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. . . . . . . . . . .  

I. INTRODUCTION 

At the time of publication of Pfeiffer’s (235) classic review, Organische Mok- 
kiilverbindungen, it was recognized that some aromatic hydrocarbons and certain 
of their substitution products could, in apparent violation of existing rules of 
chemical bonding, undergo additive combination with other organic compounds 
such as quinones, polynitroaromatics, and maleic anhydride and with inorganic 
compounds such as sulfur dioxide (205)’ silver perchlorate (146), and hydrogen 
bromide (20). I n  certain cases the resulting products were characterized as solids 
the compositions of which could be represented as simple molecular ratios, usually 

1 Faculty Fellow of the Fund for the Advancement of Education (1953-54). The author 
is indebted to  the Departments of Chemistry of the Massachusetts Institute of Technology 
and Harvard University for the courtesies extended to  him during the period of tenure of 
this fellowship. 

Present address: University of California, Davis, California. 
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1 : 1, of the component parts. In  other instances the interaction products were of 
sufficiently low stability so that their formation could be recognized only through 
the changes in color or other physical properties which resulted when the re- 
actants were mixed in solution. 

To explain the nature of the coordinate link between the components of this 
type of complex, Pfeiffer postulated the existence of secondary valence forces 
within aromatic nuclei which were susceptible to saturation through interaction 
with quinones and various other molecules. In recent years significant advances 
in the elucidation of the chemical and physical properties of aromatic addition 
complexes have led to a more precise description of these bonding forces. A large 
number of molecular complexes are now recognized which owe their existence to 
the capacity of aromatic molecules to function, by sharing their r electrons, as 
electron donors (213). In all such complexes the second component, by nature an 
electron acceptor, is additively combined with the aromatic nucleus by a process 
which must involve to some degree its acceptance of negative charge from that 
nucleus. 

This review describes the developments since the appearance of Pfeiffer’s book, 
both from an experimental and a theoretical point of view, which have led to the 
present conception of the structures and of the bonding forces between com- 
ponents of this type of aromatic complex.* Although considerable attention is 
given to the physical methods which have been used so successfully to demon- 
strate the existence and properties of the less stable complexes, no attempt is 
made here to present an exhaustive tabulation of the physical properties of the 
many complexes which are known. However, a summary is presented of the vari- 
ous types of electron acceptors which undergo coordination with aromatic sub- 
stances. No detailed treatment of the chemistry of quinhydrones is presented 
except as it is pertinent to the general question of the structure of molecular 
complexes. 

Certain types of associated substances which involve aromatic materials do 
not qualify for inclusion in this review as products of donor-acceptor interaction. 
In  particular may be mentioned clathrate compounds such as Ni(CN)2*NHZ. 
C6H6 and those of hydroquinone with methanol, rare gases, and other small 
molecules and, in addition, another group of occlusion compounds of 4 , 4’-dinitro- 
biphenyl with 4,4’-substituted biphenyls. These substances, in which a crystal 
cage of one component surrounds the second component, have been adequately 
described in recent reviews (65, 249, 274). 

11. EXPERIMENTAL PROCEDURES USED IN DEMONSTRATJNG COMPLEX FORMATION 
AND IN hZE.4SURh‘G THE STABILITY O F  COMPLEXES 

A large majority of the aromatic molecular complexes dissociate so readily into 
their components that they cannot be isolated as pure substances; hence the 

a The terms molecular complex, molecular compound, and molecular addition compound 
are often used synonymously. The author prefers the first term for the description of aro- 
matic addition products of the electron donor-acceptor type, since the word “compound’, 
implies the formation of a much stronger bond than usually exists between the molecules 
of which these complexes are composed. 
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existence of many complexes has been recognized only through the investigation 
by physical methods of solutions or mixtures of their components. This section 
outlines the most important of these methods and describes their application in 
the determination of the composition of the unstable addition products and in 
the evaluation of equilibrium constants for their formation in solution. 

A .  Solubility measurements 
Solubility studies often provide qualitative indication of the capacity of the 

aromatic nucleus to interact with reagents of the electron-acceptor type. As an 
example may be cited the fact that benzene is appreciably soluble in anhydrous 
liquid hydrogen fluoride (2.25 weight per cent a t  OOC.), whereas the alkanes and 
cycloalkanes are virtually insoluble in this medium (172, 282). I t  seems likely 
that the solubility of benzene may be accounted for in terms of a transfer of 
protons from hydrogen fluoride molecules to aromatic nuclei (1 16). 

C6H6 + HF + C6H6.H' + F- 

Since, however, the relative solubilities of benzene, toluene, the xylenes, and 
anthracene in hydrogen fluoride are the reverse of the established order of these 
substances as electron donors, the solubility measurements must also reflect other 
factors than the proton affinity of the aromatic nucleus (49). Direct comparison 
of the relative solubilities of a series of benzene derivatives in a common acceptor- 
type solvent does not in general provide a reliable criterion of the relative 
strengths of the aromatic substances as donors unless the variations in the vapor 
pressures of the several solutes are taken into consideration (144). In interpreting 
the relative solubilities of several aromatic hydrocarbons in vater Bohon and 
Claussen have first corrected the measured molar solubilities to the same vapor 
pressure (of the aromatic substance) (35). On this basis naphthalene and biphenyl 
are seven to ten times as soluble as are benzene and its simple alkyl derivatives. 
It has been suggested that some property of the ring itself is essential to the solu- 
bility process (perhaps the capacity for participation in hydrogen-bond formation 
with the oxygen of the water molecule). 

Solubility procedures have also been developed (26) for determining the disso- 
ciation constants for complexes in solution. They have been employed in study- 
ing the interactions in chloroform of s-trinitrobenzene with various aromatic 
amines (197) and of picric acid with stilbene and related substances (13). In  the 
latter of these investigations chloroform solutions of varying stilbene concentra- 
tion were saturated with picric acid a t  25"C., and the total picric acid content of 
the resulting solutions was determined. On the assumption that 1 : 1 complexes 
of stilbene and picric acid existed in these solutions in equilibrium with their 
components, the data were used to calculate dissociation constants Kd (as given 
by equation 2 in which (S), (P) ,  and ( S a p )  represent, respectively, the molar 

(1) 

K d  = ( s ) ( P ) / ( s - P )  (2) 
concentrations of free stilbene, free picric acid, and the complex). The term ( P )  
was taken as equal to the solubility of picric acid in pure chloroform, and it was 
assumed in calculating Kd values that the concentration of the complex was 
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related to the total concentrations, both free and complexed, of picric acid, (PT) ,  
and of stilbene, (ST), by expressions 3 and 4. 

