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Abstract: Difficulties in the investigation of weak molecular complexes in solution are discussed, including the 
concentration scale dependence of complex formation constants and absorptivities obtained from Benesi-Hilde-
brand type methods. Activity coefficient effects are considered explicitly for the various techniques which have 
been used to determine equilibrium constants. It is shown that unambiguous values of activity coefficients of weak 
molecular complexes in dilute solution can be inferred by combining the results of spectral and solubility experi­
ments. The concentration dependence of activity coefficients and the transfer free energy fractions are reported 
for several aromatic donor-iodine complexes in heptane at 25 °. 

U se of the Benesi-Hildebrand (B-H) equation,2 re­
lated equations,3 and their modifications3 has 

been widespread in the study of molecular complexes. 
(See Appendix.) Unfortunately, reports of ambiguities 
and of serious difficulties with the use of B-H type rela­
tions have caused questions as to the meaning and 
validity of results from these calculations. For example, 
many workers have observed that the choice of concen­
tration scale may strongly influence the values of the 
formation constant (K) and the absorptivity (e) derived 
from B-H type relations. 4~8 Thus, values of K based on 
different concentration scales are frequently not equiv­
alent when a simple conversion of units is made from 
one scale to another. In the case of weak complexes, 
discrepancies of this type are particularly important. 

Activity coefficient effects have largely been ignored in 
applications of the B-H method. However, it is appar­
ent that in the case of weak complexes such effects can­
not be safely neglected.4'9-10 In typical studies of the 
electron donor-acceptor systems to be considered here, 
the total concentration of an acceptor (A) is kept con­
stant and small compared to the concentration of the 
donor (D). In such systems, values of the activity and 
activity coefficient of the donor can be assumed to equal 
those obtained for the binary system donor plus solvent. 
However, two of the unknown activity coefficients (YA 
and YDA) cannot be obtained directly from experiments 
on binary systems. In the absence of direct information 
about these parameters, two types of assumption have 
ordinarily been made in treating data for complexing 
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systems: (a) the activity coefficient quotient, T, is taken 
to be constant on some concentration scale; or (b) 
corrections for variation of activity coefficients with 
concentration are made by using some theory of non-
electrolyte solutions4,10 (usually solubility parameter 
theory11). In a variation of the former assumption, 
Hanna and Rose7 have introduced experimental 
values of 7D, while assuming that YDA/7A is con­
stant with varying donor concentration. Recently, 
an attempt has been made to reconcile values of K ob­
tained from the polyiodide solubility method12 with 
those derived from conventional spectral methods by 
assuming that 7A can be calculated from the equations 
of solubility parameter theory.9 However, none of the 
reported procedures for treating activity effects is very 
satisfactory, and to the present there has been no direct 
information about the variation of yDA or yA with donor 
concentration (in the ternary system solvent-donor-
acceptor). 

The present article considers the problem of relating 
values of K and t obtained from B-H type equations 
expressed in terms of various concentration scales, 
criticizes methods which have been proposed for correct­
ing for variations in one or more of the activity coeffi­
cients (/YD, 7A, 7DA), and introduces a technique by 
which the dependence of 7DA on donor concentration 
can be obtained uniquely. This latter method com­
bines results of the polyiodide solubility method with 
those of the B-H spectral method. 

Concentration Scale Dependence of K and t 

Although it is generally realized that K and e values 
determined from the B-H equation on one concentra­
tion scale are frequently inconsistent with those based on 
another scale, there is some confusion in the literature 
regarding the reason for these discrepancies and the 
relation of these differences to activity effects. Appar­
ently, many investigators are unaware that definite 
mathematical relations exist among the K's and e's 
determined from B-H plots for a given set of data on 

(11) J. H. Hildebrand, J. M. Prausnitz, and R. L. Scott, "Regular 
and Related Solutions," Van Nostrand-Reinhold, New York, N. Y., 
1970. 

(12) J. D. Childs, S. D. Christian, and J. Grundnes, / . Amer. Chem. 
Soc, 94,5657(1972). 
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different concentration scales. These relations have 
been summarized in the second section of the Appendix. 

