.647

11.983 29.470
18.475 29.312
26.091 29.163
34.502 29.022
43.334 28.846
53.336 28.725
69.169 28.551

Pr4NB r

=  3.97 X  IO"7
A  = 0.03

1.158 25.087
3.915 24.950
7.452 24.825

17.891 24.570
29.063 24.372
38.356 24.235
50.717 24.076
68.706 23.878

10*C A
Pr4N I

k  =  2.24 X  IO“7 
A  =  0.00

1.664 24 .683
4.628 24 .456
9.386 24 .279

14.311 24 .141
19.482 24 .029
24.833 23 .920
33.168 23 .771
44.039 23 .601
62.122 23 .368

Bu<iNI

k  =  3.68 X 10"7
A  = 0.00

1.294 23 .433
3.066 23 .243
5.029 23 .136
6.853 23 .058
8.586 22 .968

10.534 22. 912
12.777 22 .849
14.691 22 .810
25.826 22 .562
38.029 22 .356
50.775 22..164
63.080 22 .000
74.723 21 .858
88.039 21 .711

100.650 21 .580

Bu4NC1

k  =  1.19 X IO“7
A  = 0.00

2.747 23 .720
6.645 23..549

10.767 23 .424
14.629 23. 338
18.074 23 .265
28.127 23 .102
33.302 23 .023
52.091 22 .786

10*C A
i - A m 3B u N I

k  =  2.78 X 10 “7
A  = 0.00

1.825 22 .896
4.835 22 .649
9.417 22 .469

14.831 22 .311
21.697 22 .159
28.970 22 .011
38.564 21 .844
47.960 21 .696

Bu4NBr

k  = 5.09 X  10-7
A  = 0.00

1..739 23.804
3 .370 23.681
5 .316 23.603
7 .146 23.537
9 .140 23.480

11 .294 23.424
13 .310 23.386
15 .515 23.325
24 .292 23.180
35..077 23.000
5C 003 22.790
63 .852 22.627
76 .161 22.501
9C .863 22.360

107 ,095 22.206

DiBuBrä
k  =  3.24 X  IO"7 

A  =  0.10
E ,587 24.774

11 .630 24.338
17 .777 23.997
23..934 23.725
3C 195 23.482
35 .952 23.280
42 ,251 23.081

10'C A
H e 4N I

k  =  8.08 X  IO“7 
A  =  0.10

2.788 21.359
7.446 21.140

10.993 21.007
14.921 20.911
19.066 20.822
24.438 20.723
29.728 20.619
36.132 20.512
40.854 20.425
45.161 20.360
48.957 20.304
55.932 20.198
61.500 20.119
87.575 19.782

118.868 19.431
148.239 19.143

compared to the corresponding values of 0.2296, 60.68, 
0.5307, and 20.52 in water7 and 0.8545, 153.59, 7.350, 
and 19.35 in methanol6 at 25°. The rather small values 
obtained in formamide are a consequence of the rather 
large values of e and t] and are responsible for the small 
contributions of the electrophoretic and relaxations ef­
fects to the conductance.

The conductance data of Davis, e t  a l . , 21 of Dawson, 
Wilhoit, and Sears, 18 and of Tewari and Johari22 have 
been summarized elsewhere.3 Where comparison is

(21) P . B . D av is , W . S. P utnam m , and H . C. Jones, J. Franklin 
Inst., 180, 567 (1 915 ); P . B . D a v is  and H . X. Johnson , Carnegie 
Inst. Wash. Pubi., 260 , 71 (1918).
(22) P . H . T ew ari and G . P  Johari, J. Phys. Chem., 67, 512 (1963).
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Table  I I  : Equivalent Conductances in Formamide at 10°

10 A 10‘C A 10 ‘C A
NaCl KC1 KBr

k =  1.96 X  10-7 k =  1.27 X  10-7 k =  3.79 X  10-7

15.964 16.748 7.152 19.901 6.980 19.892
28.708 16.787 14.772 19.763 12.154 19.797
47.639 16.691 25.672 19.627 18.958 19.696
66.225 16.570 35.015 19.531 28.232 19.591
90.337 16.484 45.945 19.438 39.562 19.486

124.084 16.326 63.079 19.313 53.276 19.374
156.057 16.202 82.347 19.192 70.759 19.261
192.219 16.066 95.036 19.118 102.177 19.086

113.695 19.019 Pr4NBr
k =  2.33 X  IO“7

Me,[NI 4.551 16.756

k =  1.31 X  10~7 Et, N I 9.566
15.018

16.646
16.560

3.542 21.580 k =  1.34 X  10-7 20.979 16.475
6.754 21.450 2.620 18.511 33.103 16.332

11.543 21.324 6.532 18.361 40.732 16.261
16.153 21.235 11.334 18.254 48.196 16.193
21.855 21.142 17.205 18.154 60.144 16.100
30.274 21.024 22.269 18.081 85.155 15.937
40.920 20.903 28.585 18.004

BuiN I54.404 20.766 37.305 17.911
81.342 20.536 46.706 17.817 k -  1.79 X  IO“7

70.017 17.625 2.680 15.131
6.625 14.980

13.261 14.823
Pr4N I 20.405 14.718

k =  1.23 X  10-7 Bu4NBr 27.075 14.613

2.557 16.541 k =  1.38 X  10“7 35.030
44.988

14.524
14.414

5.465 16.389 3.605 15.501 57.220 14.303
8.640 16.304 7.947 15.383 74.630 14.165

12.782 16.218 14.831 15.246
17.313 16.140 21.476 15.158 f-Am3B uN I
21.966 16.071 28.366 15.074 k =  2.40 X  IO“7
27.229 16.001 35.428 14.977 1.397 15.329
34.307 15.916 50.323 14.848 8.807 15.072
43.689 15.803 68.490 14.723 12.653 14.99868.739 15.565 98.796 14.529 16.519 14.935

21.923 14.852
27.475 14.772
33.337 14.698
49.564 14.523
60.775 14.416

possible, the results agree with those in Table III within 
the precision of their measurements.

Discussion
L im itin g  Io n ic  Conductances. Potentially, the most 

interesting aspect of the limiting ionic conductances in 
formamide is their variation with temperature. In 
methanol6 and acetonitrile, 23 \0v at different tempera­
tures is found to show little if any variation. However, 
in aqueous solution \0y changes considerably, some ions 
having positive temperature coefficients and others with 
negative temperature coefficients.8 This variation with

Table I I I  : Conductance Parameters for Formamide Solutions

Salt Ao J <r\

LiCl 26.153 ±  0.011 8 .0 0.016
NaCl 27.221 ±  0.007 18.4 0.01
KC1 29.877 ±  0.003 16.5 0.004
K C I 29.85 ±  0.01 17.5 0.002
KB r 29.891 ±  0.001 18.3 0.002
KB r 29.945 ±  0.004 18.2 0.006
CsCl 31.091 ±  0.007 59.2 0.01
NaBPhr 16.142 ±  0.008 25.01 0.003
Me4N I 30.11 ±  0.005 0 0.005
E tiN B r 28.191 ±  0.001 9.36 0.001
E t4N I 27.747 ±  0.009 - 0 .6 0 0.02
Pr4NBr 25.290 ±  0.005 8.65 0.009
Pr4N I 24.85 ±  0.01 -1 2 .1 0.03
Bu4NC1 23.990 ±  0.008 10.5 0.007
Bu4NBr 24.002 ±  0.006 0 0.01
Bu4N I 23.55 ±  0.01 -1 9 .7 0.002
i-Am3B uN I 23.03 ±  0.006 -2 8 .4 0.008
He4N I 21.622 ±  0.004 -2 6 .5 0.01
DiBuBr2 25.867 ±  0.008 135.4 0.010

Table IV  : Conductance Parameters for Formamide Solutions

■10°
Salt Ao J tr\

NaCl 17.33 ±  0.05 30.0 0.08
KCI 20.217 ±  0.002 10.47 0.003
KBr 20.203 ±  0.001 12.75 0.001
M e4N I 20.29 ±  0.008 - 3 . 6 0.02
E t4N I 18.671 ±  0.008 -5 .7 3 0.01
Pr4NBr 17.003 ±  0.002 2.24 0.004
Pr4N I 16.68 ±  0.01 -2 0 .7 0.02
Bu4NBr 15.697 ±  0.008 8.33 0.015
Bu4N I 15.28 ±  0.01 -1 5 .3 0.02
¿-Am3BuNI 15.34 ±  0.007 -2 4 .5 0.01

temperature has been attributed to structural effects 
arising from the three-dimensional hydrogen-bonded 
network of water molecules. It is of general interest to 
ascertain whether the same type of behavior is observed 
in formamide where a two-dimensional hydrogen- 
bonded network is possible.

Transference numbers, which allow the unambiguous 
determination of single ion values, have been measured 
by Spiro and Notley3 for KC1 in formamide at 25°. 
When combined with the values given in Table III, the 
value of X0 given in Table V results. Transference num­
bers for KC1 in formamide at 25, 30, 40, and 50° have 
been reported by Gopal and Bhatnagar.24 However, 
their value at 25° (¿o+ = 0.419), disagrees with the value 
(to+ =  0.427) reported by Spiro and Notley. At least 
part of this discrepancy can be attributed to the impure 
formamide used in the temperature studies. As a con-

(23) D . F . E vans and T .  L . B roadw ater, J. Phys. Chem., 72 , 1037 
(1968).

(24) R . G op a l and O . N . Bhatnagar, ibid.. 68 , 3892 (1964).
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Table V  : Limiting Single Ion Conductance 
in Formamide at 25°

DiBu2 + 8.70
He4N  + 4.90
¿-Am3BuN + 6.34
BU4N  + 6.83
Pr4N  + 8.12
E t4N  + 11.03
M e4N  + 13.41
Li + 9.03
Na+ 10.10
K  + 12.75
Cs + 13.87
C l- 17.12
Br" 17.17
I - 16.73
BPhj- 6.04

sequence any attempt to extrapolate the values to 1 0 ° 
would result in uncertainties that would make any 
structural interpretation in formamide questionable. 
However, it should be noted that (A07i)26/ (Aov)w, Table 
VI, shows a 6%  variation over a 15° temperature range,

Table V I: Temperature Dependence of the Waiden Product 
(Aov)2S/(Aov) 10 in Formamide

NaCl 1.04 Pr4NBr 0.99
KC1 0.98 P riN I 0.99
KBr 0.98 BmNBr 1.01
Me4N I 0.98 BufNI 1.02
E t4N I 0.98 f-AnuBuNI 0.99

with both negative and positive temperature coefficients 
being observed. A program to measure transference 
numbers at 10° is underway. The dependence of \0y 
upon ionic size in formamide at 25° can be seen in Figure 
1. It is obvious that the Stokes law is not obeyed and 
the Zwanzig equation25 does not provide an adequate 
description of the system.

Concentration D ependence. The concentration de­
pendence of electrolytes in formamide is most conve­
niently discussed in terms of the behavior observed in 
other hydrogen-bonding solvents. The results ob­
tained in the alcohols4-6 and in aqueous solution7'9 will 
be reviewed and compared to those obtained in form­
amide.
. In the alcohols, methanol-pentanol, the quantity of 

interest is the association constant, K A, which is a mea­
sure of the concentration dependence. In Table VII, 
the association constants for the tetrabutylammonium 
halides and perchlorate are summarized, and there are 
three main points of interest. The first is that K A in­
creases with increasing anion size. Such behavior is 
contrary to the predictions of electrostatic theory

K i =  KA' exp(e2/eaKk T ) (2)

Table  V II : Association Constants for Tetrabutylammonium 
Salts in Alcohols

-K a
S olvent e B u iN C l B u4N B r B u .N I B m N C lO i

MeOH 32.60 0 3 ±  1 16 ±  2 33 ±  2
EtO H 24.33 39 ±  5 75 ±  4 123 ±  3
PrOH 20.45 149 ±  5 266 ±  6 415 ±  6 769 ±  6
BuOH 17.45 640 ±  5 860 ±  5 1180 ±  10 2200 ±  20
PeOH 15.04 2520 ±  3 3220 ±  40

Figure 1. The limiting Walden product for the halide, alkali, 
and tetraalkylammonium ions as a function of 
crystallographic size at 25°.

and contrary to the expected and established behavior 
in solvents such as acetone,1>n acetonitrile, 11 nitroben­
zene, 11 and the halogenated hydrocarbons.26 Secondly 
eq 2  requires that log K a vary linearly with 1 /e and to 
a reasonable approximation such linear behavior is ob­
served.6 Finally, the association constants are larger in 
magnitude than those calculated on the basis of diffu­
sion theory27 from which K ]°  is given by

K ,°  =  (47rV/3000)(!K3 (3)

An explanation which accounts for this behavior is 
one based on a multiple-step association process. A 
simple mechanism which takes into account these fac-

(25) R . Zw anzig, J. Chem. Phys., 38 , 1603 (1963).
(26) J . T . D en ison  and J. B . R am sey , J. Amer. Chem. Soc., 77, 2615 
(1955).
(27) W . R . G ilkerson, J. Chem. Phys., 25 , 1199 (1 956 ); R . Fuoss, 
J. Amer. Chem. Soc., 80 , 5059 (1958).
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Figure 2. Plot of A' showing opposite dependence on anion 
size for tetrabutylammonium halides compared to potassium 
halides compared to potassium halides in water at 25°.

tors for the tetraalkylammonium salts is
Ki

R4N+ +  X(ROH)„- ^
Ki

R4N(ROH)X(ROH)„_1 ^

R3NX(ROH)„_i +  ROH

The value of K 2 should reflect the relative ease of desol­
vation of the anion, while the value of K x is governed by- 
diffusion and is calculable from eq 2 and 3. Since nei­
ther of the ion pairs is expected to contribute to the con­
ductance, the association constant K A is given by

K a = EC:(ion pairs)

( C r ,n + ) ( C x ( R O H ) „ - )
=  K x( 1 +  K 2) (4)

In water and formamide, where the dielectric con­
stant is large, association constants are generally small 
for 1 - 1  electrolytes and cannot be unambiguously ob­
tained. In this situation, deviations from expected 
behavior are best analyzed with a rearranged form of 
eq 1 .