The Kd values thus obtained for the picric acid complex of stilbene itself re- 
mained relatively constant (average 1.1 1) as the concentration of free stilbene 
in solution varied from 0.16 to 0.05 M ,  and equally good constants were obtained 
for the picric acid complexes of p-methyl- and p-chlorostilbenes and of ethyl 
cinnamate. Slightly higher values of Kd for the stilbene complex were obtained 
in an independent series of measurements based on colorimetric procedures. The 
Ka values derived from the solubility data may be of somewhat limited accuracy, 
since they were calculated on the assumption that the concentration of free picric 
acid in solution ( P )  is independent of the stilbene concentration. Yet a-methyl- 
and a-phenylstilbenes, which show only a weak affinity for picric acid in chloro- 
form solution (as evidenced by the fact that their solutions are only a pale yellow 
in color as contrasted with the intense color of solutions of the stilbene complex), 
actually salt picric acid out of chloroform in proportion to their concentrations 
in solution. Bibenzyl, however, in moderate concentrations appears to have no 
effect on the solubility of picric acid in chloroform. It is therefore difficult to make 
an intelligent approximation of values of ( P )  as a function of stilbene concentra- 
tion which can serve as a basis for correcting the reported Kd values. 

In  a related study the tendency for complex formation of aromatic hydrocar- 
bons and their substitution products with silver ion has been investigated through 
solubility measurements (6,7,8). A series of saturated solutions of each aromatic 
substance in aqueous solutions which varied in silver nitrate concentration from 
0 to 1.0 M ,  but which were fixed at  unit ionic strength by the addition of potas- 
sium nitrate, were analyzed for total aromatic hydrocarbon content by a pro- 
cedure which involved extraction of the saturated solution with hexane. The 
extract, which contained essentially all of the aromatic substance formerly con- 
tained in the silver nitrate solution, was analyzed for aromatic material by spec- 
trophotometric procedures. The increase in solubility of the aromatics as a func- 
tion of increasing silver-ion concentration of the aqueous solutions was larger 
than could be accounted for solely in terms of the formation of 1 : 1 complexes, 
Ag.Ar+. The data were interpreted on the assumption that both equilibria 5 and 
6 were establishedaa 

( 5 )  Ag+ + Ar = Ag.Ar+ K I  = (Ag * &+I/ (&+I (k) 
Ag+ + Ag.Ar+ = Agz.ArSS- K z  = (Agz.Ar++)/(Ag+)(Ag.Ar+) ( 6 )  

From the data taken for each compound a series of constants K were calcu- 
lated from expression 7 by neglecting the term (Agz.Ar*), which was not meas- 
ured by the experimental procedures and which is very small. In  this equation 

a Throughout this review the symbol Ar refers t o  the aromatic hydrocarbon and not t o  
an aryl radical or group. 
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(Arc) and (Ar) refer respectively to complexed (Ag.Ar+ + Ag, .Ar*) and to free 
aromatic substance and (Agt) represents the total concentration of free and 
complexed silver ion. 

(7) 
The term (Ar) was evaluated by measurement of the solubility of the aromatic 
compound in 1 N potassium nitrate solution, and (Arc) was calculated by sub- 
tracting (Ar) from the measured solubility of the aromatic substance in the 
silver-ion solution. 

Equation 7 may be rewritten in the form of equation 8. Thus if equilibria 5 and 

K = (Arc)/[(Agt) - (Arc) - (Ag~.Ar++)l (Ar) 

K = KI + KZ(Ag+) (8) 

6 uniquely explain the solubility data, a plot of K values against the correspond- 
ing silver-ion concentrations of the solutions should produce a straight line of 
intercept K1 and slope Kz. The solubility data for a large number of substances 
in silver nitrate solution were treated successfully in this manner. In  the case of 
benzene at 25°C. values of K1 = 2.41 and Kz = 0.21 were obtained. 

Of the several assumptions made in treating the data by this procedure the 
only one to  which serious objection might be raised is that the concentration of 
free aromatic substance in water solutions of fixed ionic strength is unaffected by 
the replacement of potassium ions in the solutions with silver ions (162). If, for 
example, silver ion, exclusive of complex formation, showed a salting-in effect for 
aromatic compounds, the observed Kz values might have no real significance. 
However, to account for the results of a series of measurements of the solubility 
of toluene in 0 to 1 M silver perchlorate solutions of ionic strength 5 (adjusted with 
sodium perchlorate) it was again necessary to postulate the existence of Agz .A+. 
I n  these solutions the salting effects resulting from the replacement of sodium 
ion by silver ion should be very small. There is also independent spect,rophotomet- 
ric evidence for the existence of Ag,.Ar++ in such solutions (162). 

B. Distribution studies 
Experiments of the distribution type have been used (202,203) to compare the 

relative capacities of various hydrocarbons to function as electron donors4 in 
interacting with solutions of boron trifluoride in hydrogen fluoride. Solutions of 
two aromatic hydrocarbons in n-heptane were subjected to batchwise extraction 
at 20°C. with hydrogen fluoride containing 0.5 mole of boron trifluoride per mole 
of aromatic material in the system. From analyses of the n-heptane and hydrogen 
fluoride phases a t  equilibrium, single-stage separation factors, @@/a), 

4 The relative electron-donor capacities of aromatic substances are sometimes referred to  as 
relatioe basicities. The use of the latter term in this connection may represent an unwise ex- 
tension of the Lewis theory of acids and bases (196). However, i t  has proved convenient t o  
adopt this shorter expression in discussing molecular complexes of the donor-acceptor type. 
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were calculated (b and a refer to the two aromatic substances and Na and N ,  
represent their mole fractions in the extract phase and NL and NL those of the 
raffinate). The resultant &/a)  values, which have been tabulated for a number 
of aromatic hydrocarbon systems in which p-xylene is the a component, are re- 
garded as indicative of the relative capacities of the hydrocarbons to undergo 
reactions of the type 

i l r  + H F  + BF3 S ArHfBF; 

Thus &/a)  values for hexamethylbenzene (which is generally regarded as a 
strongly basic hydrocarbon) and toluene are 44,500 and 0.01, respectively. This 
method is particularly revealing in the evaluation of relative basicities of aro- 
matic substances, since the capacity of HF-BF3 for coordination is very sensitive 
to changes in substituents on the aromatic nucleus. The extraction procedures 
on which these experiments are based shox promise of becoming commercially 
important for the separation of isomeric mixtures of alkylbenzenes. 

In similar experiments the partition coefficients of several hydrocarbons be- 
tween n-heptane and hydrogen fluoride (containing no boron trifluoride) have 
been determined at  25°C. The resultant coefficients when corrected to the same 
vapor pressures of the aromatic substances are regarded as indicative of inter- 
actions of the type described in equation 1. 

The equilibrium constants for the formation of picric acid complexes of aro- 
matic hydrocarbons and their substitution products (and also of aniline and nitro- 
aromatics) in chloroform solution have been measured by a method (209) which 
is based on a study of the distribution of picric acid between chloroform and 
water as influenced by the presence of varying amounts of aromatic substance 
in the chloroform phase. This procedure has recently been refined in connection 
with an investigation of picric acid-alkylbenzene interaction (4). In the presence 
of aromatic matter two effects serve, in opposition to each other, to alter the nor- 
mal partition of picric acid between the two phases. The first effect, which cor- 
responds to  the formation of the picric acid-aromatic complex in the chloroform 
layer, causes an increase in the total concentration of picric acid in that layer 
from its normal value, P ,  to yl. The uncomplexed aromatic material has a salting- 
out effect for picric acid which tends to lower its concentration in the chloroform 
phase to y. The total molar concentration of picric acid in the chloroform phase 
at equilibrium is then given by the expression: 

(10) 

Y = y f  y1- P (11) 

In the experimental procedure Y was determined by direct analysis of the 
chloroform phase. The term P was calculated from the picric acid content of the 
aqueous phase, using the known distribution coefficient of picric acid between 
chloroform and water. The molar concentration of aromatic substance in the 
chloroform phase, 2, was chosen so that it remained large as compared to yl - P. 