In a widely quoted paper concerning the concentration 
scale dependence of the B-H parameters, it is argued 
that such a dependence is evidence for the existence of 
solution nonideality and/or solvent competition effects.5 

Actually, discrepancies among K and e values deter­
mined on the different concentration scales provide no 
information about deviations from ideality or the failure 
of any of the assumptions which are required in deriving 
the B-H equation; instead, they are dictated by the 
definite relations among the concentration units. For 
weak complexes, values of e determined using different 
concentration scales can differ widely (which makes no 
sense physically), and the respective K values can vary 
considerably from the relations among the concentra­
tion scales. In fact, in the case of very weak complexes, 
negative values of K and e can be obtained. On the 
other hand, when K values are large, eqs. 19a-19d re­
duce to the expected (infinite dilution) relations among 
the concentration scales. 

Modifications of the B-H Equations to 
Include Activity Coefficients 

In pursuing the idea that "donor nonideality effects 
could be detected by observing a concentration scale 
dependence of the structural parameter determined 
for the complex," Hanna and Rose7 have employed 
donor activities, rather than concentrations, in treating 
nmr data (on molality and mole fraction bases) for the 
benzene-caffeine complex in CCl4. Thus, a B-H 
equation with donor activity substituted for concentra­
tion would have the form (see the table of symbols in 
the Appendix) 

CAV 1 
+ 

1 
( * f B - H y ( 6 i B - H ) W ) 0 (^B-H) (1) 

Hanna and Rose emphasize that use of donor activi­
ties in the B-H type plot removes the concentration 
scale dependence of the nmr shift of the complex and 
brings (Km

B-R)' and (A"Z
B_H)' into their proper relation­

ship (i.e., Km = KXMS/1000). This result can be 
anticipated if one considers the simple relation between 
(a-Dmf and (aD*)°,13 i.e. 

(aD*y = (aD
m)°Ms/1000 (2) 

(13) The activity of a species on one concentration scale must of 
course be proportional to its activity on all other concentration scales, 
at all concentrations. If infinitely dilute standard states are employed, 
the activity on each scale must approach the concentration on that 
scale at infinite dilution. For solute i in S, using concentration scales 
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Thus, the activities on two concentration scales are in the same ratio as 
the concentrations at infinite dilution, with proportionality constants 
depending only on properties of the pure solvent. For example, activi­
ties on molal and mole fraction bases will be related by af = a,mAfB/1000 
at all concentrations. The activity coefficients will be relatfd by yim = 

Substitution of eq 2 into eq 1 (with f = x) gives 

•° 1000 , 1 
A + (K*-»y(t*-»y(a0

mfMs (ex
B-H)' 

Comparison with eq 1 (with f = m) shows that 

( e m
B - H ) ' = ( e , B - H ) ' 

and 

OrTm
B-H)' = (^B-H) 'MS/1000 

Therefore, Hanna and Rose's findings are necessitated 
by the definite relations among activities on the different 
concentration scales. Furthermore, it can be shown 
that the interpretation of the K's and e's derived using 
donor activities is subject to uncertainty for the same 
reason that the interpretation of the parameters derived 
from a normal B-H type plot is uncertain, namely that 
not all activity coefficients are taken into account. 

If concentration dependent activity coefficients are 
introduced into the B-H type equations, relations can 
be developed between the thermodynamic K's (i.e., equi­
librium constants expressed in terms of activities) and 
the ICs obtained from B-H type equations. Using the 
relation 

A:f
B-H = TDA (aDA f/«D faA

f) _ K^ 

ZDU (TDA^/WTAO 

the B-H equation can be written 

CAU Tr 
+ 

1 

If 7 / i s expressed as 

T/ = 1 + v/w + /3/(rD°)2 + 
r f becomes 

(1 + J-DA^D0+ . . . ) 
IV = 

(1 + ^ f D 0 + ...)(l + KArrD°+ . . . ) 

(3) 

(4) 

Simplifying and retaining only first-order terms in |"D° 
(i.e., assuming small v/fa0) results in 

Tj- = 1 + (vDAf - Vjf - J^DfD0 

Substituting this expression into eq 10 gives 

(5) 

ci = 1 + ( ^ - vj - ^orp0 

A ^j- t h«j-B-HfD° 
+ 

or 

CA? 