A' =  A — A0 +  S V c — E c  log c =  (J  — SA0)c (5)

A plot of A' vs. c should give a straight line of slope 
(J  — B A o) . Since J is a function of the ion-size pa­
rameter, &, the slope should increase with ionic size. 
Shown in Figure 2  is a plot of eq 5 for the potassium and 
tetrabutylammonium halides in water at 25°. In the 
case of the alkali metal halides, the slope of the line and 
hence the value of J  increases in the order I >  Br >  Cl. 
This is in accord with the prediction of theory. For

Figure 3. Plot of A' vs. C  for tetraalkylammonium and 
potassium halides in formamide at 25°.

the Bu4N halides the slopes should be even larger than 
for the potassium salts; however, they are smaller and 
the dependence upon anion size is reversed.

If the degree of association is large, A' will not be lin­
ear in c but rather will be curved. The reason for this 
can be seen from the following argument. For associ­
ated electrolytes the equation analogous to (5) is

A " =  A — A0 +  /SVcy — K e y  log C7  =

(J  — BAo — K AP y A )c  (6)

where 7  is the fraction of free ions and /  the activity co­
efficient. Using the Onsager equation A = A0 — Ss/c., 
the term K AplyA c  can be approximated as K AP y ( A bc — 
S c /2) . The c‘/! dependence results in curvature of the 
A' plot which increases as K A becomes larger. How­
ever, when K a is small and 7  close to unity, K Ap A c  be­
comes essentially linear in c and cannot be separated 
from J . Comparison of the experimental points and 
the best straight line through them for aqueous Bu4NI 
in Figure 2  shows a small but systematic curvature. 
This small curvature (0.01%) gives rise to an associa­
tion constant of 3 to 5. The slightest amount of scatter 
in the data makes it impossible to determine association 
constants by analysis with the Fuoss-Onsager equation, 
because the uncertainty becomes as large or larger than 
K a itself.

Shown in Figure 3 is a A' plot for the potassium and 
larger tetraalkylammonium halides in formamide at 
25°; for clarity of presentation only the slopes, not the 
experimental points, are given. Figures 2 and 3 show 
the same general features, except that the magnitude of 
the deviation is reduced. This is in accord with the 
smaller concentration dependence of electrolytes in
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formamide, and this concentration dependence is smaller 
because the values of e and y are larger.

Although K a cannot be unambiguously determined, 
it can be estimated by the following approximate calcu­
lation. Setting B  =  0, 7  =  1 and rearranging eq 6 to 
the form

A '" =  A' -  J c =  - K aP c (7)

allows K a to be estimated from a plot of A "' vs. P c . 
Since there is no a priori value that can be assigned to 
& and hence to J , two values, A = 4 and 7 have been em­
ployed. The resulting values of K A are given in Table 
VIII.

Two aspects of Table VIII require comment. When 
the dielectric constant is large, the cubic dependence of 
A in eq 3 predominates over the exponential term in eq 
2 and K A increases with ionic size. This accounts for 
the fact that Bu4N salts appear to be more associated 
than the corresponding Pr4N salts. However, on this 
basis alone it is impossible to account for the difference 
of almost a factor of 2  between the bromides and iodides. 
The differences in size between these halides is suffi­
ciently small that K a should show little variation for 
any given cation.

Table V I I I : Estimated Values of Association Constants 
for R4N X  Salts in Formamide at 25°

K a at K j/KBi K a at k 1/k Bt
Salt à = 4 ratio à = 7 ratio

B m N I 2 .5 0
1 .9 5

3 .4 0
1 .8 2

Bu4NBr 1 .2 9 1 .8 7
Pr4N I 1 .9 7

2 .2
3 .0 0

1.66
Pr4NBr 0 .8 8 1 .8 0

The similarity in anion dependence in the alcohols, 
water, and formamide taken together with values of K A 
which are larger than K i suggests a common basis of be­
havior. The most reasonable explanation is that the 
multiple-step association process is operative in all the 
solvents, and hence is a feature common to all hydrogen­
bonding solvents.

Acknowledgm ent. This work was supported by con­
tract No. 14-01-0001- 281 with the Office of Saline 
Water, U. S. Department of the Interior.

Raman Spectra of Silver Nitrate in Water-Acetonitrile Mixtures1

by B. G. Oliver and G. J. Janz*
Department of Chemistry, Rensselaer Polytechnic Institute, Troy, New York 12181 'Received March 2, 1970)

The Raman spectrum of AgN03 in H20-CH3CN mixtures at 25° has been investigated with He-Ne (6328 A )  
and Ar+ ion (4880 A ) lasers as excitation sources. Particular attention was directed to an investigation of 
the most intense vibrational modes of the solute and solvent, respectively. In the symmetrical N03~ stretch­
ing frequency region two frequencies at 1036 and 1041 cm- 1  are observed. Similarly, two frequencies are 
found in the CsN  symmetrical stretching region of CH3CN when AgN03 is added to the mixed solvent. 
The variations in the relative intensities of these bands with concentrat on are interpreted relative to ion- 
pair formation and selective solvation in this mixed solvent system.

Introduction

The system AgN03-H 20-CH 3CN is of interest in 
light of nmr studies of Schneider2 and the transport 
number measurements of Strehlow and Koepp3 which 
indicate selective solvation and ion-pair formation in 
these solutions. A Raman spectral investigation of this 
system was undertaken to evaluate the spectral criteria 
for ionic interactions and for preferential solvation in 
mixed solvents.

Experimental Section
AgN03, H20, and CH3CN were purified by the tech­

niques previously used in this laboratory.4'5 The solu­
tions were prepared by weight and transferred to Pyrex

* T o  w h om  corresp on d en ce  sh ou ld  b e  addressed.
(1) R ep orted , in  part, at the  S ym p osiu m  on  th e S tru cture  o f  W ater 
and A qu eou s S olutions in he nor o f  T . F . Y ou n g , C h icago, 111., June 
1969.
(2) H . Schneider, P h .D . Thesis, M a x  P lan ck  Institute, 1965.
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glass Raman tubes (0.7 mm o.d. and 10 cm long) with 
optical flats as windows.

The spectra were recorded with a Jarrell-Ash laser- 
Raman spectrometer (Model 25-300) having both He- 
Ne (6328 A) and Ar+ ion (4880 A) lasers (55 and 125 
mw, respectively) as excitation sources. All spectra 
were scanned three or four times to establish consistency 
of the band shapes and positions. The band contours 
were examined with a DuPont Curve Analyser, by 
means of which asymmetric contours were resolved into 
Lorentzian components. For quantitative work, the 
integrated intensity of the 2945-cm-1 band of pure 
CH3CN was selected as the intensity standard; the inte­
grated intensities in the present work are, thus, all rela­
tive to this standard. Correction of the intensity val­
ues for variations in refractive index6 was considered 
and found to be within the accuracy of the intensity 
measurements (about 1 0 %).

Results
(а) W ater Frequencies. The 2800-3900- and the 

1500-1800-cm“ 1 regions were examined, but no signifi­
cant changes in the band contours of the solutions rela­
tive to pure water were noted.

(б) C H 3C N  Frequencies. The Raman frequencies 
observed in pure CH3CN and in AgN03-CH3CN have 
been thoroughly studied7 so need not be reported here. 
As water is added to CH3CN it is sufficient to note that 
the Raman frequencies of CH3CN shift, but only slight­
ly, e.g., the bands at 919, 2253, and 2945 cm- 1  (pure 
CH3CN) gradually change to 925, 2261, and 2949 cm-1, 
respectively (4.7 mol %  CH3CN-95.3 mol %  H20 ); no 
new frequencies that may not be assigned to CH3CN 
and H20  appear in this mixed solvent system.

Two new bands at 2272 and 929 cm- 1  appear when 
AgN03 is added to the solvent. The intensities of these 
two bands increase with increasing AgN03 concentra­
tions, at the expense of the 2253- and 919-cm-1 bands of 
acetonitrile (i.e., C = N  and C-C stretching frequencies). 
These two new bands are assigned8-9 to C = N  and C-C 
stretching vibrations of CH3CN in the primary solva­
tion sphere of the cationic species (i.e., M + - • -N = C -  
CH3; C3„ point group symmetry). This is illustrated in 
Figure 1 .

(c) N 0 3~ Frequencies. The doublet in the 750-cm_1 
region and the loss of degeneracy in the 1300-cm_I re­
gion for the N 03~, as reported elsewhere10,11 for contact 
ion pairs in aqueous nitrates, were observed in the pres­
ent studies. Attention, however, was devoted to the 
1050-cm” 1 region (vi(A1 '),N 03_) because of its rela­
tively high intensity.

For solutions of AgN03 in anhydrous CH3CN at very 
low concentrations (<0.01 M )  only one polarized band, 
1041 cm-1, is observed. With increasing AgN03 con­
centrations a new line at 1036 cm' 1 appears. The 
1041-cm_1 band has been assigned12 as the symmetric 
stretching mode, vi(Ai'), for the “free” or “solvent-

Figure 1. C = N  bands in AgNOa-11.8 mol % H 20-88.2 mol %  
CH 3CN solutions.

separated” N 03-  while the 1036-cm“ 1 band, as i'i(Ai') 
for the N 03~ when it is in the field of the cation, i.e ., as 
an “inner-sphere complex” [Ag+N03~] or, from the 
viewpoint of electrolytes, as a “contact ion pair.”

As H20  is added a small shift of these two frequen­
cies to higher values occurs, but the band intensities 
vary markedly. This is illustrated in Figure 2 . In

(3) H . S treh low  and H . M . K oep p , Ber. Bunsenges. Phys. Chem., 
62 , 373 (1958).
(4) G . J . Janz, M . J. T a it , and C . B . B addiel, J. Phys. Chem., 69 , 
3634 (1965).
(5) R . P . T . T om k in s, E . A ndala ft, and G . J . Janz, Trans. Faraday 
Soc., 65 , 1906 (1969).
(6) D . G . R ea , J. Opt. Soc. Amer., 49 , 90 (1959)
(7) K . B alasubrah m anyam  and G . J . Janz, J. Amer. Chem. Soc., 92, 
4189 (1970).

(8) J . C . E vans and G . Y .  S. L o , Spectrochim. Acta, 21 , 1033 (1965).
(9) K . F . P urcell and R . S . D rago, J. Amer. Chem. Soc., 88 , 919 
(1966).

(10) D . E . Irish  and A . R . D av is, Can. J. Chem., 46 , 943 (1968).
(11) D . E . Irish, A . R . D av is, and R . A . P lane, J. Chem. Phys., 50 , 
2262 (1969).
(12) G . J . Janz, K . B alasubrah m anyam , and B . G . O liver, ibid., 51, 
5723 (1969).
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Figure 2. N 0 3~ bands in the 1050-cm“ 1 region for 0.4 M  AgN03 in H2O-CH3CN mixtures.

aqueous solutions the band shape for ri(A/) (AgN03) 
is symmetrical for the entire concentration range, to 
saturation solubility.