To facilitate calculation of the equilibrium constant K (defined on the assump- 
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tion that a 1 : 1 picric acid-aromatic complex was formed), additional constants 
k and K1 were defined. 

These are, respectively, a constant for the depression of the solubility of picric 
acid in chloroform by the aromatic substance and an apparent solubility constant. 
It may readily be shown that as a close approximation 

K = K 1 + k  (15) 
By studying the effects of added hydrocarbons such as decalin, hexane, and 
cyclohexane (instead of the aromatic substance) on the distribution of picric 
acid between chloroform and water it was observed that the salting-out coefficient 
was proportional to the molecular volume of the hydrocarbon (IC = 0.0038 V ) .  
Values of K1 calculated from the experimental data were thus readily corrected 
to provide K values. 

This treatment of the data does not take into account any self-association of 
picric acid in chloroform nor any interaction of picric acid with chloroform. 
The K values obtained are independent of the concentration of aromatic sub- 
stance. For benzene at  20°C. values of K I ,  k, and K are respectively 0.090,0.337, 
and 0.43. Limitations in the use of this procedure for studying certain types of 
donor-acceptor interactions have recently been pointed out (see footnote 8 in 
Section V B). 

Equilibrium constants for the formation of 1 : 1 and 1 : 2 complexes of aromatic 
amines with silver ion have been evaluated through studies of the effects of 
changing silver-ion concentration on the partition of the amines between cyclo- 
hexane and aqueous silver nitrate (103). The general method has been developed 
in connection with studies of the interaction of olefins and silver ion (129, 327). 
It is presumed that in the 1 : 1 complexes silver ion is coordinated with the amino 
nitrogen atom and that the second silver ion in the 1 :2 complexes is coordinated 
at the aromatic nucleus. Similar methods have been employed in studying 1 : 1 
complexes of cresol and silver ion (104). 

C. Vapor pressure measurements 
Qualitative indications of interactions of the donor-acceptor type may some- 

times be obtained through measurements of the vapor pressures of multicom- 
ponent systems. The observation that the deviations of the vapor pressures (from 
those predicted by perfect solution laws) for solutions of phenol, the cresols, and 
cyclohexanol with benzene reached maxima for mixtures approximately 50 mole 
per cent in benzene was originally explained in terms of 1 : 1 complex formation 
(313, 314, 317, 318). Since, however, the deviations were positive in nature, it 
was decided that they must be ascribed to the dissociation in solution of asso- 
ciated forms of one of the components (312, 315, 316). 

Scatchard, Wood, and Mochel have constructed vapor pressure-composition 
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diagrams for the system benzenemethanol at various temperatures (273). The 
data have been used to calculate the change of free energy, enthalpy, and entropy 
of mixing a t  35OC. (in excess of those for ideal solutions). The first two of these 
terms are positive over the entire range of compositions. The first reaches a 
maximum at a methanol mole fraction of 0.5 and the second a t  a methanol mole 
fraction of 0.3. The last term is positive until the methanol mole fraction reaches 
0.3 and then becomes negative. These results are interpreted in terms of inter- 
actions involving hydrogens of the methanol hydroxyl group and the electrons 
of the aromatic nucleus. In  view of these results it seems likely that further work 
on the benzene-phenol system should be undertaken, since phenol is potentially 
a more favorable hydrogen-bonding agent than is methanol. 

The observation that the partial pressure of hydrogen chloride over its solution 
in benzene shows negative deviations from Raoult's law although it obeys Henry's 
law is taken as an indication of solvent-solute interaction to form a complex, 
CaHs.HC1 (228). Attempts have been made to determine the extent of this inter- 
action and those of other aromatic substances with hydrogen chloride through 
considerations based on the observed Henry's law constants (224, 226, 227). 
Although the conclusion that the halobenzenes are less basic with respect to 
hydrogen chloride than is benzene seems correct, the conclusion that nitroben- 
zene is a stronger base than benzene is in conflict with more recent opinion. It is 
probable that these vapor pressure measurements reflect other characteristics of 
the solution in addition to the extent to which complex formation occurs. Similar 
vapor pressure data have been recorded for the system hydrogen bromide-ben- 
zene (159, 225). 

An interesting demonstration of the use of vapor pressure measurements in 
determining the relative capacities of various aromatic hydrocarbons to function 
as electron donors is found in the work of Brown and Brady (49). These investi- 
gators measured the vapor pressure of hydrogen chloride at -78.51"C. over its 
dilute solutions in n-heptane or toluene containing small amounts of the aro- 
matic hydrocarbons in question. The Henry's law constants, k ,  calculated from 
the resultant data ( P H C l  and NHCl in equation 16 represent, respectively, the 
measured vapor pressure and the mole fraction of hydrogen chloride in solution) 

P H C l  = ~ N H C I  (16) 

diminished as the aromatic hydrocarbon content of the solution increased and 
were in general smaller for solutions of the more basic hydrocarbons. These con- 
stants were presumed to measure the relative stabilities of 1:l complexes (see 
equation 17). 

Ar.HC1 G Ar + HC1 (17) 

Ka N A ~  X P m i / N o o m p i e r  (18) 

Dissociation constants, &, for these complexes 

were evaluated for each hydrocarbon from data taken from a series of solutions of 
widely varying hydrogen chloride concentration. The term N,,,1, was calcu- 
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lated from the difference in the known mole fraction of hydrogen chloride in 
solution and that of hydrogen chloride in the pure solvent (n-heptane or toluene) 
at the observed vapor pressure. The term N A P  was taken as the difference be- 
tween the mole fraction of total aromatic substance in solution and that of the 
complex. For 5, 2, and 1 per cent mesitylene solutions in n-heptane average Kd 
values determined by this procedure were 240, 270, and 220 mm., respectively. 

This method is particularly satisfactory for the study of complex formation 
by hydrogen chloride, since the use of low temperatures eliminates the necessity 
for correcting the measured vapor pressure for the partial pressure of the hydro- 
carbon. The use of dilute solutions of the hydrocarbon minimizes the influence 
of secondary interactions on the vapor pressure of hydrogen chloride. 

Similar experimental methods have been used in studying the relative stabili- 
ties of complexes of the ArH+BF,- type (202, 203). From measurements of the 
vapor pressures of solutions of aromatic hydrocarbons and boron trifluoride in 
hydrogen fluoride a t  0°C. data have been obtained which have been used, in a 
few cases, to calculate equilibrium constants for the complex formation. The 
a(b/a)  values (equation 9) probably constitute a more realistic criterion of rela- 
tive basicity of the hydrocarbons than do these equilibrium constants, the calcu- 
lation of which from experimental data is based on the assumption that laws of 
dilute solution are obeyed. 