£ f t h e r B-H f D 0 + 
W 

x 
+ (VDA^ — fDf — VA 

K(
th 

5 I 
so that AfB_H (intercept/slope) is related to ATf

th by 

*VB-H K^ + (*>DAf 
Vu' VAf) 

(6) 

(7) 

Replacing (Kf-*)' by ^ ( T A V T D A O in eq 1 (Hanna-
Rose type equation ;7 7D

r is included in the (ODO0 term) 
results in the following relation 

CA" 7DA f/7A f 

^(e^-HyO-toO0 + 
1 

(6 f
B "H) ' 

In a development analogous to that given in eq 3-7, 
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in which YDAVYA5- is expressed as YDAVYA*' = 1 + 
ODAr - ^AOODO0, it can be shown that (Kf-*)' is 
related to Kf" by 

(^B-H)/ = #fth + („DAf _ VKt) ( 8 ) 

Equations 7 and 8 show that both Kf-* and (Kf-*)' 
differ from the thermodynamic K by constants expressing 
activity coefficient dependence on concentration. Both 
types of equilibrium constant are ambiguous as long as 
activity coefficients are unknown. Since these correc­
tion terms (Vs) can be expected to vary considerably 
from one complex to another, there appears to be no 
satisfactory general reason for preferring K and e values 
derived by the method of Hanna and Rose to those 
obtained from one or another of the B-H type equa­
tions. 

Utilization of Data from the 
Polyiodide Solubility Method to Obtain YDA 

Recently, extensive results have been reported for 
aromatic donor-I2 complexes in heptane, based on new 
spectral data and data obtained with the polyiodide 
solubility method.12'14 In obtaining the solubility re­
sults, mixtures of tetramethylammonium (TMA) poly-
iodides (here, TMAI3 and TMAI6) were employed to 
maintain a constant activity of iodine, and the total 
solubility of iodine was measured as a function of the 
concentration of added donor. If the effect of added 
donor on the activity coefficients of the solutes could be 
ignored, the solubility method would provide a very 
direct measure of the concentration of the complex, and 
hence K. In the absence of activity coefficient effects 
the total solubility of iodine at a given donor concen­
tration would be 

or 

[A]4: CA + CDA (9) 

Then, the increase in acceptor concentration which 
occurs as donor is added would simply be 

[A]CD — [A]CD=0 = CDA 

and the equilibrium constant would be given by 

K = ([A]CD - [A]CD=o)/([A]CD=0cD) 

However, a careful examination of the influence of 
activity coefficient effects makes it clear that K values 
derived from the solubility method are still not un­
ambiguous, in spite of the fact that the data from which 
K is inferred can be restricted to concentration regions 
in which cD, CA, and CDA are all extremely small. It 
can be shown that the solubility method will lead to the 
correct (thermodynamic) equilibrium constant only if 
YA" is strictly constant throughout the range of donor 
concentrations employed.9 However, there are good 
theoretical reasons for believing that dYAc/dcD ^ 0, 
even in the limit of infinite dilution.11 Therefore, one 
can anticipate that an activity coefficient correction 
term, similar to the final terms in eq 7 and 8, will appear 
in the expression which relates AT8015, to Kth. 

With the inculsion of activity coefficient terms eq 9 
becomes 

[A]. = °4 + ^ ! 
YAC YDAC 

(14) J. D. Childs, Ph.D. Dissertation, The University of Oklahoma, 
1971. 

[Ak = —• + 
YA' 

aA
c , Kc

thaA
caB

c 

YDAC 
(10) 

When the uncorrected solubility method is used, data 
obtained in regions of low donor concentration are 
fitted to the equation 

Thus 

[A]CD = aA
c + Kc«°lycDaA

c 

CD_»O\0A UCD 
(H) 

where aA
c, the constant activity of iodine, equals [A]CD=o. 