As the solute concentration in a mixed solvent of fixed 
composition (8 8 .2  mol %  CH3CN-II . 8  mol %  H20) 
was changed, the relative intensity of the 1037- to the 
1042-cm“ 1 band remains almost invariant, about 1:2 
for the concentration range 0.4-3.5 M . This contrasts 
with AgN03 in anhydrous CH3 CN, where the relative 
intensities of these two bands are not invariant for such 
a concentration interval.

Discussion
It has been shown elsewhere7 that Raman intensity 

measurements can be used to gain values of primary sol­
vation numbers for solutions of AgN03 in anhydrous 
CH3CN from the expression

lb  +  I t  CcHgCN

where / b and h  are the intensities of the 2272- and 
2253-cm_1 bands, CAgNo, and CchsCn are the concentra­
tions (moles/liter) of AgN03 and CH3CN, and N  is the 
average number of solvent molecules which are coordin­
ated by the solute in the primary layer. It should be 
noted that various additional factors may contribute to 
the molar intensity, such as an induced dipole (from 
ion-dipole force fields) and/or changes in the bulk di­
electric constant, and that the direct proportionality be­
tween Raman intensities and species concentrations

(above) is an approximation and implies that the spe­
cific molar intensity of the (C=N) stretching mode is 
numerically the same for the solvated acetonitrile and 
bulk. Support for this assumption is found in this work 
from the observation that the intensities 2272 cm- 1  in 
the most concentrated AgN03 solutions (ca. 8 M )  and of 
the 2253 cm- 1  for the pure solvent were virtually equal. 
Independent support for the viewpoint that the contri­
bution of the other factors to the molar intensity varia­
tions are possibly a second order of magnitude is the 
observation of Purcell and Drago, 9 namely the changes 
in the Gs=N force constant were not more than 3-5%  
for a series of CH3CN, metal-ion adducts.

The graph of I b/ ( h  +  I t )  vs. cAgNo3/coH»cN for AgN03 
in CH3CN and in two compositions of H20-C H 3CN in 
Figure 3 shows the extension of this approach to AgN03 
in mixed solvents. The N  values, estimated from the 
slopes of the curves, are found to vary with concentra­
tion, being about 4 in the dilute concentration range 
(<0.05 M ), about 2 in the moderate concentration range 
(~0.05 to 5.0 M ), and decreasing to about 1 at higher 
concentrations (>5.0 M ). Support for this equation 
comes from the fact that solvates of composition AgN03 • 
2CH3CN and AgN03 CH3CN have been crystallized13 
from AgN03-CH3CN in the concentration ranges where 
A  is 2  and 1 , respectively.

The close proximity of the curves and their slopes in 
Figure 3 indicates that the solvation with respect to

(13) G . J. Janz, M . J. T a it , and J. M eier, J. Phys. Chern., 71 , 963 
(1967).
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Figure 3. Graph of I h/ ( I b +  7f vs. Cabno, /cchjcn for AgN 03 in 
C H 3CN, 11.2 mol % H 20~88.2 mol % CH 3CN, and 95.3 mol % 
HiO^l.7 mol %  CHsCN.

CH3CN is the same in the mixed solvents as it is in pure 
CH3CN. Even when the concentration of CH3CN in 
the solvent has been reduced to 4.7 mol % , Ag+ appears 
to be preferentially solvated by CH3CN. These find­
ings are in accord with the nmr results of Schneider2 and 
transport number results of Strehlow and Koepp3 which 
similarly showed Ag+ to be selectively solvated by CH3- 
CN in H20-CH 3CN mixtures.

The Raman spectrum of 0.4 M  AgN03 in various 
mixed solvents (Figure 2) reveals that as the H20  con­

tent of the solvent is increased the intensity of the 1041- 
cm- 1  band increases at the expense of the 1036-cm_1 
band. As the AgN03 concentration is changed in a 
single mixed solvent (constant H20  content), the ratio 
of the intensities of the 1041- to 1036-cm_1 bands re­
mained almost invariant over a wide concentration 
range. Thus, the equilibrium between the contact ion 
pairs and the free ions is very sensitive to H20  concen­
tration.

The primary solvation number of Ag+ with respect to 
CH3CN becomes lower with increasing AgN03 concen­
tration. With increasing AgN03 concentration in 
anhydrous CH3CN more and more N 03~ ions seem to 
be replacing CH3CN in the primary coordination sphere 
of Ag+. In the mixed solvents the situation is compli­
cated somewhat by the H20  which seems to be com­
peting with N 03~ for positions close to Ag+. Thus as 
the H20  content of the solvent is increased more and 
more N 03~ in the primary layer of the Ag+ is being re­
placed by H20.

Recent evidence from Raman spectroscopy, 10'11’ 14 

compressibility, 16 and electrical double layer studies16,17 
seems to indicate that the N 03-  ion is hydrated in solu­
tion. Such hydration of the N 03-  by H20  in the H20 -  
CH3CN solvents would certainly reinforce the above 
arguments and provide an ample explanation for the 
experimental results.
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Salt Effects on the Critical Micelle 

Concentrations of Nonionic Amphiphiles

by John E. Gordon

Department of Chemistry, Kent State University, Kent, Ohio 44%40 
(Received March SO, 1970)

Added inorganic electrolyte lowers the critical micelle 
concentration (cmc) of nonionic as well as ionic amphi­
philes. The usual account of the latter case, in terms 
of the shielding of repulsive interactions between 
charged head groups, 1 cannot be applied to the former. 
A variety of explanations have been offered for the 
nonionic case. In 1965 Murkerjee2 reviewed these and 
presented an attractive alternative treatment, based on 
the McDevit-Long theory, 3 in which the Setschenow 
equation was used to compute the activity coefficients 
of monomeric and micellar amphiphile, and these were 
combined according to the mass-law model of micelle 
formation to predict the dependence of the cmc on salt 
concentration. The purpose of the present note is to 
point out that Mukerjee’s expression in fact corresponds 
to no common model of micellization and to present 
correct derivations for the mass-law and pseudophase 
models and compare the results with experiment.

The mass-law expression for the association equilib­
rium 1 is given by eq 2, where R -X  is an amphiphile 
with hydrocarbon and polar moieties R and X, Cm¡c is

nR-X (R -X), (l)

C m ic  /m i c
( y n f  n 
G' mono J mono

(2 )

the concentration of micelles, C m0n0 is the concentration 
of monomers, and / m ¡c and /mono are the corresponding 
activity coefficients. Setting Cmono = cmc and neglect­
ing (log Cmic)/ n  gives eq 3.4

log cmc =  A G /2.303R T  — log/ mo„0 +  -  log/mic (3)
n

To the extent that nonelectrolyte-nonelectrolyte 
interactions can be ignored, the activity coefficient, /, 
of a nonpolar nonelectrolyte in aqueous salt solution is 
related to that in pure water, f 0, by eq 4, where Ce is 
the salt concentration.6 The McDevit-Long theory 
computes ks on the basis of the work required to make

log (///«) =  kBC 3 (4)

a hole in the solvent large enough to accommodate the 
nonelectrolyte. The effect of salt is to alter the co­
hesive energy density o:" the medium, and the expression 
for ka is eq 5, in which F; is the limiting partial molal 
volume of the nonelectrolyte (the superscript zero is 
omitted throughout), (Fs — Fs°) is the électrostriction 
of the particular salt, ind So is the compressibility of 
water.

ka =  V i(V , -  fs°)/2.303RTpo (5)

Mukerjee2 represents log f mono and log / mic as sums 
of parts characteristic of R and of X, e.g., log / mic =  
log /mieR +  log /micx. He then sets log / mioE = 0 on 
the basis that the nonpolar surface of micellar RX 
which is exposed to the salt solution is small compared 
to that in monomeric RX. Equation 3 then takes the 
functional form (eq 6) which is empirically observed.

log cmc =  A G /2.303R T  —

C a[(ksR) mono +  (kaX) mono ~  (k8X)mic] (6)
The fallacy in this treatment is the neglect of log 

/micR =  ËmicR(Fs — V a°) /2 .3 0 3 R T fio -  The theoretical 
expression for ks, eq 5, involves the volume of the non­
electrolyte, and the fact that its surface area in contact 
with the water is negligible is irrelevant; FmiCR is not 
negligible. For PmicR md hence (/csR)mic to be zero, as 
in eq 6, micellar R mus 3 not be in the same phase as the 
rest of the system. Mukerjee’s calculation is thus for 
a pseudophase model in which the second phase is the 
hydrocarbon portion of the micelle.

We believe the following to be the correct application 
of eqs 4 and 5 to the mass-law model. Since the partial 
molal volume of RX increases on micelle formation,6 

one can express PmicRX as (n Pm0noRX +  a) with a posi­
tive. Letting (Fs — ~~s°)/2.303Æ'Z'do = D  we write

(ksRX)mono = D Ÿ monoRX (7)
(ksRX) mic = D {n V monoRX +  a) (8)

log (/RX//oRX)mono = DFmonoRXCB (9)

log (/RX//oRX)mic = D (n Ÿ m0noRX +  a)cs (10 ) 

Taking (/0RX)m»no = (.oRX)mio = 1 and substituting in

(1) See e.g., K . Shinoda, BuE. Chem. Soc. Jap., 28 , 340 (1955).
(2) P . M u k erjee , J. Phys. Chem., 69 , 4038 (1965).
(3) W . F . M c D e v it  and F . A . L on g , J. Amer. Chem. Soc., 74 , 1773 
(1952).
(4) P . M ukerjee , Advan. Coïloid Interface Sci., 1 , 241 (1967).
(5) F . A . L on g  and W . F . M cD e v it , Chem. Rev., 51 , 119 (1952).
(6) L . B en jam in , J. Phys. Chem., 70 , 3790 (1966).
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log cmc = A(?/2.303ftr +  aD C s/n (11)

eq 3 gives eq 11, which has the correct form but pre­
dicts increase in cmc with increasing Cs contrary to 
experience, since D  is positive for the salts in question.

Let us next apply eq 7-10 to the conventional pseudo­
phase model, for which eq 1 2  applies.4 The resulting 
expression is eq 13. The sign of the coefficient of Cs

log cmc = A(7/2.303/fT — log/monoRX (12)

is now correct, and its magnitude can be compared with

log cmc = A  (7/2..303AT — (ksRX) m0noCa (13)

= AG/2.303ÆT -  D  FmonoRXCs

estimates of ksItx for the same systems used by Mukerjee 
to test eq 6 . These estimates depend upon the addi­
tivity of group contributions to fcs.7 The first system 
is octyl glucoside, for which Mukerjee showed (kax ) m0!i0 
to be near zero. Thus (fcsRX)mon0 ~  (ksR) mono in this 
case, and Mukerjee’s estimate of the log cmc vs. C s 
slope via eq 6 applies also to the present model. This 
was made2 by extrapolating Morrison and Billett’s8 
ks values for the lower alkanes in sodium chloride solu­
tions (interpolated to 25°) to give fcsC|iHl8 «  (ksR)mono =  
0.36, vs. 0.35 observed. The second system was octyl- 
betaine (observed slope = 0.13). With fc, 0*11'8 =  
0.36, eq 6 requires (fcsx)mono — (fcsx ) m¡0 to be —0.23 
(X = — CH(N+Me3)COO_). Mukerjee considered 
this reasonable in view of the ks values for glycine =  
—0.28 in dilute solution and —0.02 at 2 M  glycine 
(approximately the concentration in the micelle sur­
face). Equation 13 requires (fcsx) mono = —0.23,
equally reasonable in relation to the glycine value. 
Finally, both equations predict the same average incre­
ment per CH2 group in the log cmc vs. Cs slopes for 
homologous amphiphiles. This was estimated2 from 
ref 8 as 0.032 vs. a mean observed value of 0.040.

All of these estimates, however, should be viewed with 
caution since the values of (fcsR)mono estimated would 
be more than twice as large if the ks values of Schrier 
and Schrier7 for CH2 and CH3 were used. A stringent 
test must await further experience with ks additivity 
or direct measurement of (fcsRX)mono by distribution 
experiments.

In summary, the pseudophase model of micelle 
formation, although serious objections to it have been 
presented,4 accounts reasonably well (in conjunction 
with the McDevit-Long theory) for the effects of salt 
on the cmc of nonionic amphiphiles while the mass-law 
model does not.

(7) E . E . Schrier and E . B . Schrier, J. Phys. Chem., 71, 1851 (1967).
(8) T . J . M orrison  and F . B illett, J. Chem. Soc., 3819 (1952).