The vapor pressures which are recorded in these experiments are, in themselves, 
of qualitative value in establishing the extent to which the various hydrocarbons 
interact to  form hydrogen fluoride-boron trifluoride complexes. For example, 
the vapor pressures of solutions of boron trifluoride in hydrogen fluoride which 
contain mesitylene are abnormally low as compared to those of mesitylene-free 
solutions. Indeed, the anticipated increases in vapor pressure as the boron tri- 
fluoride content of the systems is increased do not occur until the mole ratio of 
boron trifluoride to mesitylene is almost unity. Apparently the equilibrium with 
respect to  complex formation lies far to the right. In similar measurements of 
hydrogen fluoride-boron trifluoride solutions of m-xylene, abnormally low vapor 
pressures again have been recorded for solutions of low boron trifluoride content. 
However, significant increases in the vapor pressure of the solutions with increas- 
ing boron trifluoride concentration have been observed to occur considerably 
before the boron trifluoride: m-xylene mole ratios of the solutions reach unity. 
One may therefore conclude that the m-xylene complex is considerably less stable 
than that of mesitylene. 

Vapor pressure measurements have also been used in the determination of the 
composition of aluminum chloride-hydrogen chloride complexes of toluene (52, 
53). While toluene and aluminum chloride do not appear to react at -84.1°C., 
their mixtures slowly absorb hydrogen chloride to form green solutions. The 
process is reversible. From observations of the drop in vapor pressure which 
occurs in a closed system during this process of hydrogen chloride absorption it 
has been concluded that 1 mole of hydrogen chloride is absorbed for each mole of 
aluminum chloride which dissolves. When this experiment is performed a t  
-45.4"C., a yellow solution is produced, and the vapor pressure drop corresponds 
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to  the absorption of 1 mole of hydrogen chloride per 2 moles of dissolved alu- 
minum chloride. Presumably the green and yellow colors of the solutions are 
characteristic respectively of the complexes CH$&+ AlC1,- and CH3C6H6+ 
AlzCl,-. Similar methods have been used recently in the investigation of com- 
plexes of the type ArH+ AlBr4- and ArHf A12Br7- (54). 

In  contrast to the observation that toluene and aluminum chloride do not 
interact are the results of measurements of changes in vapor pressure with com- 
position of the system benzene-aluminum bromide a t  15"C., which indicate the 
formation of a solid complex containing equimolar quantities of benzene and 
aluminum bromide (302). The decomposition pressure of the complex is 2 mm. 
at  15°C. The formula of the complex has been written AlzBrs-2CsH6, since there 
is evidence from cryoscopic measurements that aluminum bromide is dimeric in 
benzene (297, 302). Eley and King believe that the solid complex should be dis- 
tinguished from the solution complex, A12Br6. c,&, which has been detected by 
spectrophotometric study (82, 84). These authors attribute the existence of the 
solid complex to the formation of a high-energy lattice and prefer to write its 
formula as A1Br3. C6H6. Aluminum chloride complexes of this type are presumed 
not to form because of the great stability of the ionic lattice of aluminum chloride 
itself. Brown and Wallace have questioned whether this distinction between solid- 
and liquid-phase aluminum bromide complexes is justified and have concluded 
from vapor pressure-composition studies that the solid complexes of benzene and 
toluene also have the formula AlnBr6.Ar (54). The colors of mixtures of aluminum 
bromide with m-xylene or mesitylene and molecular weight determinations of 
solutions of mesitylene and aluminum bromide in cyclopeiitane suggest that these 
hydrocarbons form similar interaction products. Very recent evidence (50) from 
phase studies indicates that two solid complexes, AIBrS.Ar and AltBre. Ar, of 
m-xylene and mesitylene may exist. 

D. Melting point-composition diagrams 
The investigation of the influence of changes in composition on the melting or 

freezing points of two-component systems is an obviously valuable procedure 
for the detection of molecular complexes. Complex formation is associated with 
the existence of two or more eutectic mixtures, and maxima which appear in the 
melting point-composition diagrams correspond to the complex. In some cases 
the complexes are sufficiently unstable to display incongruent melting points. 

This procedure for examining two-component systems for complex formation 
has been used extensively and has been found particularly useful for studying 
mixtures of metallic halides and aromatic substances. For example, the solid 
aluminum bromide-benzene complex (1 : 1 mole ratio) has been encountered in 
the preparation of solid-liquid phase diagrams (242, 243) as well as in studies of 
the vapor pressures of the two-component systems, and is found to have an in- 
congruent melting point of 37°C. (82). Evidence for the existence of both 1 : 1 
and 1 : 2 antimony trihalide complexes of aromatic substances has also been ob- 
tained through the preparation of melting point-composition diagrams (278,285), 
but diagrams for binary mixtures of arsenic tribromide and aromatic substances 
give no indication of component interactions (254). 
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There are apparently many pitfalls in establishing the existence of complexes 
through thermal analysis of binary systems. Although Seyer and Peck (276) have 
reported that the system benzene-sulfur dioxide shows only one eutectic 
( - 79°C.) with no abnormalities in freezing-point behavior, Mazzetti and De 
Carli (205) have prepared a freezing point-composition diagram which shows 
the existence of three addition products, C6Hs.SO2 (m.p. - 15"C.), C O H ~ . ~ S O ~  
(map. -4O"C.), and C6He.3SOz (m.p. -52°C.). Similar diagrams have been 
prepared for the systems toluene-sulfur dioxide, ethylbenzene-sulfur dioxide, 
and tetralin-sulfur dioxide (70,71). Whereas Wyatt (330) was able to detect only 
C&&. CC14 and CsH6.2CC14 from studies of the freezing points of benzene-carbon 
tetrachloride mixtures, KapustinskiI and Drakin (157) report a third addition 
product, CaHs.3CC14, and there is disagreement between the two groups as to 
the melting points of the complexes. They agree, however, that interaction be- 
tween benzene and chloroform cannot be detected by these methods. 

Kofler (175) has pointed out that detection of molecular complexes through the 
preparation of solidification curves is subject to technical difficulties such as 
supercooling, secondary reaction of the components, and the occurrence of solidifi- 
cation blanks. He has employed an interesting method of examining two-com- 
ponent systems which in the hands of an experienced technician is a rapid and 
presumably reliable procedure. In  this procedure, which is useful only for systems 
which melt above room temperature, a hot-stage rnicroscope is used in the melt- 
ing-point determinations (176, 177, 178, 179). One component in its molten state 
is allowed to cover approximately one-half the space between the object holder 
and cover glass. After the melt is solidified, the second component is added in a 
similar fashion to fill the remaining space. The lower melting of the two com- 
ponents is then held for a short time a t  a temperature about 1°C. above its melt- 
ing point and is then cooled. This treatment permits the formation of a strip of 
the molecular complex in the region of the boundary between the two com- 
ponents. The melting characteristics of the material on the object holder are then 
observed. Melting is first detected in the boundary regions which correspond in 
composition to the two eutectic mixtures of the molecular complex and the pure 
components. The melting point of the complex, which separates as a solid island 
between these two melts, can easily be recognized. I t  is claimed that the eutectic 
temperatures can be determined through the melting of as little as 1 per cent of 
the components. This method has been applied successfully to the examination 
of systems such as naphthalene-2,4-dinitrotoluene, ~henanthrene-2~4-dinitro- 
phenol, s-trinitrobenzene-&naphthylamine, and others in which 1 : 1 complex 
formation occurs. 