Equation 10 (with an' replaced by CDYD") may be 
differentiated with respect to CD to yield 

1 d[A]a 

aA
c dc-o 

d(l/YAc) + ^ , ^ ( Y D V Y D A Q + 

dcE dcE 

HX 
LW 

(12) 

Applying the limit cD -*• 0 to eq 12 and comparing with 
eq 11, one then obtains 

K^y = K; VA (13) 

Note that Hm CD, , 
CD- o|_ dcD \YDA' CDXYDAVJ 

/ ^ = I 

l i m r d j i ^ ) i _ ^ 
:D—oL QCD J 

lim 
cD—o \YDA' 

dcD 

Equation 13 shows how activity coefficient terms enter 
into the expression for Kc*

oly; it is analogous to eq 7 and 
8 which relate Kf-* and (Kf-*)' to K1* and the 
coefficients vf. Kth can be written in terms of the three 
types of equilibrium constants as 

Kf- = jfr«oiy + Vjt (14a) 

Kf- = (Kf-*)' + (vA* - *DA0 (14b) 

Kf* = Kf-* + („Ar + vj - XDAO (14c) 

Equations 14a-c thus relate the various equilibrium con­
stants, although Kf-* and (Kf-*)' are obtained from 
the same data and are not independent (they differ by 
VTJ, which is explicitly accounted for in the Hanna-
Rose method). However, it is interesting to consider 
the relation between ivf

soly and J(Tj-8-11. 

K1^y - Kf~* fD
s >>DAS (15) 

Since Kfly and Kf-* are determined independently 
from solubility and spectral results, respectively, and 
since vD

f is measurable, eq 15 implies that VDA^ can be 
determined uniquely. The relation 

W = vD
( - (K^y - Kf-*) (16) 

can be applied to obtain YDA? as a function of fD for 
systems for which YD*- is known to linear terms in 
fo. 

Results and Discussion 
Table I summarizes values of ivc

soly and Kf~* ob-
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Table I. Equilibrium Constants for Complexes of Iodine with 
Aromatic Donors in Heptane at 25 ° " 

Donor 

Benzene 
Toluene 
o-Xylene 
^-Xylene 
m-Xylene 
Mesitylene 

Kc'
oly, 1. mol - 1 

0.36 
0.50 
0.64 
0.64 
0.70 
0.98 

Kc*-*, 1. 
mo l - 1 

0.20 
0.32 
0.42 
0.41 
0.54 
0.74 

AK( = VDC -
CDAC) 

0.16 
0.18 
0.22 
0.23 
0.16 
0.24 

° From ref 14. 

tained in this laboratory for complexes of iodine with 
aromatic donors in heptane. The final column lists 
values of the difference between the two equilibrium 
constants, which by eq 15 is equal to pD

c — ^DA' or 

e^o[d7>C ~ W ) ] 
VDC is known to be negative for all of these systems (since 
all deviate positively from Raoult's law); therefore, 
it can be seen that VT>AC is also negative for each complex 
and larger in magnitude than vD

c. Accurate values of 
VDC are not presently available for all of the systems 
represented in Table I. However, reasonably precise 
values of activity coefficients have been determined for 
both components of the binary mixture benzene-heptane 
at 25°. The value of Pc6H6" is calculated to be —0.14, 
using the data of Harris and Dunlop.15 Thus, from the 
value of Krly - KB~U listed in Table I, JTj6H6-I2

0 is 
calculated (via eq 16) to be -0 .16 - 0.14 = -0 .30. 
Similarly, from solubility parameter theory, ĉ6H6" is 
estimated to be —0.15, and from eq 16, the estimated 
value of J1C6H6-I2" is —0.31. Table II summarizes these 

Table II. Thermodynamic Parameters for the 
Donor-Iodine-Heptane System at 25° 

Donor 

Benzene 
Benzene 
Toluene 
o-Xylene 
p-Xylene 
m-Xylene 
Mesitylene 

yD»« 

-0 .14« 
- 0 . 1 5 
- 0 . 1 3 
- 0 . 1 5 
- 0 . 1 3 
- 0 . 1 3 
- 0 . 1 4 

VDAeb 

- 0 . 3 0 
- 0 . 3 1 
- 0 . 3 1 
- 0 . 3 7 
- 0 . 3 5 
- 0 . 2 9 
- 0 . 3 8 

VA."" 