Salt Effects on the Critical Micelle 
Concentrations of Nonionic Surfactants

by Pasupati Mukerjee

School of Pharmacy, University of Wisconsin,
Madison, Wisconsin 53706 {Received June 4, 1970)

Gordon1 has criticized the use of the mass-action 
model of micelle formation in the previous analysis2 of 
the effect of inorganic salts on the critical micelle con­
centrations (cmc) of nonionic surfactants and has 
suggested that the two-phase model3 of micelle forma­
tion accounts reasonably well for the salt effects. The 
discussion below is concerned with the nature of the 
assumptions involved in the application of the mass- 
action model and the limitations of the two-phase model 
in describing the salt effects.

Gordon’s criticism of the mass-action model is based 
on a too literal application of the McDevit-Long equa­
tion for the salt effect.4 If the activity coefficient, /, of 
a nonelectrolyte solute in a salt solution of molar con­
centration CB is represented by the equation log /  =  
fcsC8, where ks is the salt effect constant, the McDevit- 
Long equation states that ka is proportional to Vu the 
partial molal volume of the nonelectrolyte. The 
McDevit-Long equation provides a better explanation 
of the salt order than the older electrostatic theories.4 
The equation, however, applies only to nonpolar solutes 
and even for such solutes it predicts ks values which are 
much larger than experimental values. Subsequent 
research on salt effects has continued to emphasize their 
complexity.5

In our previous work,2 although the McDevit-Long 
equation was cited to provide the rationale for the 
assumed additivity of the salting-out coefficients of the 
hydrocarbon chains of the surfactant monomers, the 
additivity relation actually used was derived as an em­
pirical relation based on the experimental data of 
Morrison and Billet.6 This empirical relation is in no 
way dependent on the McDevit-Long equation.

The important assumption in the previous work that 
Gordon focuses attention on is that the salt effect on 
the micelle is mainly due to the effect on the hydrophilic 
head groups which are exposed to water; i . e . ,  the effect 
on the hydrocarbon portion of the micelle is small when 
compared with the combined effect on the hydrocarbon 
moiety of the constituent monomers. If the McDevit-

(1) J. E . G ordon , J. Phys. Chem., 74, 3823 (1970).
(2) P . M ukerjee , ibid., 69 , 4038 (1965).
(3) P . M ukerjee , Advan. Colloid Interface Sci., 1, 241 (1967).
(4) W . F . M cD e v it  and F . A . L ong, J. Amer. Chem. Soc., 74 , 1773 
(1952); F . A . L o n g  and W . F . M cD e v it , Chem. Rev., 51 , 119 (1 952).
(5) B . E . C onw ay, J. E . D esnoyers, and A . C . Sm ith , Phil. Trans. 
Roy. Soc. London, 256, 389 (1964); W . L . M asterton  and  T .  P  Lee, 
J. Phys. Chem., 74 , 1776 (1970).
(6) T . J . M orrison  and F . B illet, J. Chem. Soc., 3819 (1952).
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Long equation is applied without modification, the 
salting-out of the micellar hydrocarbon core may actu­
ally overcompensate for the salting-out of the hydro­
carbon portion of the free monomers. 1 The assumption 
above thus seems to be incompatible with the McDevit- 
Long theory.

In defense of the above assumption, as also the 
McDevit-Long theory, it must be emphasized that the 
surface of the micelle is essentially hydrophilic or polar7 

and, therefore, the McDevit-Long equation cannot be 
applied without modification. Thus, the fact that the 
polar mannitol, in spite of having a hydrocarbon frame­
work, is actually salted-in very slightly8 by sodium 
chloride cannot be held against the McDevit-Long 
theory. Theories of salt effects on polar molecules are 
unsatisfactory. For the micelles, comparisons with 
proteins should be relevant. The fcs values for pro­
teins9 are usually higher than those for small nonpolar 
solutes such as benzene, but they are very much less 
than what would be expected from volume ratios by 
using the McDevit-Long equation. Fibrinogen, for 
example, with a molecular weight of 330,000,10 has a ks 
value in NaCl solution of 1.079 compared to the value of 
0.195 for benzene.4 The fc3 value of fibrinogen calcu­
lated from that of benzene using the volume ratio is 
about 500. Thus, empirically, to the extent the 
micellar core with its immediately adjacent protective 
polar groups can be compared with a compact protein 
molecule, both containing a distribution of polar and 
nonpolar groups at the surface, the salt effect on the hy­
drocarbon part of the micelle with its polar sheath is ex­
pected to be small when compared to the combined 
effect on the hydrocarbon part of the monomers. This, 
of course, means that the separate accounting of the fc3 
values for the polar and nonpolar parts of micellized 
monomers, as also for free monomers, on the basis of 
an additivity relationship,2 can only be approximate.

Even if the McDevit-Long theory is literally applied, 
assuming that in its interaction with salt solutions the 
micellar hydrocarbon behaves like the hydrocarbon 
chains of the monomers, the above assumption still 
appears to be reasonably justified. McDevit and Long4 
stated quite clearly that their limiting equation is ex­
pected to apply only to very small nonpolar solutes and 
they ascribed the difference between the high ks values 
predicted for benzene and low values observed to the 
finite size of benzene. For spherical solutes, they sug­
gested that the theoretical ks value should be reduced 
by roughly the factor of a/(a +  b) when a is an ionic 
radius and b the radius of the nonpolar solute. As the 
micelle radius is much larger than the thickness of the 
monomeric hydrocarbon chains, this factor alone would 
reduce the fcs value of the micelle very considerably. 
The a/(a  +  b) correction factor, or similar factors appli­
cable to nonspherical solutes, suggest that ks may not 
be proportional to Vi for large solutes. The rough pro­
portionality that is observed experimentally for ordi­

nary nonpolar solutes such as aliphatic and aromatic hy­
drocarbons2'11 may be cue in part to the fact that these 
hydrocarbons have similar thicknesses and, therefore, 
similar distances of closest approach for ions, and similar 
values of the effective correction factors. It is thus 
felt that the assumption of a low ks value for the hydro­
carbon part of the micelle, when compared to the com­
bined fcs values for the constituent monomers in their 
unmicellized form, is Doth theoretically and empiri­
cally justified.

As regards the two-phase model favored by Gordon, 1 
it is certainly curious that the model leads to similar pre­
dictions for octyl glucDside and alkyl betaines when 
compared to the mass-action model. This agreement 
appears to be fortuitous, however. The two models 
give very different results for alkyl polyoxyethylene 
type surfactants. Polyoxyethylenes (polyethylene gly­
cols) are known to exhibit strong salt effects. 12 The dif­
ference between the two models can be shown by numer­
ical calculations for a typical system, a branched nonyl- 
benzene (EO)so, where EO stands for an oxyethylene 
group. For this surfactant, the salt effect constant, 
km, in the equation log cmc = constant — kmC s , 2 
has been estimated tc be 0.342 from the variation 
of the cmc in NaCl solutions. 13 The fcs value for 
nonyl benzene itself, estimated from the value of 0.195 
for benzene4 and 0.032 for each CH2 group,2 is 0.45. 
For the oxyethylene groups, the fcs value must include 
the values for the CH2 groups as also the ether oxygens. 
The fcs value estimated from the solubilities of diethyl 
ether in NaCl solutions14 is 0.31 at 25°. When com­
pared to the value of 0 .2 2  for butane,6 it is clear that the 
ether oxygen is salted-out with a fcs coefficient of about 
0.09, if an additivity relation is employed. For (EO)So, 
the calculated fcs for the 100 CH2 groups alone is 3.2, 
even if the salting-out of the ether oxygen is ignored. 
The combined fcs value for the monomer should thus 
exceed 4. The two-phase model thus predicts a fcm- 
value of more than 4 as compared to the experimental 
value of 0.34. The mass-action approach, on the other 
hand, allows for the cancellation of the salting-out of the 
oxyethylene groups of the monomers and the micelle.2 
If the cancellation is exact, the predicted fcm value (0.34) 
should be the same as the fcs value for the nonyl-phenyl

(7) A  m icelle m ay be appropriately  described  as “ an o il d rop  w ith  a 
polar coa t ,”  a  descrip tion  used for  com p a ct  p rotein  m olecu les b y  E ric 
R idea l and Irv in g  Langm uir- a ccord ing  to  D . A . Phillips, Sci. Amer., 
215, 78 (1966).
(8) E . J . K elly , R . A . R o b irso n , and R . H . Stokes, J. Phys. Chem., 
65, 1958 (1961).
(9) J. T . E dsall and J. W ym an , “ B ioph ysica l C hem istry ,”  A cadem ic 
Press, N ew  Y ork , N . Y ., 1958, V o l. 1, p  274.
(10) C . T an ford , “ P hysical C hem istry  o f M acrom olecu les ,”  W iley , 
N ew  Y ork , N . Y „  1961, p  381.
(11) N . C . D en o  and C . H . Spink, J. Phys. Chem., 67 , 1347 (1 963).
(12) F . E . B ailey , Jr., and R . W . Callard, J. Appl. Polym. Sci., 1, 
56 (1959).
(13) M . J. Schick, / .  Colloid Sci., 17, 801 (1962).
(14) P . C . L . T horne, J. Chem. Soc., 119, 262 (1921).
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group, the estimated kB for nonyl benzene being 0.45. 
Because of the approximate nature of the additivity 
relationships employed, and the lack of information on 
how complete the cancellation of the salt effects on the 
oxyethylene groups are, exact agreements are not to be 
expected. The mass-action model, however, is clearly 
superior to the two-phase model. The experimental 
fact that km values for the polyoxyethylene type surfac­
tants tend to be independent of the EO chain length13'15 
also argues against the two-phase model and suggests 
that the cancellation of the EO chain effects in the salt 
effects on the cmc is a good approximation in the mass- 
action model.

To summarize, although the two-phase and the mass- 
action models give similar results for the salt effects on 
the erne’s of octyl glucoside and alkyl betaines, 1 the 
salt effects on polyoxyethylene type nonionic surfac­
tants are in poor accord with the two-phase model of 
micelle formation, various arguments against which 
have been summarized elsewhere.3 The mass-action 
model, as used earlier,2 appears to be better.

(15) F . B echer, J. Colloid Sci., 17, 325 (1962).

Evaluation of the Basicity of Methyl 

Substituted Nitroguanidines by Ultraviolet 

and Nuclear Magnetic Resonance Spectroscopy

by E. Price, L. S. Person, Y. D. Teklu,

Department of Chemistry, Howard University,
Washington, D. C. 20001

and A. S. Tompa

Applied Science Department, U. S. Naval Ordnance Station, 
Indian Head, Maryland 2064-0 (Received May 6, 1970)

The position of protonation of 1,1,3,3-tetramethyl-
2-nitroguanidine (TMNG) in strong acid has been 
shown to occur primarily at the dimethylamino site, b. 1 
Lockhart, 2 however, has presented evidence that proto-

H3C "  I
CH3 c h 3

TMNG

N '
„NO,

H— N N— CH3I I 3 
H CH3

DMNG

N '
-NO,

H N N - C H 3 
H H 

MNG

nation occurs primarily at the nitrimino site, a, in other 
methyl nitroguanidines such as l-methyl-2 -nitroguani- 
dine (MNG) and l,l-dimethyl-2-nitroguanidine (DM­
NG). The evidence presented to support protonation 
at the amino site for TMNG and at the nitrimino site 
for MNG and DMNG was based on the proton mag­
netic resonance spectra of these compounds in concen­
trated nitric, sulfuric, and hydrochloric acids. In very 
concentrated acid media, it has also been assumed that 
these compounds are likely to be diprotonated and that 
denitration occurs under these conditions.

A mechanism for denitration has been suggested.3'4
H +  H  +
fast fast slow

P ^  PH+ L—  p h 2++ GH+ +  n o 2+
(G guanidine, P nitroguanidine) . 4 However, the ques­
tion as to where the first proton adds to the nitroguani­
dine seems to depend on the type of nitroguanidine and 
the number of different basic sites in the molecule. For 
nitroguanidine and symmetrically substituted nitro­
guanidines, we are limited to only two basic sites exclud­
ing the nitro group whereas in unsymmetrically sub­
stituted nitroguanidines there are three basic sites. 
How these basic sites are influenced by methyl substi­
tution and their contributions to the pAa of MNG and 
DMNG have been discussed by Bonner and Lockhart.6 
However, the pK & and the effect of methyl substitution 
were not reported for TMNG and 1,3-dimethylnitro- 
guanidine. Now we wish to report the pK & value of 
TMNG and to further discuss the effect of methyl sub­
stitution on the basicity of nitroguanidines.