Sinomiya has attempted to estimate the relative stabilities of various aromatic 
donor-acceptor complexes through consideration of melting point-composition 
diagrams of mixtures of the components (284, 285). In congruent-type diagrams 
(two eutectics and a maximum corresponding to the complex) for the systems 
which form the most stable interaction products, the extent to which the melting- 
point curve flattens a t  the dystectic point is considered to be representative of 
the degree of dissociation of the complex in the fused state. The relative stabili- 
ties of complexes of various substituted nitrobenzenes with naphthylamines and 
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related substances and of antimony trichloride with alkylbenzenes have been 
compared on the basis of the relative magnitudes of values of 7, “the melting- 
point elevation,” as defined in equation 19. 

mt, + ntB 
m + n  

7 = t c -  

The terms ta, t s ,  and t c  represent the melting points of the two components and 
of the complex, respectively, and m:n is the mole ratio of A and B in the complex. 
The constant r represents the difference between the melting point of the complex 
and the weighted average of the melting points of its components. There is no 
apparent theoretical justification for the use of these “melting-point elevations” 
as quantitative measures of the relative stabilities of structurally related com- 
plexes. However qualitatively, a t  least, many of the recorded r values conform 
to the same basicity series for aromatic substances as has been observed in other 
types of investigation. For example, Sinomiya concludes from his melting-point 
data that the stabilities of antimony trichloride-methylbenzene adducts increase 
as the number of ring methyl substituents increases. 

E. Spectrophotometric measurements 
Pronounced changes in absorption spectra are often observed to accompany 

the reaction of two substances to form molecular complexes. Indeed, the existence 
of many aromatic complexes was first recognized through the visible color effects 
produced by the interaction of the component molecules. For example, the red to 
brown color of solutions of iodine in aromatic solvents, as contrasted to the 
violet color of the halogen in inert solvents such as carbon tetrachloride, was 
ascribed to the formation of iodine solvates (174) before convincing proof of the 
interaction was provided. The intense color (orange to red) of the solid 1 : l  
complexes formed by certain weakly basic aromatic amines and picric acid served 
to distinguish these addition products structurally from the yellow salt-like 
amine picrate formed by the more strongly basic amines (131, 135). 

The relative stabilities of complexes of a series of aromatic substances with a 
particular acceptor-type reagent have been assigned on the basis of the differences 
in color of the addition products. Thus the color of the adducts of s-trinitroben- 
zene with a series of diphenylpolyenes shifts from yellow in the case of stilbene 
to a dark brown with diphenyldecapentaene (188). The same effects are observed 
with other acceptor reagents such as quinone, which in the fused state forms a 
colorless melt with stilbene and a reddish brown one with diphenyloctatetraene. 
In  general, increasing stability of a complex appears to be associated with visible 
absorption at increasingly longer wave lengths. The fact that hexamethylbenzene 
picrate is orange-yellow whereas benzene picrate is colorless (21) is therefore 
to be regarded as an indication of the enhancement of the electron-donor capacity 
of benzene through methyl substitution. On the basis of similar colorimetric 
evidence concerning quinhydrones and complexes of aromatic substances with 
polynitroaromatics it has been concluded (80) that the contributions of certain 
substituents in the quinoid or nitroid components to the stabilization or destabili- 
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zation of the complexes are just opposite to those observed when the same sub- 
stituents appear in the benzenoid components. 

In recent years, because of the availability of new and versatile instruments, 
spectrophotometers have been used extensively in the investigation of the less 
stable complexes which exist only in solution. Many of these unstable complexes 
display no visible absorption but rather have been recognized through the 
appearance of bands in the ultraviolet or infrared spectra of solutions of two 
components which are not characteristic of the parent compounds. Hunter and 
Northey (149) were perhaps the first investigators to report measurements out- 
side the visible region in the detection of complex formation. They observed that 
the ultraviolet spectra of thin films of solutions of quinones in various simple 
benzene derivatives were shifted toward the visible as compared to the spectra of 
the fused quinones. The shifts were sufficiently large for solutions of dimethyl- 
aniline in certain of the quinones to suggest the marked occurrence of interaction 
between the components. 

Spectrum measurements are often used to establish the molecular ratio of the 
components in complexes formed in solution. The formula C&-WFs was as- 
signed (252) to the red complex produced in solutions containing tungsten hexa- 
fluoride and benzene on the basis of the observation that the optical densities of 
carbon tetrachloride solutions of these substances (520-570 mp region) varied 
directly with the concentration of either reactant. 

This procedure has been extended in several instances to  provide an estimate 
of the relative stabilities in solution of structurally related complexes which dis- 
play characteristic absorption spectra. An interesting application of the general 
method is to  be found in the work of Michaelis and Granick (207), who studied 
the interactions in dilute solutions of quinones with certain phenolic compounds 
and their ethers and with hexamethylbenzene in different solvents. All of the 
solutions showed pronounced absorption maxima in the visible or near ultraviolet 
(Amm. for chloranil and hexamethylbenzene in benzene occurred a t  512 mp) in 
wave-length regions a t  which the components were either transparent or ab- 
sorbent only to  a minor degree. The optical densities of the solutions, which were 
generally measured a t  the complex absorption maximum against the solvent as 
a blank, varied directly with the concentrations of the two components. The 
optical density, d, is defined by equation 20, in which c represents the molar 
concentration of the complex, I is the width of the absorption cell in centimeters, 
and E is the molar extinction coefficient of the complex. 

(20) lo 
I d = log - = rlc 

The equilibrium constant for formation of the 1 : 1 complex, 

K = C/(P - c ) (b  - C) (21) 

where q and b represent, respectively, the concentrations of both free and com- 
plexed quinoid and benzenoid components, could not be evaluated directly from 
the experimental data. However, since c in all cases was small compared to q and 
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b, values of Ke for each complex could be ascertained using equation 22 and the 

d/qb  = K E  
optical densities (corrected for the absorption of the components) of solutions of 
q and b of 1 cm. width. On the assumption that E values for all of the complexes 
which were investigated were closely similar, K E  values were taken as representa- 
tive of the relative stabilities of the several complexes. This assumption can only 
be employed justifiably, even as an approximation, if the various complexes are 
very closely related structurally. Similar methods have been used in comparing 
the relative stabilities in solution of complexes of various aromatic substances 
with tetranitromethane (69, 125) and of s-trinitrobenzene with aromatic amines 
(115). 