- 0 . 2 7 
- 0 . 2 7 
- 0 . 2 6 
- 0 . 2 9 
- 0 . 2 5 
- 0 . 2 6 
- 0 . 2 7 

Kc
ih, 1. 

mol_1<i 

0.09 
0.09 
0.24 
0.35 
0.39 
0.44 
0.71 

a' 

0.73 
0.74 
0.79 
0.84 
0.92 
0.74 
0.93 

° Equations of solubility parameter theory11 were used to esti­
mate these values, except where noted otherwise. b Calculated 
from AK values (Table I) and vrf values. c Calculated from activity 
data in ref 15. ' 'Due to an oversight, the thermodynamic (cor­
rected) equilibrium constants given in ref 9 and 14 were slightly in 
error; the proper values (calculated from eq 14a) are given here. 

calculated values, along with results for the other systems 
in Table I. Reliable activity data at 25° are not avail­
able for the other systems; therefore, solubility param­
eter theory has been applied to obtain I>T>C values. In 
the case of the heptane-toluene system, value of Ytoiuene 
are available in the temperature range 98-110°,16 and 
by using heat of solution data,l7 it is possible to estimate 

(15) K. R. Harris and P. J. Dunlop, J. Chem. Thermodyn., 2, 805 
(1970). 

(16) H. Hipkin and H. S. Myers, Ind. Eng. Chem., 46,2524 (1954). 
(17) H. W. Schnaible, H. C. van Ness, and J. M. Smith, Amer. Inst. 

Chem. Eng. J., 3,147 (1957). 

activity coefficients at 25°. These values agree well 
with the predictions of solubility parameter theory. 

The values of VDA" in Table II are of intrinsic interest, 
inasmuch as they represent the only information pres­
ently available about the effect of solvents on the activ­
ity coefficients of molecular complexes in the dilute 
solution region. Evidently the solvation of the aro­
matic donor-iodine complexes by the donor-heptane sol­
vent mixtures is considerably greater than the solvation 
of the uncomplexed donor molecules. The observation 
that values of V-DK are large negative numbers should 
serve as a warning that even in the submolar concentra­
tion range activity coefficient effects can significantly 
influence reported values of equilibrium constants and 
extinction coefficients. 

If information were also available about vA
c, it would 

be possible to determine r c experimentally and hence 
to calculate Kf*. Unfortunately, we know of no way 
to determine experimental values of VAC in the ternary 
systems heptane-donor-I2; however, solubility param­
eter theory can again be used to estimate yA

c and vA. 
Column 3 in Table II includes calculated values of vA, 
and the next to the last column lists Kc

th values estimated 
for each complex, calculated from eq 14a. Note that 
for all of the aromatic donor system the equilibrium 
constants are in the following order: Kfly > KC

B~H > 
Kc

th > (KB~H)'. There is no reason to expect that in 
general a Kc value derived by one technique will more 
nearly approximate Kc

th than will values obtained from 
other techniques, although for weak complexes the 
Av{

e terms in the equations relating Kc
th to KC

B~H and 
(KC

B~H)' (eq 14b and 14c) may frequently be approxi­
mately equal to zero. However, it has been argued that 
properties of the electronic spectral bands of the aro­
matic donor-iodine complexes inferred from the solubil­
ity results14 appear to be in better agreement with trends 
predicted from the Mulliken theory10 than are results 
inferred from the other methods.9 

The estimated values of vt
e given in Table II (where 

/ = D, A, or DA) can be used to determine the trans­
fer free energy fraction, a', for the complexing sys­
tems. 18 Consider the three transfer reactions 

D(heptane) ~7~*~ D(heptane + donor) 

A(heptane) T^~ A(heptane + donor) 

DA(heptane) ~7^~ DA(heptane + donor) 