The pAa value of TMNG was determined in concen­
trated sulfuric acid solutions from ultraviolet absorp­
tion data. TMNG in water absorbed at 265 mg and 
followed Beer’s law. Upon the addition of TMNG of a 
definite concentration to sulfuric acid solutions of con­
centrations ranging from 1 to 29%, the absorption band 
at 265 mg decreased to a minimum value and remained 
constant upon increasing the sulfuric acid concentration 
from 30 to 69%. For sulfuric acid concentrations 
above 69%, the absorption band decreased rapidly.6 
The absorbance values at 265 mg for solutions of TM­
NG in 15 to 61% sulfuric acid were unchanged after 
three weeks,8 and the wavelength was free of medium 
effects in the pAa region. We also wish to point out that

(1) E . Price, R . D . B are foot, A . S . T om p a , and J. U . L ow e , Jr., 
J. Phys. Chem., 71, 1608 (1967).
(2) J. C . L ock h art, J. Chem. Soc. B, 1174 (1966).
(3) M . L . H a rd y -K le in , J. Chem. Soc., 70 (1957).
(4) R . J. S im kins and G . W illiam s, ibid., 3086 (1952) ; 1386 (1953).
(5) T .  G . B onn er and J. C . L ock h art, ibid., 3858 (1958).
(6) A ll spectral m easurem ents w ere carried o u t  v e r y  rap id ly  on  
fresh ly  prepared  solu tion s (10 ~5 M ). T h ese  solu tion s w ere p rep ared  
b y  m ixing a su itable qu an tity  o f  T M N G  in w ater w ith  10 to  9 0 %  
su lfuric acid  solu tions. T h e  procedures w ere sim ilar t o  th ose  de­
scribed  b y  A rn ett and W u .7
(7) E . M . A rn ett and C . Y . W u , J. Amer. Chem. Soc., 82 , 5660 
(1960).

(8) I t  has been reported  th at n itroguanidines d o  n o t  begin  to  ap­
p reciab ly  den itrate until the  acid  con cen tra tion  is a b o v e  7 0 % .3
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no absorption band appeared in the region around 225 
m/i on increasing the sulfuric acid concentration. A 
broad band has been reported to occur at 225 mfi for 
other nitroguanidines and has been attributed to pro­
tonation at the nitrimino site a.5

The method of Arnett and Wu7 was used to calculate 
the pK & value. Since the TMNG molecule contains 
tertiary nitrogen sites, the H 0' "  acidity scale was em­
ployed.9 The pK & value was calculated to be -0.82. 
A significant feature of the dissociation of TMNGH + 
is that the plot of log (BH+)/(B) against H a "  is a 
straight line of unit slope. This result is similar to the 
reported behavior of other nitroguanidines where there 
are both primary and secondary nitrogen sites in the 
same molecule.4

The nmr chemical shift of the N-CH3 resonances of 
aqueous solutions of methyl derivatives of nitroguani- 
dine was reported to be dependent on the acidity of the 
medium. 1 A plot of the chemical shift, 6, of the NC-H3 
resonance vs. H 0 for TMNG in 0-70% HN03 is repre­
sented by a sigmoid curve typical of protonation. 10 
The “pAa” n was determined from the inflection point13 
and found to be —0.75. A summary of the results for 
methyl substituted nitroguanidines are shown in Table 
I. In light of discussions on the use of H 0 and H o " " 3 
and the fact that the solutions must be fairly concen­
trated with respect to the basic substrate under investi­
gation, we only wish to indicate that the trend in 
“pAa” for methyl nitroguanidines (MNG to TMNG) 
obtained by nmr is similar to the trend in pAa’s deter­
mined from ultraviolet measurements.

Table I  : pA a Values for Nitroguanidinium Ions

H,SO( HNOie

l,l,3,3,-Tetramethyl-2- 
nitroguanidinium ion

- 0 .8 2 “ -0 .7 5

l-Methyl-2-nitroguanidinium ion -0 .8 6 3 - 1 . 7
2-Nitroguanidinium ion - O ^
1, l-Dimethyl-2-nitroguanidinium 

ion
- l ^ O 5 - 2 . 1

“ Based on I I o ' "  scale; ultraviolet method. 6 Reference 5,
based on H „  scale; ultraviolet method. 'Based on H o scale; 
nmr method.

Bonner and Lockhart5 reported from their ultraviolet 
measurements that protonation occurs at the nitrimino 
site, a, and that the relative basicities of nitroguanidines 
depend on the resonance stabilization of the ion 
achieved by contributions from such structures as I and 
II.

H,N-

H,N
;c—NH-NO,

I

H2N.
%;C— NH-NO, 

H2N ^
+

n

They also stated that the slight increase in basicity 
(from nitroguanidine to methyl nitroguanidine) pro­

duced by a methyl substitution on the amino nitrogen 
atom is in agreement with the inductive effect of the 
group, but the decrease in basicity (from MNG to 
DMNG) which follows the substitution of a second 
methyl group on the same nitrogen atom is evidence of 
the greater strain involved in attaining the planar con­
figurations in the ground state from resonance struc­
tures of the type I and II. If this be the case, further 
methyl substitution on the other amino nitrogen (e.g ., 
as found in TMNG) should lead to even greater strain 
and nonplanarity in the molecule, and thus produce an 
even weaker base. However, TMNG in this study was 
found to have the highest pK & value (Table I).

We have shown that protonation occurs primarily at 
the amino nitrogen in TMNG and suggested that pro­
tonation also occurs primarily at the amino site in 
DMNG . 1 We believe that the inductive effect of the 
methyl groups and steric inhibition to resonance are 
base strengthening in these compounds. These effects 
also appear to have a greater influence in TMNG than 
in DMNG and MNG. The base, TMNG, seems to be 
unique in that it is symmetrically substituted and has 
only one type of amino site, whereas MNG and DMNG 
have two different amino sites, primary and secondary, 
and primary and tertiary, respectively. In the latter 
two compounds, we believe that the amino site is pro- 
tonated first, but the total basicity of the compounds is 
influenced by the effect of the other amino nitrogen. 
Thus, the effect of methyl substitution on the base 
strength in the guanidine series like that observed in the 
simple aliphatic amines14 is not easily explained.

The symmetrical l,3-dimethyl-2-nitroguanidine has 
not been included in this study because of its low sta­
bility in acid media.3 The unusual stability of TMNG 
in acid media is peculiar. Furthermore, TMNG is 
highly soluble in most solvents ranging from water to 
carbon tetrachloride and melts at 84.5° whereas MNG 
(mp 161-162°) and DMNG (mp 197-198°) are not too 
soluble in most solvents. 16
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Miscibility of Liquid Metals with Salts.

IX. The Pseudobinary Alkali Metal-Metal 

Halide Systems: Cesium Iodide-Sodium, 

Cesium Iodide-Lithium, and Lithium 

Fluoride-Potassium1

by A. S. Dworkin and M. A. Bredig

Chemistry Division, Oak Ridge National Laboratory,
Oak Ridge, Tennessee S7830 (Received May 14, 1970)

We have extended our studies of the miscibility of 
molten salts with metals2 to the pseudobinary sections 
Csl-Na, Csl-Li, and LiF-K of the corresponding ter­
nary systems. Each of the preceding forms the stable 
pair by more than 10  kcal/mol of a corresponding recip­
rocal system, AX +  B = BX +  A.

The purified alkali metals contained less than 0.1% 
impurity. The Csl and LiF were Harshaw optical 
grade crystals. The results shown in Figure 1 were de­
termined by thermal analysis (cooling curves). The 
salts and metals (total charge 50 to 200 mmol) were 
loaded into tantalum capsules (3 in. long, 0.5 in. i.d.) in a 
drybox under a helium atmosphere where the capsules 
were then sealed by welding. Temperatures were mea­
sured with a Pt— Pt-10% Rh thermocouple placed in a 
well extending about V* in. into the capsule from the 
bottom. Rocking the furnace with the capsules in a 
horizontal position permitted mixing of the components 
before each cooling curve was run. The apparatus 
and experimental procedure are described elsewhere3 
in more detail. The decantation technique with which 
a sample of the liquid metal phase in the LiF-K system 
was separated has also been described previously.4

Figure 1  shows that the temperature vs. concentra­
tion phase diagram of the pseudobinary section Csl-Na 
resembles that of the truly binary system Nal-Na ex­
cept for a slightly higher consolute temperature (1115 
vs. 1036°) and a considerably lower solubility of the salt 
in the sodium metal (Wcsi(critical) =  2 2  vs. ANai(crit) 
= 41 mol %). The resemblance is greater when vol­
ume fraction, N ', rather than mole fraction is plotted, 
with molar volumes 100 cm3/mol for Csl, 63 for Nal, 
and 33 for Na metal: A'csi(crit) = 46 and N 'N»i
(crit) =  56vol%.

For the pseudobinary section Csl-Li, a wider misci­
bility gap is indicated. We were unable to find discrete 
points on the cooling curves, although we cooled from 
temperatures as high as 1300°. This implies a very 
steep rise in the equilibrium temperatures on both sides 
of a wide miscibility gap and a high consolute tempera­
ture. The situation is similar to that in the binary Lil- 
Li system.6

Figure 1. Phase diagram of the pseudobinary system C sl-N a  
compared with N a l-N a .

Of particular interest is the comparison of the four 
systems, binary and ternary, Nal-Na and Csl-Na, or 
Lil-Li and Csl-Li, with the binary Csl-Cs system ex­
hibiting no immiscibility at all. This comparison ap­
pears to support Pitzer’s notion6 that the nature of the 
metal, or, more specifically, the energy of converting the 
electronic structure of a real metal into an “ionic” struc­
ture, (“M+e- ” ), i.e. one with localized electrons, is the 
determining factor in metal-salt miscibility. Conver­
sion energies were given as 19 and 18 kcal/mol for 
lithium and sodium, as against 9 for cesium.

Significantly, the results for the third ternary system 
we studied, LiF-K, do not appear to fall in line with this 
theory. Because of the low conversion energy of potas­
sium metal, 10  kcal/mol,6 the theory would predict a 
high degree of miscibility similar to that in K F-K 2 
where the consolute temperature is only 904° and the 
solubility of the salt in the metal is very high (XKF(crit) 
=  80 mol %). In contrast, thermal analysis, as with 
Csl-Li, above, gave a very wide miscibility gap in 
LiF-K, similar to that in LiF-Li,6 and we were unable 
to determine the high consolute temperature. A decan­
tation experiment was run to confirm this finding. A 
mixture containing 73 mol %  K and 27 mol %  LiF was

(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  U n ion  C arb ide  C orporation .
(2) M . A . B redig, “ M ixtures o f  M eta ls  w ith  M o lte n  S a lts”  in  “ M o l­
ten S alt C h em istry ,”  M . B lander, E d ., Interscience, 1694.
(3) J . W. Johnson  and M . A . B redig, J. Phys. Chem., 62, 604 (1958).
(4) M . A . B redig, J . W. Johnson , and W. T. Sm ith, Jr., J. Amer. 
Chem. Soc., 77,307 (1955).
(5) A . S . D w ork in , H . R . B ronstein , and M . A . B redig , J. Phys. 
Chem., 66, 572 (1962).
(6) K . H . P itzer, J .  Amer. Chem. Soc., 84, 2025 (1962).
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held in the decantation capsule4 for several hours at 
940°, during which time the liquids were mixed by 
shaking. The liquid metal phase, of much lower den­
sity, was then decanted, and after cooling analyzed for 
LiF. Only 0.8 mol %  LiF was found, confirming the 
very wide miscibility gap indicated by the thermal anal­
ysis experiments.

These observations indicate the need for a more gen­
eral correlation, beyond the simple theory above, while 
at the same time retaining the notion of an “ionic” 
metal structure. Blander and Topol7 have derived an 
approximate relation from conformal ionic solution 
theory to predict immiscibility gaps in simple reciprocal 
(ternary) systems of salts containing the monovalent 
cations A+ and B+ and anions C~ and D~.