A more satisfactory procedure provides for the independent evaluation of 
both the equilibrium constant and the extinction coefficient of the complex. 
This can be accomplished spectrophotometrically only when an appreciable 
fraction of one of the components in solution exists in the form of the complex. 
The studies of Benesi and Hildebrand (28) on the ultraviolet spectrum of iodine 
in benzene and other aromatic solvents serve as an illustration of the general 
method. While others had attempted to study iodine-benzene interaction in 
terms of visible spectra of solutions (97) or ultraviolet spectra of mixtures of 
iodine and benzene vapor (63), these investigators discovered a high-intensity 
absorption peak in the ultraviolet region (Amsx. = 290 mp) for solutions of iodine 
in benzene which was lacking in the spectrum of iodine in solvents such as carbon 
tetrachloride or n-heptane and which presumably was characteristic of a complex. 
As had been observed previously (110, 305), they found that the visible absorp- 
tion maximum of iodine in its reddish solutions in benzene was only slightly dis- 
placed toward the ultraviolet from the absorption peak of iodine in its violet 
solutions (Amax. = 518 mp) in carbon tetrachloride. 

The optical densities of a series of dilute solutions of iodine in various benzene- 
carbon tetrachloride solvent mixtures were measured at  the ultraviolet absorp- 
tion maximum against the corresponding solvent mixtures as blanks. Although 
an appreciable quantity of the iodine existed in these solutions in the form of a 
benzene adduct, the mole fraction or molar concentration of benzene in solution 
was always very high compared to that of the complex. It was shown, using the 
assumption that this complex was of the 1:l type, that the measured optical 
densities (see equation 20) were related to the equilibrium constant for complex 
formation by equation 23, in which (12)  and (Ar) represent total concentrations 
of the halogen and benzene in solution. 

The validity of this interpretation was established by the fact that plots of ex- 
perimentally determined values of I z l /d  versus the reciprocals of the correspond- 
ing mole fractions of benzene in the solvent gave straight lines. Values of e and 
Ke were evaluated, respectively, from the slopes and intercepts of these lines. 

This procedure for determining K values is subject to certain experimental and 
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theoretical limitations. First, the observed 1/e  values are usually very small, and 
it is difficult to read them from the intercepts with accuracy. Secondly, no 
correction is provided for the contribution of free halogen (usually small) to the 
observed optical densities. However, if this contribution is appreciable, the ob- 
served optical densities can be corrected on the basis of approximate K values 
calculated without taking into account the absorption of free halogen. A more 
exact equation than equation 23 has been developed for application to spectro- 
photometric studies of other systems and includes this correction (166). The 
assumptions that K and E values do not change with changing benzenecarbon 
tetrachloride ratios are probably not exactly correct. Actually the wave length 
of maximum absorption does shift slightly with changes in solvent composition 
for solutions of high benzene content, and presumably E values are also affected. 
Cromwell and Scott (66) prefer to interpret the data on the assumption that e 

(but not K )  is invariant. In the interpretation of similar spectrophotometric 
data for other systems in which relatively dilute solutions of aromatic sub- 
stances were used, these assumptions concerning the constancy of K and E values 
are probably valid (1 1). 

The ultraviolet spectrum of bromine in benzene and other aromatic solvents 
also shows a high-intensity absorption peak in the neighborhood of 290 mw (3) 
which is regarded as characteristic of a 1 : 1 complex (33, 160). Spectrophotometric 
methods similar to those employed in studying the iodine complexes have been 
used to evaluate equilibrium constants for the formation of a number of com- 
plexes of bromine and aromatic compounds. Solutions of iodine monochloride 
(11, 161), chlorine (9), sulfur dioxide (lo), oxalyl chloride (272), maleic anhydride 
and quinones (12, 20), and of aluminum bromide (84) in aromatic solvents also 
display ultraviolet absorption which is characteristic of solvent-solute interac- 
tion products. The method of Benesi and Hildebrand has been used to evaluate 
equilibrium constants for the formation of many of these complexes. Modifica- 
tions of this procedure have been employed in studying the stabilities of com- 
plexes of aromatic nitro compounds with aromatic hydrocarbons and amines 
(13, 47, 92, 111, 190, 197) in chloroform solution. Colorimetric studies showing 
the existence of 1 : 1 complexes of maleic anhydride and various styrenes in chloro- 
form solution (22, 306) have recently been extended (96), using the Job (150) 
method of continuous variations (reviewed by Vosburgh and Cooper (303)) to 
show that in some cases 2: 1 complexes may also be present in these solutions. 

Recently it has been shown (86) that the coloration resulting on the uptake of 
oxygen by dimethylaniline solution occurs reversibly. Oxygenated solutions of 
other aromatics, including benzene, naphthalene, and several monosubstituted 
benzenes, show absorption maxima in the near ultraviolet, which disappear when 
the oxygen is removed. These absorption phenomena have been attributed to 
the formation of aromatic-oxygen complexes similar to those formed by the 
halogens and sulfur dioxide. 

The observation that the products of interaction of electron-acceptor reagents 
with aromatic substances display characteristic visible or ultraviolet absorption 
bands is sufficiently general so that the absence of such bands in the spectrum of 
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a particular complex has been taken as an indication that the binding forces 
between the components are not of the donor-acceptor type. Such, for example, 
is the case for the complex (CH&Pt.0.5CsHs (269). It is, however, erroneous to 
conclude on the basis of spectrum measurements of dilute solutions of solid 
complexes that the spectra of the adducts are the summation of those of the 
components (148), since in very dilute solutions the complexes may be essentially 
completely dissociated (153). It should further be noted that the postulation of 
internal complex formation as the explanation for the color of certain compounds 
(in particular the nitroanilines (73)) is not justified unless the influence of reso- 
nance stabilization on the spectra of those compounds is also considered. 

The application of infrared spectroscopy to the study of aromatic donor- 
acceptor complexes has been particularly valuable in revealing interactions of a 
type in which the aromatic nucleus participates in an association akin to hydro- 
gen bonding with reagents such as hydrogen chloride and methanol. In  benzene 
and other aromatic solvents the fundamental absorption band of hydrogen 
chloride a t  3.46 /I is shifted to longer wave lengths (106, 107,247,324). Although 
such shifts are normally observed to parallel increases in the dipole moment of 
the solvent, the magnitude of the change in several of the aromatics is too large 
to be accounted for solely in these terms. 

Similar shifts in various OD or OH absorption bands of CHIOD or methanol 
in benzene or its substitution products have been obseryed (105, 152, 290). In  
the region of the third harmonic of the OH band (9600 A.) two maxima appear 
when more highly methylated benzenes are used as solvents, while only one 
maximum is encountered when benzene is the solvent (152)- It is suggested that 
in these methylated benzenes two types of interaction products are formed, the 
bond strengths of which are considerably different in magnitude. The shifts in 
the 2689 cm.-' (as measured in carbon tetrachloride solution) OD band of CH,OD 
in various substituted benzenes parallel the increases in the heats of mixing of 
equimolar quantities of the same aromatic substances with chloroform (using 
o-dichlorobenzene as a reference standard) (290). It is inferred, because of the 
success of this correlation, that the observed interactions of the aromatic sub- 
stances with chloroform as well as with CH30D may be ascribed in large part to  
hydrogen bonding. 