For each of these steps, a solute species is transferred 
from the unit molarity ideal dilute solution state in 
heptane (S) into the corresponding ideal dilute solution 
state in a donor-heptane mixture (S + D). At any 
given concentration of donor, a' is given by 

a' = AGDA° IV AGD° + AGA° 1 
S->(S + D)/ [_S->(S + D) S-*(S + D)J 

a' = RT In y»A
c/(RT In TD" + RT In yA

c) (17) 

But at sufficiently low donor concentration, each of the 
In yt

e terms is equal to V'C-D, SO that eq 17 becomes 

a' = KDA70DC + vjf) (18) 

(18) S. D. Christian, A. A. Taha, and B. W. Gash, Quart. Rev., 24, 
20 (1970); S. D. Christian and E. H. Lane in "Solutions and Solubili­
ties," M. R. J. Dack, Ed., Wiley-Interscience, New York, N. Y., in 
press. These articles include discussions of transfer free energy frac­
tions and transfer energy fractions. 
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(Note that a' is independent of cD in the concentration 
region in which only first-order terms in cD are required 
in eq 3.) Values of a', calculated from the v{ values 
by using eq 18, are listed in the last column of Table II. 
a ' is in each case in the range 0.70 to 0.95, which is 
typical for relatively weak molecular complexes.18 The 
magnitude of the solvation free energy or energy of a 
weak complex is ordinarily somewhat less than that of 
the separated donor plus acceptor molecules, presum­
ably because formation of the complex renders a frac­
tion of the molecular surface of the reactive groups of 
the monomer inaccessible to contact with solvent. 
There seems to be a tendency for the a' values in Table 
II to increase as the donor strength increases, although 
the m-xylene results do not follow this trend. 

An independent estimate of a' can be made for the 
benzene-I2 complex, for which Kc values are available 
for both the gas phase and heptane solution. From 
solubility and activity data,1619 the transfer free energies 
of I2 and benzene (from the unit molarity ideal gaseous 
states into the unit molarity ideal dilute solution in 
heptane) are determined to be —4.6 and —4.0 kcal, 
respectively. Using these values together with a Kc 

value of 4.0 1. mol - 1 in the gas phase20 and the Kc
th 

value in heptane (0.09 1. mol -1), one can calculate that 
the transfer free energy of benzene-I2 is —6.4 kcal. 
Thus, a' = 6.4/(4.0 + 4.6) = 0.74; this value is 
fortuitously close to the values in Table II (0.73 and 
0.74). Similar estimates of a' cannot be made for the 
other systems because gas phase Kc values are lacking. 

Summary 

The present article details the difficulties which are in­
herent in methods which have been applied to investi­
gate weak molecular complexes in solution. It is shown 
that neither the Benesi-Hildebrand method (or its 
modifications) nor the uncorrected solubility method 
leads directly to values of the thermodynamic equilib­
rium constant. Expressions have been given to in­
terrelate K and e values based on the various concen­
tration scales and to indicate explicitly how activity co­
efficient correction terms enter to complicate the inter­
pretation of K values determined by the various meth­
ods (viz., the Benesi-Hildebrand, Hanna-Rose, and poly-
iodide solubility methods). A combination of solu­
bility and B-H results is shown to lead to unambiguous 
values of activity coefficients of aromatic donor-iodine 
complexes. Use of the solubility parameter theory, 
along with derived expressions involving activity co­
efficients, yields values of the transfer free energy frac­
tion (a') which are in the range 0.70-0.95 for the 
aromatic donor-I2 complexes. 
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Appendix 

A. Benesi-Hildebrand Type Equations. The Benesi-
Hildebrand (B-H) equation2 is written as 

CA0
 = 1 , _J__ 

A K?-*e?-*W ef
B-H 

where f represents a concentration scale label (f = c, 
m, x, or r). One assumes that cD° » cA° and that cor­
rections have been made for absorbance by the uncom-
plexed donor and acceptor. 

The Scatchard equation21 

_A_ _ r*
 KiA 

C A T D 0 S f CA0 

is used in some of the articles mentioned above. The 
conclusions made regarding the B-H equation also hold 
for the Scatchard equation, for other related equations,3 

and for analogous forms in use with nonoptical studies3 

(these equations are all referred to here as B-H type 
equations). 