T 0 =  (A G °/5.5R ) +  (Xj2 +  X24 +  X13 +  X34) /1 1̂ 2 (1)

Here T (, is the consolute temperature, AG ° is the stan­
dard molar Gibbs free energy change for the metatheti- 
cal reaction

AC(1) +  BD(1) = AD(1) +  BC(1) (2)

and X is an energy of mixing parameter depending solely 
on the properties of the four binary systems. X is fur­
ther defined as

X12 =  AGub/ X aX b (3a)

X13 =  AG13e/ M d, etc. (3b)

where A(?ijE is the excess free energy of mixing in the 
binary mixture of the salts i and j where AD is salt 1, 
BD is 2 , AC is 3, and BC is 4 and the X ’s are Temkin ion 
fractions. (The same symbols are used here as in ref
7.) In our cases, for instance

LiF +  K ^  Li +  KF (4)

we have two binary salt-metal systems, LiF-Li and 
KF-K, one binary salt system, LiF-KF, and one binary 
metal system, Li-K. Here, Li is 1, K is 2, LiF is 3, and 
KF is 4, and the same numbering system is used for eq 5 
and 6 below. All the X values for the binary systems 
necessary for a quantitative treatment are not available 
at present. However, we may attempt an explanation 
of the high T e found in the ternary LiF-K system from 
a qualitative consideration of the terms in eq 1  even 
though this equation was derived for the somewhat dif­
ferent systems of molten salt mixtures.

We find that AG ° is similar for all three systems, 
12 to 13 kcal/mol, the lower value applying to

Csl +  Na ^  Cs +  Nal (5)

Csl +  Li ^  Cs +  Lil (6)
However, the X terms for the binary systems involved 
should differ greatly, since X is more positive the greater 
the positive deviation from ideality and the tendency to 
demixing. We know2 that miscibility in the LiF-Li

and Lil-Li systems is much smaller than in Nal-Na, 
and much smaller in KF-K than in the Csl-Cs system 
in which a miscibility gap does not occur at all. Simi­
larly, miscibility in the binary metal systems Li-K and 
Li-Cs is smaller than in Na-Cs. Thus both the and 
X24 terms are larger for eq 6 than for 5 while X12, X24, and 
Xw are larger for eq 4 than for 5. The second term in 
eq 1 and, therefore, the consolute temperature, T c, 
should then be highest for the LiF-K system and lowest 
for the Csl-Na system, n essential agreement with the 
experimental results.

It should be noted that the X terms for the salt-metal 
systems include the energy of converting the electronic 
structure of a real metal into an ionic structure. Use of 
the conformal ionic solution theory is then an extension 
of our earlier approach in that it considers the energies 
involved in all four binary systems rather than the con­
version energy of just one metal per system.

(7) M . B lander and L . E . T o p c l, Inorg. Chem., 5 ,1 6 4 1  (1966).

Reactivity of the Cyclohexane Ionu

by L. W. Sieck, S. K. S3arles,lb R. E. Rebbert, 
and P. Auslooslc

Radiation Chemistry Section, National Bureau of Standards, 
Washington, D. C. 20234 (Received May 18, 1970)

In a number of gas phase and liquid phase radiolysis 
and photoionization studies, the identity and yields of 
ions which were not known to undergo any fast reac­
tions in the pure parent compound were determined by 
adding to the system some foreign compound with which 
the ion in question could undergo reaction to give a 
distinctive product.2 For example, it has been shown3 
that the cyclohexane parent ion will react with added 
f-C4D8 to form isobutane-d8-

c-C6H12+ +  f-C4Dg — ► (CD3)2CHCD2H +  C6H10+ (1)

However, in the case of cyclohexane, it has recently 
been suggested4 that reaction between the parent ion 
and the cyclohexane molecule

c-C6Hi2+ +  c-C6Hi2 — >- products (2 )

which has generally beer, assumed to be very slow, may 
effectively compete with fast reactions between the

(1) (a) T h is  research w as supported  b y  th e  A to m ic  E nergy  C om m is­
sion ; (b) N R C -N B S  R esearch  A ssociate  19 68-1 970 ; (c) to  w hom
correspondence should  be addressed.
(2) (a) F or  a  review  o f rad iolyris studies, see “ F undam enta l P rocesses 
in  R ad ia tion  C h em istry ,”  P . A usloos, E d ., In terscience Publishers, 
N ew  Y o rk , N . Y ., 1968; (b ) P . Ausloos, Progr. Read. Kinet., S, 113 
(1970).
(3) P . A usloos and S. G . L ias, / .  Chem. Phys., 43 , 127 (1965).
(4) S. W exler  and L . G . P o b o , / .  Amer. Chem. Soc., 9 1 ,7233 (1969).
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parent ion and added interceptors. In fact, it was 
suggested that reaction 2  might account for a major 
portion of the product formation in irradiated cyclo­
hexane. Because no quantitative information was 
available on the rate of reaction 2  compared to the 
rates of the other reactions with which it may be com­
peting, we considered it important to determine the 
rate of reaction 2  to ascertain the extent to which this 
reaction may contribute to product formation in the 
radiolysis of cyclohexane. We here report the results 
of such a determination. As the reader will see below, 
the work described here is actually an illustration of the 
difficulties involved in studying very slow ion-molecule 
reactions.

Two techniques were utilized to determine the rate of 
reaction 2 — or, more correctly, to determine the upper 
limit of the rate of reaction 2 —kinetic mass spectrom­
etry and an analysis of the yields of products formed in 
reactions of the parent cyclohexane ion with varying 
amounts of reactive added compounds.

Cyclohexane (I.P. 9.88 eV) was irradiated with 106.7- 
nm (11.6-eV) photons in the mass spectrometer de­
scribed previously.5 The yields of all observed ions 
are shown as a function of pressure in Figure 1. At 
this energy, some fragmentation of the parent ion 
occurs, yielding mainly C5H9+ and C4H8+.

c-C6H12+ C6H9+ +  CH3 (3)

c-C6H12+ — > C4H8+ +  C2H4 (4)

The gradual drop in the C6H9+ yield with pressure can 
probably be attributed to the quenching of fragmenta­
tion process 3; since no product could be detected 
which has C6H9+ as precursor, it may be assumed that 
this ion does not react with cyclohexane. The C4H8+ 
ion is known6 to react to give C6Hi0+ as a product ion.

C4H8+ +  c-C6Hi2 C4H10 +  C6H10+ (5)

At pressures below about 80 mTorr, the parent ion yield 
increases slightly as a function of pressure, due to col- 
lisional quenching of the fragmentation processes 3 and
4. Reaction of C6Hi2+ to form C7-C 11 ions was de­
tected at higher pressures, resulting in a reduction in 
the observed yield of C6Hi2+ at 0.4 Torr to 45% of its 
maximum value. Taking into account the increase in 
residence time with pressure under diffusive flow condi­
tions, a maximum rate constant for disappearance of 
C6Hi2+ of 2 X 10~ 13 cm3/molecule-sec was derived 
from these results. This value is necessarily an upper 
limit for the rate of reaction 2  since a variety of neutral 
products will be generated during the irradiation of the 
cyclohexane in the ion source of the mass spectrometer. 
It would be very difficult to distinguish between a rapid 
reaction of the C6Hi2+ ion with one of these products 
and a slow reaction of the ion with cyclohexane itself. 
In fact, the presence in thè ion source of 0.02% of a 
foreign compound with which the cyclohexane ion reacts 
with a rate constant of 1 0 -9  cm3/molecule-sec would

Figure 1. Yields of ions formed in cyclohexane and 
cyclohexane-isobutene (1:0.00067) mixtures (curves A and B) 
irradiated at various pressures with 106.7-nm (11.6 eV) photons.

result in an identical reduction in the observed yield of 
C6H12+.

Such an effect of a small amount of reactivity im­
purity on the parent ion yield is shown by curve A 
(Figure 1), which represents the parent ion yield as a 
function of pressure when 0.07% isobutene is present. 
Curve B represents the yield of the C6Hi0+ ion formed 
in reaction 1 .

In the closed systems photolysis of cyclohexane- 
isobutene (1:0.01) mixtures with 10.0 or 11.6-11.8-eV 
photons, at pressures high enough that fragmentation 
processes 3 and 4 are completely quenched7 (10 Torr), 
the yield of isobutane formed in reaction 1  is equal to 
the yield of parent ions. In order to determine the 
upper limit of reaction 2  as a competing process, ex­
periments were performed in which cyclohexane was 
irradiated in the presence of very low concentrations 
of added isobutene. In the 7  radiolysis of cyclohexane 
at a pressure of 50 Torr, the observed yield of isobutane 
was constant (0.4 molecule of isobutane per positive 
ion formed in the system) from 3% down to 0.01% 
added isobutene. At lower concentrations, the yield 
diminishes as the isobutene concentration is lowered. 
(At 0.004% isobutene, 0.3 isobutane molecule is formed 
per positive ion.) Assuming that the reduction in the 
yield of isobutane at very low isobutene concentration 
can be traced entirely to the competition from reaction 
2, one can estimate that <  5 X 10~ 14 cm3/molecule-

(5) L . W . Sieck, S. K . Searles, and P . A usloos, J ■ Amer. Chem. Soc., 
9 1 , 7627 (1969).

(6) F . A bram son  and J. Futrell, J. Phys. Chem.., 71 , 3791 (1967).
(7) P . A usloos, R . E . R ebbert, and S. G . L ias, ibid., 72 , 3904 (1968).
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sec. The actual rate constant for reaction 2  is probably 
lower than this, since at these low concentrations of ad­
ditive, olefinic products formed in the radiolysis or the 
impurities in the starting material (impurity level =  
0.007% ±  0.004%) can compete with the additive for 
reaction with the parent ion.

The results presented here illustrate that irradiation 
experiments utilizing neutral product analyses are well 
suited to the determination of upper limits of reaction 
rates of very slow reactions. This is so because the 
sample size can be large, and the accumulation of in­
terfering neutral products can be reduced to whatever 
limit analytical techniques allow by decreasing the 
irradiation time.

It should be pointed out that the results reported 
here are not essentially in disagreement with those of 
the earlier study4 in which the disappearance of C6Hi2+ 
via reaction 2  was suggested, even though the mass 
spectrometric results reported in that investigation 
show a slightly more drastic reduction of the C6Hi2+ 
ion with increasing pressure than do the results given in 
Figure 1. This difference can probably be accounted 
for by the longer reaction path length in the instrument 
used in that investigation. It is highly unlikely that 
the proton beam used in that instrument leads to the 
formation of C6H12+ ions which are in higher excited 
states than those formed here by photon absorption, 
and which, therefore, are more reactive. In the first 
place, the results indicate that the ions undergo many 
collisions before reacting, so that an excited ion would, 
at any rate, be deacivated before undergoing reaction. 
Secondly, if indeed such excited reactive ions did exist, 
they would have been detected in the y-radiolytic 
experiments reported here.

According to the results presented here, the rate of 
reaction 2  is at least 1 0 5 times slower than reactions of 
cyclohexane ions with lower olefins.8 In view of this 
fact, we can conclude that it is extremely unlikely that 
reaction 2  makes a significant contribution to product 
formation in the radiolysis of cyclohexane, either in the 
presence or absence of additives, since even reaction 
with small amounts of accumulated products would 
compete effectively with such a reaction.

(8) L . W . S ieck  and S. K . Searles, J. Amer. Chem. Soc., 92, 2937 
(1970).

Mechanism of Ethylene Hydrogenation 
on Tungsten Trioxide

by S. J. Tauster and J. H. Sinfelt

Corporate Research Laboratories,
Esso Research and Engineering Company,
Linden, New Jersey 07036 (Received June l t 1970)

An important mechanistic question in the catalytic 
hydrogenation of ethylene is the form of hydrogen, i.e .,

atomic or molecular, winch participates in the reaction. 
We have carried out some experiments using W 03 as a 
catalyst which suggest that the reaction may occur 
without involvement of rydrogen atoms on the surface. 
In the use of W 0 3 as a catalyst, one has a simple indica­
tor for the presence of hydrogen atoms, since the W 03 
undergoes a color change from yellow to blue on contact 
with hydrogen atoms at temperatures where molecular 
hydrogen has no effect, 1 i.e ., lower than about 400°. 
The blue form of W 03 produced on reduction of the 
oxide may be represented by the general formula H -̂ 
W 03, which is a hydrogen analog of the tungsten 
bronzes. 2 The failure o? molecular hydrogen to reduce 
W 0 3 at temperatures lower than about 400° is taken as 
evidence that hydrogen molecules are not dissociatively 
chemisorbed to form hy irogen atoms on the surface of 
the oxide. Since chemisorbed hydrogen atoms are of­
ten hypothesized to be intermediates in the catalytic 
hydrogenation of ethyle ic, it seemed interesting to de­
termine whether or not W0 3 catalyzed the reaction un­
der conditions where no 3olor change would be expected 
on contact of the oxide with molecular hydrogen, i.e ., 
where hydrogen atoms would not be expected to form 
on the surface.