Whiffen (323) has found that the width a t  half the maximum absorption of 
the infrared band of chloroform near 760 cm.-l is much greater for solutions in 
benzene, nitromethane, methyl acetate, acetone, and dioxane than in saturated 
hydrocarbon solvents or in carbon disulfide. Professor Hildebrand (145) has sug- 
gested that this widening of the absorption band may possibly be regarded as 
representative of interactions (presumably of the hydrogen-bond type) occurring 
between the chloroform and solvent molecules. 

Attempts to discover infrared absorption bands for 1 : 1 aromatic-halogen 
complexes have been unsuccessful. Although it has been reported (239) that solu- 
tions of iodine in mesitylene show such bands, measurements with solutions of 
highly purified mesitylene show that the absorption which occurs appears to be 
the summation of that of the components (114). However, there is some recent 
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evidence (99) that certain features of this spectrum may be attributed to a 
mesitylene-iodine complex. Absorption bands attributable to a complex are not 
observed over the region 2.5-25 for solutions of iodine in benzene (113). The 
complex of iodine with pyridine, however, shows strong absorption in the infra- 
red. These facts are presumed to indicate that the arornatic-halogen interactions 
do not represent true complex formation but are instead only mild perturbations 
induced in the solute molecules by the surrounding cage of solvent molecules 
(113). It is probably unwise, however, to propose arguments against the existence 
of aromatic complexes on the basis of observations of the spectrum of the pyri- 
dine-iodine complex, since in the latter complex the halogen is undoubtedly 
preferentially coordinated at  the nitrogen atom of the pyridine ring (331). 

Interaction between mesitylene and metallic ions has also been postulated to 
account for certain infrared and visible absorption phenomena which are charac- 
teristic of their mixtures (155, 239). It now seems likely (27) that these spectrum 
changes are produced by interactions of an impurity in the mesitylene rather 
than by those involving the aromatic hydrocarbon itself. 

Among other types of aromatic donor-acceptor interactions which may be 
recognized through infrared absorption studies are those of aniline with nitroben- 
zene (294), dimethylaniline with s-trinitrobenzene, and acenaphthene with m- 
dinitrobenzene (59). The spectra (700-3000 cm.-l) of the 3 : 1 occlusion com- 
pounds of p , p‘-dinitrobiphenyl with biphenyl and p-hydroxybiphenyl, which 
owe their existence to the fact that they form a lower-energy crystal lattice than 
does p ,p’-dinitrobiphenyl, are the summations of those of their components. 

F .  Other methods 
The formation of complexes in multicomponent systems has been detected 

through the application of various other physical methods of measurement. The 
interaction products frequently are more polar than their constituents and may 
therefore be recognized through the determination of the dipole moments of the 
solutions in which they are formed. For example, solutions of hydrogen chloride 
in benzene show a higher dipole moment than does gaseous hydrogen chloride 
(87), and aluminum bromide and iodide display appreciable moments in benzene 
but not in carbon disulfide solution (218, 299, 300). Antimony trichloride also 
shows a high moment in benzene (319). The large moments recorded for tin and 
titanium tetrachloride complexes of benzonitrile, acetophenone, and benzalde- 
hyde (298) probably reflect interactions in which the ring substituent rather than 
the aromatic nucleus shares electrons with the metallic halide. 

The uncertainty as to whether or not solutions of iodine in benzene show dipole 
moments (68, 156, 210, 308, 325, 326) was finally resolved by the experiments of 
Fairbrother (88), who demonstrated that solutions of iodine in the “violet” 
solvent, cyclohexane, gave no measurable moment as contrasted to the appreci- 
able moments recorded for the red to  brown solutions of iodine in benzene, 
p-xylene, cyclohexene, dioxane, and diisobutylene. The moments for the aromatic 
solutions were ascribed to interaction products to the structures of which polar 
forms of the type ArI+I- contribute. It was also noted that the capacity of the 
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solvent to coordinate iodine is dependent not on the dielectric constant of the 
solvent (solutions of iodine in highly polar nitro compounds are violet) but 
rather on the ability of the solvent molecules to function as electron donors. 

Similarly, Weiss (310) interpreted the observation that the addition products 
of s-trinitrobenzene and benzene or naphthalene (193) and of p-dinitrobenzene 
and benzene (44) have appreciable dipole moments as an indication that the 
complexes are significantly ionic in character. The fact that the total polariza- 
tions a t  radio frequencies of a number of crystalline addition products of aromatic 
hydrocarbons or amines with aromatic nitro compounds show both positive and 
negative deviations from the sums of the polarizations of the components has 
also been considered to reflect the partial ionic character of the complexes (186). 
Similar interpretations have been placed on the results of measurements of the 
total polarizations of benzene solutions of this type of complex (271). 

Interactions of the solvent-solute type leading to aromatic donor-acceptor 
complex formation may often be detected through conductance measurements. 
The anthracene.H+F- complex, for example, is presumed to account for the con- 
ductivity of solutions of anthracene in hydrogen fluoride (171). The highly ionic 
nature of the bromine-tetraarylethylene complexes has been also demonstrated 
by conductance studies (55). 

Conductance measurements have been employed in several instances (108, 
215, 246) to investigate the interaction of aromatic substances with metallic 
halides. Among the most interesting of these experiments were those of Werty- 
poroch and Adamus, who were concerned primarily with the nature of the inter- 
mediates in the Friedel-Crafts reaction (320). They observed that aluminum 
bromide solutions in benzene, toluene, and xylene were non-conducting. On 
addition of hydrogen chloride or bromide to these solutions a thick, strongly 
conducting oil was formed. In view of the recent work of Brown and Pearsall 
(52) it seems likely that this material was ArH+Al&- or some closely related 
complex. In later work (328) it was found that the addition of benzene to solu- 
tions of aluminum bromide in ethyl bromide caused a marked increase in their 
conductivities, which reached maximum values after an interval of several 
hours. During this time the benzene was converted to hexaethylbenzene. Evi- 
dence was obtained from transference experiments which suggested that com- 
plexes of the structure A1(C2H5Br),[Cs(C2H6)6]4(A1Br4)3 were responsible for the 
conductivity of these solutions. Similar methods were used to demonstrate that 
the most reasonable formulation of the aluminum bromide-hydrogen bromides- 
triethylbenzene complex is [CaH3(C2H5)aH+][A12Br7-] (223). 

Kilpatrick and Luborsky (169) recently have calculated equilibrium constants 

K = (F-)(ArH+)/(Ar)(HF) (24) 
at 2OOC. from the equivalent conductances, A, of solutions of a number of poly- 
methylbenzenes in anhydrous hydrogen fluoride. The degrees of association, a, 
of the hydrocarbons 

required to determine K values have been calculated on the assumption that as a 
first approximation At is equal to AO for hexamethylbenzene. This approximation 

CY = A/Ar (25) 
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seems justified, since this hydrocarbon is complexed to a high degree. It has also 
been assumed that the mobilities of all cations, ArH+, formed from the various 
hydrocarbons are the same. This assumption seems reasonable, since the equiva- 
lent conductances of solutions to which a large excess of boron trifluoride is added 
(to shift the equilibrium to form the complex to the right by forming BF4-) are 
dependent only on the concentration and not on the structure of the hydro- 
carbon. 