B. Relations among KB~H and eB-H Values on Differ­
ent Concentration Scales. One can derive mathemati­
cal relations among K's and e's determined from B-H 
type plots for a given set of data on different concentra­
tion scales. The equations are developed by relating 
the total donor concentration on the different concen­
tration scales (assuming ideal volume of mixing and that 
CD0 5i> CA0) and by substituting these relations into B-H 
type equations. The appropriate slopes and intercepts 
are then equated to give the following relations.22 

ATe»-H = T W - H + (Fs - FD) 

e B-H _ , B-Hf ^l Yl HOa) 
tx U B - H F S + ( F s - F D ) J ( } 

Km*~* = (* ,B-H + i)Ms/1000 

tfc
B-H = (^m

B-H/ps) - FD 

/ X B - H \ 
e c

B~H = e m * - a — ^ ^ = - ) (19c) 

tfm
B-H = tfr

B-H + (MD/1000) 
r r B-H -] 

- B-H = , B-H t21 ("19(D 
T |_^B-H + (MD/1000)J k } 

C. Table of Symbols 
U concentration of the ith species (f = c, m, x, or r); 

a zero superscript indicates total (analytical) con­
centration 

c concentration in moles/liter (molarity) 
m concentration in moles/kilogram of solvent (molality) 
x concentration in mole fraction 
r concentration in moles/kilogram of solution 
D donor 
A acceptor 
DA complex 
S solvent 
A absorbance per unit path length 

(21) G. Scatchard, Ann. N. Y. Acad. ScU, 51,660(1949). 
(22) Equations 19a and 19c have been reported previously.6'13 

(23) L. J. Andrews and R. M. Keefer, "Molecular Complexes in 
Organic Chemistry," Holden-Day, San Francisco, Calif., 1964. 
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^rf
B-H formation constant derived from a B-H type plot using 

the f concentration scale 
(^Tj-B_H)' formation constant derived from a B-H type plot 

with (aD
r)° substituted for f D° 

£J.B-H complex absorptivity from same plot as .ATfB_H 

(efB_H)' complex absorptivity from same plot as (KfB_H)' 
Vi molar volume of the /th species (in liters) 
Mi molecular weight of the /th species 
pi density of the /th species (in grams/milliliter) 
a / activity of the /th species on the f concentration scale 
(a/)0 a / corresponding to U" 

Xenon hexafluoride is polymorphic and exists in 

four phases.2 Studies of the heat capacity and 

other thermodynamic functions3 indicate that phase I 

is stable from the melting point (322.630K) to about 

291.8 0K, where it is transformed to phase II, in turn 

stable to about 253.8°K, below which phase III exists. 

Phase IV which is cubic is stable from the melting point 

of ~ 3 0 l ° K down to at least 930K.2 Phase I was 

identified as monoclinic with eight XeF6 units in the cell 

by Agron, et al.* The structural basis underlying 

phases I, II, and III6,6 did not become clear until the 

structure of phase IV was determined.7 Phases I, II, 
and III are based on the association of XeF6

+ and F -

ions into tetrameric rings. Phase I is monoclinic with 

2 tetramers per cell, phase II is orthorhombic with 4 

tetramers per cell, and phase III is monoclinic with 16 

tetramers per cell.6 The I t=; II and II t=; III transfor­

mations are interpretable in terms of various degrees of 

ordering of a common underlying tetrameric unit. 

Phase IV was first observed (but not so designated) 

by Agron, et al.4 o They reported a large cubic unit cell 

with a — 25.34 A (temperature not specified but pre­

sumably room temperature) and probable space group 

F43c or Fml>c. 

The varying degrees of disorder plus low symmetry 

present in phases I, II, and II make it unlikely that a 

(1) Royal Radar Establishment, Malvern, England. 
(2) G. R. Jones, R. D. Burbank, and W. E. Falconer, J. Chem. Phys., 

52,6450(1970). 
(3) (a) F. Schreiner, D. W. Osborne, J. G. Malm, and G. N. Mc­

Donald. J. Chem. Phys., Sl, 4838 (1969). (b) J. G. Malm, F. Schreiner, 
and D. W. Osborne, Inorg. Nucl. Chem. Lett., 1, 97 (1965). 