The experiments were conducted in a 3-cm diameter 
horizontal quartz tube about 50 cm in length. A 30-g 
charge of W 03 was employed. It was located in the 
central part of the tube, consisting of a section about 6 
cm long, and was held in place by quartz wool packed on 
either side of the W 03. The entire tube was placed in 
a horizontal muffle furr ace which could be opened at 
any time to permit visual observation of the W 03. An 
iron-constantan thermo louple positioned in the center 
of the bed was employed for temperature measurement. 
Capillary type flowmeters were used for the measure­
ment of hydrogen and ethylene flow rates. Samples of 
the reactor effluent were periodically analyzed in a chro­
matographic unit containing a silica gel column. The 
W 0 3 employed in this work was obtained from Sylvania 
Chemical and Metallurgical Division, Towanda, Pa., 
and is identified as grade TO-2, Lot No. WO 104B. Pu­
rity is claimed to be 99.98% or higher by the supplier. 
The surface area was 3.0 m2/g, as determined by the BET 
method. After the WC3 was charged to the reactor, it 
was heated in flowing helium to reaction temperature 
over a 2 -hr period prior to the catalytic studies.

In a run at 250° and 1 atm total pressure, ethylene 
and hydrogen flow rates of 5 and 25 l./hr, respectively, 
were used. Hydrogenation of ethylene to ethane oc­
curred readily at these sonditions. The conversion of 
ethylene to ethane was 25%, a value which was main­
tained over a period of 22 hr. This corresponds to a 
reaction rate of approximately 1 0 13 molecules/sec cm2

(1) H . W . M elv ille  and J. C . R o b b , Proc. Roy. Soc. (London) Ser. 
A, 19 6 ,4 4 5  (1949).
(2) O . G lem ser and C . N au :nan , Z. Anorg. Allg. Chem., 265, 288 
(1951).
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occurring during this period. During this extended 
period of substantial ethylene hydrogenation on the 
W 03, there was no evidence of a change in color from the 
original yellow characteristic of unreduced W 03. Simi­
lar behavior was observed in several other runs of 
shorter duration. Some difficulty was experienced in 
obtaining the same level of catalytic activity on differ­
ent samples of W 03. However, in none of the experi­
ments, conducted at temperatures ranging from 125 to 
250°, was a change in color of the W 0 3 detected as a re­
sult of the ethylene hydrogenation reaction. Data on 
the dependence of the hydrogenation rate on hydrogen 
pressure showed the reaction to be first order in hydro­
gen. Limited data on the dependence of the rate on 
ethylene pressure indicate that the order in ethylene is 
between zero and one, which implies an intermediate 
degree of coverage of the active sites by ethylene. The 
surface coverage would, of course, be expected to vary 
with temperature, being lowest at the highest tempera­
tures studied.

It has been demonstrated clearly by Melville and 
Robb1 that the “blueing” of W 03 or Mo03 is a very 
sensitive method for detecting hydrogen atoms in a sys­
tem in which a gas phase reaction between ethylene and 
hydrogen atoms occurs. This indicates that the “blue­
ing” reaction competes satisfactorily with the addition 
of hydrogen atoms to ethylene. One might then rea­
sonably expect that the formation of tungsten blue 
would have been observed in the present work if hydro­
gen atoms were involved in the reaction. The very 
rapid formation of tungsten blue from yellow W 03 has 
been demonstrated recently by several investigators 
who employed various forms of platinum to activate 
molecular hydrogen in experiments with mixtures of 
platinum and W 03.3-6 In considering the experimental 
conditions of Melville and Robb, it is to be noted that 
the ethylene partial pressures were lower by two orders 
of magnitude than those employed in the present work. 
However, the Melville and Robb experiments were done 
at room temperature, which is much lower than the tem­
peratures employed in the current investigation. Con­
sequently, the coverage of the W 03 surface by ethylene 
may not have been greatly different in the two investi­
gations, since the effect of temperature should largely 
compensate for the effect of ethylene pressure on surface 
coverage.

As a consequence of the present work, it is suggested 
that the ethylene hydrogenation reaction on W 0 3 does 
not involve adsorbed hydrogen atoms as intermediates, 
based on the absence of a color change from yellow to 
blue at the surface of the oxide. It is therefore pro­
posed that the hydrogenation of ethylene on W 03 in­
volves hydrogen molecules, rather than adsorbed hydro­
gen atoms. The simplest reaction scheme would ap­
pear to be one in which the reaction occurs via collision 
of hydrogen molecules from the gas phase with adsorbed 
ethylene, involving a direct addition of a hydrogen

molecule to the ethylene double bond. The first-order 
dependence of the reaction rate on hydrogen pressure 
is consistent with such a mechanism.

The mechanism of ethylene hydrogenation on W 03 
suggested in the present work is very simple. It is not 
expected that the proposed mechanism will apply to all 
types of hydrogenation catalysts. In the case of metal 
catalysts, for example, adsorbed hydrogen atoms are in 
all probability involved in the hydrogenation. In any 
case, the simple mechanism envisioned in the present 
work would not readily account for all the varied phe­
nomena encountered in ethylene hydrogenation on 
metals, as exemplified by the many results of experi­
ments with deuterium.6’7

(3) S. K h oobiar, J. Phys. Chem., 68, 411 (1964).
(4) H . W . K o h n  and M . Boudarfc, Science, 1 4 5 ,1 4 9  (1 964).
(5) J . E . B enson , H . W . K oh n , and M . B oud art, J. Catal., 5 , 307 
(1966).
(6) J . T u rk ev ich , D . 0 .  Schissler, and P . Irsa, J. Phys. Colloid Chem., 
5 5 ,1 0 7 8  (1951).
(7) C . Kem baJl, J. Chem. Soc. (London), 735 (1956).

Time-Dependent Adsorption of Water Vapor 

on Pristine Vycor Fiber

by Victor R. Deitz and Noel H. Turner

Naval Research Laboratory,
Washington, D. C. 20890 (.Received June 15, 1970)

The dehydration and rehydration of many silica pow­
ders have been studied and the results have many simi­
larities and some differences. 1 -3  In all of these cases 
the samples had been subjected to specified pretreat­
ments entailing liquid water.4 This note is concerned 
with the interaction of water vapor with a pristine fiber 
drawn from a melt of nonporous Vycor in a tungsten 
crucible at 2050°. The preparation of the fiber (con­
ducted in an argon atmosphere) is similar to that re­
ported for E-glass.8 The rates of water vapor adsorp­
tion were determined at surface coverages of less than a 
monolayer and at contact times up to 4000 min. The 
term “pristine” is used to define one very important 
aspect in the pretreatment of the Vycor fiber, namely, 
that it had never been exposed to an aqueous media.

(1) R . K . Iler, “ T h e  C ollo id  C hem istry  o f  S ilica  and S ilica tes,”  
C ornell U niversity  Press, I th a ca , N . Y . ,  1955.
(2) A . V . K iselev , 10th C olston  S oc . S ym p ., D . H . E v ere tt  and F . 
Stone, B utterw orths, L on d on , 1958, p  236.
(3) M . F o lm a n  and D . J. C . Y ates, Trans. Faraday Soc., 54 , 429 
(1958).

(4) J . H . D e B o e r  and J. M . Vleeskens, Proc. Kon. Ned. Akad. 
Wetensch., Ser. B., 6 1 ,2  (1958).
(5 ) V . R . D eitz, and N . H . Turner, "S y m p osiu m  o f  S u rfa ce  A rea  
D eterm in a tion ,”  U n iversity  o f  B risto l, Ju ly  16 -18 , 1969.
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Figure 1. Pressure decrements in the adsorption of water 
vapor on Vycor fiber at 100° for the indicated number of 
doses, each being 9.769 ¿¿mol of H 20 .

The latter is known to modify silica surfaces to varying 
extents. 1

The sample of Vycor fiber (58.731) had a BET 
krypton area of 4.3 m2 per sample (20.4 A 2 per adsorbed 
Kr atom6). The geometrical area calculated from the 
weight, length, and density of the Vycor fiber was 4.2 
m2. Hence, the Vycor fiber is essentially nonporous 
and not rough.

After outgassing of the sample at 300° before each 
experiment for a period of at least 16 hr, the adsorption 
of water vapor was determined at 60, 80, 10 0 , and 1 2 0 °. 
Figure 1  illustrates the pressure decrease for water vapor 
adsorption at 10 0 ° in a fixed volume as a function of 

■ time. A cold finger, containing a precisely known 
quantity of water vapor, was heated rapidly from 
—196° to room temperature to start the reaction. The 
four curves in Figure 1 (16, 8 , 6, and 4) correspond to 
the introduction of the indicated number of doses of 
water vapor, each dose being 9.769 ¿¿mol of H20. Good
reproducibility was obtained and there was no depen­
dence of the number of doses; this indicates that the out- 
gassing at 300° before each introduction of water vapor

Figure 2. Adsorption of water vapor plotted as isochrones 
(designations in minutes) using the data of Figure 1.

was adequate for dehydrating the surface of the Vycor 
fiber. Independent experiments have shown that out- 
gassing at 500° gave the same adsorption data at 120° 
as the data obtained after a 300° outgassing.

The strong dependence on contact time is the new 
feature of these observations. Obviously, the repro­
ducibility of water vapor studies among different inves­
tigators should depend upon this new parameter. The 
reaction is indeed a memory process, where time zero is 
the initial contact of the fiber with the water vapor.

The data of Figure 1  permit the determination of 
pressure at any specified time interval when a smooth 
curve is drawn between the observed points. The cor­
responding adsorption, corrected for wall adsorption, 
may then be presented by a series of isochrones. Figure 
2  gives the isochronal adsorption isotherms (1 0 , 10 0 , 
300, 500, 1000, 2000, and 3000 min) of water vapor on 
the Vycor fiber at 100°. Each isochronal isotherm fol-

n t,T =  k t,Tp  +  i , ,T (1 )

lows a linear behavior where n t,T is the amount ad­
sorbed, p  the pressure, k t,T the slope and i , ,T the inter­
cept on the n t,T axis; the subscripts t and T  designate 
the time and temperature, respectively.

The magnitudes of temperature and pressure were 
selected in order to realize a fractional surface coverage 
by water molecules. Since the Vycor formulation is 
mainly silica, it is proposed that the elementary mech­
anism consists of two consecutive reactions: (I) a
chemisorption process to break the Si-O- -Si bonds in
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the strained surface networks, and to form SiOH groups; 
(II) the subsequent physical adsorption of water vapor 
to the reaction products on the surface, mainly the -Si­
OH groups. The increasing values of i , ,T for the iso­
chrones of Figure 2 are ascribed to the chemisorption 
process. In order to attain 100% geminal formation, 
=SI(OH)j, in an octohedral face of d-cristobalite, it is 
necessary to chemisorb 8.04 /¿mol of water vapor/m2 or
34.5 /¿mol per above sample of Yycor fiber. Adsorption 
above this magnitude is attributed to the monolayer 
forming on the geminal silanol groups. The limiting 
value for i  has not quite been reached by the 3000-min 
isochrone at 1 2 0 °, the most severe condition so far inves­
tigated. The linear isochronal adsorption isotherms of 
Figure 2 suggest that a simplified behavior is valid for 
the pressure-dependent adsorption that takes place on 
top of the chemisorbed water.

The summation of the energy requirements to break 
one -Si-O-linkage of the silica network, to break one 
H -0  bond in a water molecule, and to form two surface 
Si-OH groups is not large. An estimate, calculated 
from the enthalpies of formation of definite crystalline 
hydrated silicas and that of silica and water vapor, is in 
the range -3.5 to -5.3 kcal per Si-OH group. The cal­
culated isosteric isochronal heats of adsorption are of 
this magnitude.

An indication of time dependency in the water vapor 
silica reaction can be seen in the work of Hockey and 
Pethica.6 These investigators found different adsorp­

tion after 15 min and after 1 hr; however, these contact 
times were too short to bring out the new behavior de­
scribed in this note. The importance of the experimen­
tal procedure employed in the dehydration of silica for 
infrared studies is well established.7'8 It is now equally 
essential to keep a log of the contact time, since the sub­
sequent hydration has now been shown to be a memory 
process. Previous investigations also have been with 
dehydrated “silica-gel” type of surface boundaries. A 
variable amount of surface hydration has been shown to 
be introduced in the procedure for sample prepara­
tion.9' 10 This complication to an understanding of the 
silica-water vapor interaction has been brought out by 
careful heats of immersion measurements. Pristine 
Vycor fiber, and also pristine E-glass fiber, are not sub­
ject to this disturbance. Some processes that add the 
finish to the glass fiber in reinforced composite materials 
are concerned with pristine fiber. Thus, the influence 
of contact time in the adsorption of water vapor may be 
a critical parameter in the adhesion of polymers in glass 
reinforced composite materials.

(6) J. A . H o ck e y  and B . A . P eth ica , Trans. Faraday Soc., 57 , 2247 
(1961).
(7) L . H . L ittle , “ In frared  S pectra  o f A d sorb ed  S pecies,”  A ca d em ic  
Press, N ew  Y ork , N . Y .,  1966.
(8) C . M orterra  and M . J. D . L ow , J. Phys. Chem., 73 , 321 (1969).
(9) W . H . W ade , R . L . E very , and N . H ackerm an, ibid., 64 , 355 
(1960).
(10) A . C . M ak rides and N . H ackerm an, ibid., 63 , 594 (1959).

C O M M U N I C A T I O N S  T O  T H E  E D I T O R

Electron Spin Resonance Spectra of Radicals 

Formed from Nitrogen Dioxide and Olefins

S ir : Some time ago, Schaafsma and Kommandeur 
obtained esr spectra from a range of organic compounds, 
including simple olefins, by reaction with N 02, all of 
which were assigned to charge-transfer complexes. 1

Subsequently, we showed that in the particular case 
of methylmethacrylate, reaction occurred to give a 
nitroxide radical,2 which was identified by comparing 
the liquid- and solid-state esr spectra with those of 
authentic nitroxides. The liquid-phase spectrum taken 
alone would not have provided a convincing identifica­
tion, but together with that from the solid, which is a 
far better “fingerprint” of a nitroxide radical, the 
identification was thought to be sound.

This was part of a more wide-ranging study of re­
actions between NO and N 0 2 and organic materials8 
in which it was shown that both iminoxy radicals and 
nitroxides could be formed. In many cases, identifica­
tions were supported by analysis of detailed hyperfine 
patterns and by comparison with authentic samples. 
Solid-state spectra again supported these identifications.

We therefore thought it probable that several of the 
species detected by Schaafsma and Kommandeur1 
were similar radicals and not charge-transfer complexes, 
but Bielski and Gebicki nevertheless used the charge-

(1) T . J . Schaafsm a and J. K om m and eu r, J. Chem. Phys., 42 , 438
(1 9 6 5 ) .

(2) J. A . M cR a e  and M . C . R . S ym on s, Nature (London), 210, 1259
(1 9 6 6 ) .

(3) W . M . F ox , J . A . M cR a e , and M . C . R . S ym ons, J. Chem. Soc. A, 
1773 (1967).
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transfer complex theory1 to interpert their results for 
solutions of N 0 2 in various unsaturated solvents.4'6 

We have indicated elsewhere that these spectra were 
almost certainly all caused by the formation of ni- 
troxide radicals,6 but Bielski and Gebicki, accepting that 
the species studied by Schaafsma and Kommandeur1 

were correctly identified, argued against this6 and cast 
doubt upon our own identifications.8

In order to test these theories, we chose several of 
their compounds at random and examined the solid 
state spectra; in all instances the spectra were char­
acteristic of nitroxides, typical parameters being A  iso =
12.5 G, A,|(14N) =  33 G, A ±  =  6G, g n = 2.0025 and 
g±  =  2.008o (for cyclohexene at 77°K). A second 
test was to see if the spectra were formed reversibly, 
as required by theory and previously implied. 1 All 
attempts to remove N 0 2 by physical means had no 
effect on the esr spectral intensities.

Very recently, Jonkman, et al.,7 have independently 
drawn the same conclusions. We agree with their 
more detailed arguments against the charge-transfer 
complex theory, and there is no need to repeat them 
here.

Acknowledgm ent. I thank Messrs. J. G. P. Davies 
and A. V. Howard and Mrs. P. Spicer for experimental 
assistance.

Figure 1. Dependence of (7(CeIlr ) on [Cem ] and [HCOOH] 
for reduction of cerium(IV) in air-saturated 4.0 M  sulfuric acid 
induced by 60Co y  radiation. Initial [Ce111] : X , 3.0 X  10-2
M )  m, 1.5 X 1 0 -2 M ; A, 6.0 X  IO - 3 M ; O, 3.0 X  10“ 3 M ;
+  , 1.5 X  10 -3 M ;  □, 6.0 X  lO“ 4 M ;  • ,  3.0 X  10~4 M .
Curves are theoretical and represent least-squares fit of the 
data to eq I.

[Ce111] and [HCOOH], shown in Figure 1, adheres well 
to eql

G(Cein) = ^(Ce111) 0 +  2  (A G oh  +  B G SOt-)/ C  (I)

(4) B . H . J . B ie lsk i and J. M . G ebick i, “ A tla s  o f  esr S p ectra ,”  
A cad em ic  Press, N ew  Y o rk , N . Y .  1967.
(5) B . H . J . B ielsk i and J. M . G ebick i, J. Phys. Chem., 73 , 1402 
(1969).
(6) M . C . R . S ym on s, Nature {London), 217, 689 (1968).
(7) L . Jonkm an, H . M uller, C . K iers, and J. K om m a n d eu r, J. Phys. 
Chem., 74 , 1650 (1970).

D e p a r t m e n t  o f  C h e m is t r y  M . C . R. S y m o n s

T h e  U n iv e r s it y

L e ic e s t e r , L E I  7RH, E n g l a n d

R e c e iv e d  J u n e  11, 1970

Kinetic Evidence that G o h  in the Radiolysis of 
Aqueous Sulfuric and Nitric Acid Solutions 
Is Proportional to Electron Fraction Water1

S ir: The radiolysis of cerium(IV)-cerium(III)-HCO- 
OH mixtures in air-saturated aqueous 0.4 M  sulfuric 
acid with 60Co 7  radiation yielded2 kinetic evidence for 
reaction of OH radical with sulfuric acid to form the 
S04-  radical. This was confirmed by pulse radiolysis 
techniques. 3 We have extended this kinetic study to 
include both 4.0 M  sulfuric acid and 4.0 M  nitric acid 
solutions.

We obtained4 kinetic evidence for primary yields of 
both OH and S04-  radicals in the radiolysis of aqueous
4.0 M  sulfuric acid. The dependence of G (Ce111) on

in which

A  =  1  +  (fc3[Cem ]/fc6 +  fc-i[H20]/fc5 +

h  [HS04~ ]/fc4) /  [HCOOH ]

5  = 1  +  (fc2[Cem ]/& 4 +  Au[ H20]/fc6 +

fci[HS04-]/fc4)/[HCOOH]

C  =
/  fc3[Ceni] +  fc_i[H2Q]\ /
\ +  h  [HCOOH] A

fc2[Cem ] \ fci[HSQ4~] /  
fc4[HCOOH]/ +  fc4[HCOOH] \ +

fc3[Cem ] \ 
h  [HCOOH]/

and Gr(Cein)°, a function of [Ce111], is the value of 
G(CeUI) in the absence of HCOOH. Equation I was 
obtained by the stationary-state hypothesis from the 
following radical reactions induced by the primary 
yields of OH and S04~ radicals.

OH +  HS04-  H20  +  S04-  (1)

OH +  Ceni — >- OH - +  Celv (2 )

S04-  +  Ce111 — ^ S042-  +  CeIV (3)

(1) R esearch  sponsored  b y  the  U . S. A to m ic  E n ergy  C om m ission  
under con tra ct w ith  U nion  C arb id e  C orporation .
(2) T . J. Sworski, J. Amer. Chem. Soc., 78 , 1768 (1956) ; Radiat. Res., 
6 ,6 4 5  (1957).
(3) E . H eckel, A . H englein , and G . B eck , Ber. Bunsenges. Phys. Chem. 
70, 149 (1966).
(4) R . W . M atth ew s, H . A . M ahlm an , and T . J. Sw orski, A b stra cts  o f 
th e  17th A nnual M eetin g  o f the  R ad ia tion  R esearch  S ociety , Radiat. 
Res., 3 9 ,5 3 4  (1969).

The Journal o f  P hysical Chem istry, Vol. 74, N o . S I, 1970



3836 Communications to the Editor

OH +  HCOOH — >  H20  +  COOH (4) 

S04-  +  HCOOH — >  HSO4-  +  COOH (5) 

COOH +  CeIV — > C02 +  H+ +  CenI (6)

The experimental data were fit to eq I by the method 
of least squares with the computer program of Lietzke6 

and yielded Goh = 1-78 ±  0.03, Gso.- =  0.94 ±  0.03, 
h / h  =  0.0060 ±  0.0005, fc4/(>fci [HSO4-]) =  14.4 ±  
0.5, h / i h l H S O r ] )  =  29.6 ±  2 .6 , fc_x[H20]/fc3 =  
0.00017 ±  0.00005, and seven values of G(Cem)° for 
seven different concentrations of cerium (III). These 
values differ slightly from the preliminary values ob­
tained4 with the assumption of negligible hydrolysis of 
the S04-  radical.

Similarly, we obtained6 kinetic evidence for primary 
yields of both OH and N 03 radicals in the radiolysis of 
aqueous 4.0 M  nitric acid. The dependence of G(Cem) 
on [Cein] and [HCOOH] again adheres well to eq I 
in which Gso.-, h  [HS04- ], k_i, k3, and h  were re­
placed by ( t N o „  &7[H+][N0 3~], fc_7, kg, and k h  respec­
tively.

H+ +  OH +  N 03-  ^  H20  +  N 03 (7)

N 03 +  Cein — ► NO3-  +  CeIV (8)

N 03 +  HCOOH — > H+ +  NOs-  +  COOH (9)

The best least-squares fit of the experimental data to eq 
I was obtained by assuming negligible hydrolysis of the 
NO3 radical and yielded Goh =  2.04 ±  0.09, GNos =
1.56 ±  0.12, fc4/(fc7 [H +] fN03~]) =  4.8 ±  0.6, fa/(kr  
[H+][N03-]) = 20  ±  6 , k,/k3 =  0.0070 ±  0.0005, and 
eight values of G(Cem)° for eight different concentra­
tions of cerium(III).

With the approximation that energy partition be­
tween water and acid is proportional to the electron 
fraction of each component, G oa  based upon the energy 
absorbed by water is 1.78/0.70 = 2.54 ±  0.05 for 4.0 
M  sulfuric acid and 2.04/0.79 = 2.58 ±  0.12 for 4.0 M

nitric acid. These values of Goh for acidic water are 
equal within standard errors to the value of Goh =  
2.59 for pure water determined in our laboratory.7 
Therefore, Goh based upon energy absorbed by water is 
not markedly affected by either sulfuric acid or nitric 
acid at concentrations as high as 4.0 M . Our previously 
reported values for Goh in 0.4 M  sulfuric acid of 2.928 
and 2.969 must be too high for two reasons: (1) we 
implicitly assumed that Gso4- =  0 and (2 ) we assumed 
that G(FeHI) = 2 Gmo2 3Gh T  Goh for the ferrous 
sulfate dosimeter, being unaware of the formation of 
peroxysulfuric acids. 10

Our results confirm the proposal of Boyle10 for aque­
ous sulfuric acid solutions and the evidence of Daniels 
and Wigg11 for aqueous sodium nitrate solutions that 
Goh is proportional to electron fraction water. They 
refute the suggestions that H20+, precursor of the OH 
radical, may react with either HS04~ to yield the S04-  
radical12 or NOs-  to yield the NO3 radical. 13,14

(5) M . H . L ietzke, O R N L -3 2 5 9 , M arch  21, 1962.
(6) R . W . M atth ew s, H . A . M ahlm an , and T . J. Sw orski, p ap er pre­
sented at the  X X I I  In ternational C ongress o f P ure and A p p lied  
C hem istry , S ydn ey , A ustralia , A u g  20 -2 7 , 1969.
(7) C . J. H ochanad el and R . C asey , A bstracts  o f  th e  13th A nn ual 
M eetin g  o f  the  R a d ia tion  R esearch  S ociety , Radial. Res., 25 , 198 
(1965).
(8) T . J. Sw orski, J. Amer. Chem. Soc., 76, 4687 (1954).
(9) H . A . M ah lm an  and J. W . B o y le , ibid., 8 0 ,773 (1958).
(10) J. W . B o y le , Radial. Res., 17,427 (1962).

(11) M . D aniels and E . E . W igg , J. Phys. Chem.., 73, 3703 (1969).
(12) A . O . A llen , Radiat. Res., 1, 85 (1954).
(13) W . H . H am ill, J. Phys. Chem., 7 3 ,1 3 4 1  (1969).
(14) T . Saw ai and W . H . H am ill, J. Chem. Phys., 52 , 3843 (1970).
(15) G u est Scientist from  the A ustralian  A to m ic  E nergy  R esearch  
E stablishm ent, S y d n ey , A ustralia .
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