(4) P. A. Agron, C. K. Johnson, and H. A. Levy, Inorg. Nucl. Chem. 
Lett., 1,145 (1965). 

(5) G. R. Jones, R. D. Burbank, and W. E. Falconer, J. Chem. Phys., 
53,1605(1970). 

(6) R. D. Burbank and G. R. Jones, Science, 171,485 (1971). 
(7) R. D. Burbank and G. R. Jones, Science, 168,248 (1970). 

7; activity coefficient of the /th species on the r concen­
tration scale 

r f 7DA^/7D r7A r 

K^ a-ot: lav? cttS 

v? Um dT.̂ /dfD0 

[A]CD total I2 solubility at a donor concentration CD (in the 
polyiodide solubility method12) 

^.ioiy formation constant from the solubility method 
AGi°s->-(S+D) standard free energy of transfer for the /th species 

from S to S + D 

detailed structural description will be forthcoming for 

any one of these phases. Hence, it appears desirable 

to present more information on the analysis of phase IV 

than was included in the earlier communication.' 

Experimental Section 

The sodium fluoride complexing method was used to prepare and 
purify XeF6.3b Capillaries of FEP (fiuorinated ethylene propylene 
copolymer) were prefluorinated with XeF6 and heat sealed after 
introduction of the specimens. Well-formed crystals of cubic 
XeF6 invariably resulted when capillaries of FEP partly filled with 
XeF6 were maintained at 2910K for several days. 

The X-ray system was comprised of a precession camera, a man­
ually operated single crystal orienter mounted on a G.E. XRD-5 
diffractometer, cooling facilities, and a means for transferring a 
specimen from precession camera to diffractometer under low-tem­
perature conditions. The precession camera was fitted with a 
polarizing microscope and means for optical illumination. The 
cooling system was an improved version of one used in studying 
interhalogen compounds.8 Details of the cryostat will appear else­
where.9 

A crystal with dimensions of 1 X 0.5 X 0.2 mm was used for in­
tensity measurements. Mo K a radiation, X 0.7107 A, was used for 
both photographic and counting measurements. As the tempera­
ture is lowered, the X-ray reflections become increasingly stronger, 
but it also becomes progressively more difficult to avoid frost forma­
tion when the specimen is on the diffractometer. A temperature of 
193 0K was selected as a compromise between the quality of data and 
experimental difficulties. A scintillation counter was used with the 
stationary crystal technique. Ten-second counts at peak and at 
background on both sides of each reflection were made. Counting 
rates were kept below 10,000 per second by the use of Zr attenuators 
of known absorption. The crystal was mounted with the [011] 
direction parallel to the <p axis of the diffractometer. The absorp­
tion error was obtained empirically by measuring Olih reflections at 
X = 90° through a 360° range in <p. The intensities varied by 65 % 
from minimum to maximum transmission. The unique reflections 
out to 26 = 60° numbered 1023. They were measured in the sector 

(8) R. D. Burbank and F. N. Bensey, J. Chem. Phys., 21,602 (1953). 
(9) R. D. Burbank, J. Appl. Crystallogr., in press. 
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Abstract: The structure of the cubic phase OfXeF6 was determined by X-ray diffraction at 1930K. The cell con­
stant is 25.06 A, space group symmetry FmIc, with 144 XeF6 per unit cell. The structure is not molecular but based 
on the association of XeF5

+ and F - ions into tetrameric and hexameric rings. The structure is disordered and the 
1008 atoms in the cell are distributed over 1600 positions. The polymeric rings are three dimensional in nature 
and achieve a nearly spherical overall shape. This permits the positive and negative charges to be distributed over 
concentric spherical shells. The shape of the XeF5

+ ion is in accord with the expectations of the Gillespie-Nyholm 
valence-shell electron pair repulsion theory. 
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