Viscosity measurements sometimes provide evidence of complex formation 
between the components of binary systems. For normal systems, in which no 
marked interactions between the components occur, the viscosity isotherms are 
sagged. For systems in which complexes are formed the isotherms deviate 
markedly from those of ideal solutions, and in cases in which the extent of the 
interaction is pronounced, maxima appear in the viscosity-composition curves. 
The isotherms of sulfur dioxide, thionyl chloride, and sulfuryl chloride in ben- 
zene, toluene, xylene, and mesitylene a t  25°C. indicate clearly the formation of 
solute-solvent complexes (199). For solutions of thionyl chloride in mesitylene, 
in which the deviations from normalcy are extreme, the maximum occurs a t  
approximately a 1 : 1 mole ratio of the components. The solutions of the sulfur 
compounds in cyclohexane exhibit normal behavior. Viscosity isotherms for solu- 
tions of arsenic trichloride in benzene (281), nitrobenzene, and pyridine (181) 
also show definite maxima, and a complex C&&*2SbC13 has been detected by 
viscosity measurements (304). 

The existence of complexes in solutions of thionyl chloride or sulfuryl chloride 
in aromatic hydrocarbons is also suggested by the fact that large positive heats 
of mixing are observed when such solutions are prepared (199). Kirejew (170) 
has noted that if heats of mixing are controlled only by physical factors, they are 
usually zero or negative, whereas the formation of complexes is usually accom- 
panied by positive heat effects such as are observed in the preparation of solu- 
tions of chloroform in aromatic solvents. Tamres (290) has found that the magni- 
tudes of the positive heats of solution of chloroform in benzene, toluene, m-xylene, 
and mesitylene increase "ith increasing methylation of the benzene nucleus. 
However, the increment changes in these values diminish in the same order. The 
drop in these increments is even more marked if bromoform is substituted for 
chloroform. It is suggested that added methyl groups offer steric interference to 
the formation of a hydrogen bond between the aromatic ring and the haloform. 
This effect opposes the inductive effects of methyl substitution, which in general 
results in an enhancement of the basicity of the aromatic nucleus. The chloroform 
complexes must be of the 1 : 1 type, since plots of the heats of mixing per mole of 
solution as a function of solution composition (mole per cent) are symmetrical. 

It seems reasonable that the water might also show some tendency for coordjna- 
tion of the hydrogen-bond type with the aromatic nucleus. Some evidence that 
such interaction may occur has been obtained through the determination of the 
heats and entropies of solution of benzene and other hydrocarbons in water 
(35). 

It has recently been shown (288) that the products of solvent viscosity and the 
iodine diffusion coefficient for solutions of iodine in toluene, m-xylene, and mesit- 
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ylene are less than those of solutions of iodine in normal solvents such as hexane 
and carbon tetrachloride. It is suggested that the existence of iodine-solvent 
complexes in the aromatic solutions may account for these differences, and it is 
further suggested that these deviations from normalcy become more marked as 
the solvent is increasingly methylated. 

111. TYPES OF ACCEPTORS 

Table 1 summarizes the work on aromatic donor-acceptor interaction which 
has seemed, in the author's opinion, to have been most pertinent in the develop- 
ment of the theory of the structure of molecular complexes. This tabulation is 
based on a somewhat arbitrary classification of each acceptor molecule as a repre- 
sentative of one of ten general types. This classification forms the framework for 
a brief discussion of those structural features which confer acidic properties on 
the acceptor molecules. 

Included in this table is a list of the various aromatic donors which are known 
to interact with these acceptors. Where information is available the mole ratio 
of donor to acceptor in the complex is also given. It is desirable, from the reader's 
viewpoint, that a convention be adopted concerning the expression of such 
ratios. In this report, unless otherwise specified, the relative molar contribution 
of the donor precedes that of the acceptor. For the convenience of future investi- 
gators the methods used in the study of the listed complexes are also reported in 
the table. 

Some valuable references may well have been overlooked in the preparation of 
table 1, since important contributions to the literature of the field have in many 
cases been reported only as items of incidental significance in connection with 
problems of broader scope or of different character. Some references to work on 
aromatic donor-acceptor interaction which do not contribute materially to the 
field of molecular complex formation per se have been omitted. In  particular may 
be mentioned those which report the use of picric acid and similar substances for 
the preparation of derivatives of aromatic compounds in connection with prob- 
lems of organic confirmatory analysis. References to the interaction of amines 
with polynitrophenols which lead to the formation of picrate salts rather than to 
?r complexes are also omitted. Neither are complexes of diphenylpolyenes or of 
a ,&unsaturated aromatic carbonyl compounds treated in detail, since their 
interactions may be more complicated in nature than those of simple aromatic 
molecules. Data concerning complexes in which azulenes function as donors (240, 
241) are also omitted, although it seems likely that such complexes are not funda- 
mentally different in type from those formed by aromatic donors. 

Most of the interactions summarized in table 1 can be described by a notation 
of the Dewar type (76) in which the loose coordinate link involving the electrons 
of the aromatic nucleus and a vacant orbital of the acceptor molecule (A) is 
designated by an arrow. 
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It is perhaps more profitable in attempting to illustrate the inherent capacity of 
the various acceptor molecules to participate in this electron-sharing process to  
formulate the complex structures in terms of a more formalized valence-bond 
notation. As will be considered later in some detail, it  must be recognized that 
any single structure of this kind which one can write vastly overemphasizes the 
degree of electron transfer between donor and acceptor molecules and implies, 
probably falsely in most cases, that the acceptor molecule is preferentially co- 
ordinated with an individual ring carbon atom. 

Section A of table 1 is concerned with acid anhydrides, acid chlorides, and 
nitriles as acceptors. Among these are listed a series of dienophiles including 
maleic anhydride, chloromaleic anhydride, and fumaryl chloride. The complexes 
formed in solutions of these substances in aromatic solvents are probably akin in 
nature to transitory colored substances observed to  form during the course of 
the Diels-Alder reaction and have been described (12) in terms of struct,ures such 
as the following: 

The complexes of quinones (section H of table 1) with aromatic substances in 
solution must be closely related in type to the maleic anhydride complexes. The 
structures of solid quinhydrones are undoubtedly modified somewhat by hydro- 
gen bonding between oxygen atoms of benzenoid and quinoid components. 
Hydrogen bonding is obviously not an essential feature of such complex forma- 
tions in solut,ion, since the spectra of solutions of complexes of hydroquinone and 
of its ethers with aromatic substances are similar (207). 

A formulation for the benzene-oxalyl chloride complex has been proposed (272) 
in which the oxygens of the oxalyl chloride molecule are associated a t  para car- 
bon atoms of the aromatic ring. 

P+ 

I n  support of this structure are the facts that Raman and infrared absorption 
data suggest a cis configuration for the oxalyl chloride molecule a t  room tem- 
perature and that the 0-0 distance of the acid chloride approximates the separa- 
tion distance of para ring carbon atoms. As it is written, this structure seems ob- 
jectionable in that it requires the destruction of stabilization by ring resonance 
without compensating for it by resonance stabilization of the complex. Although 
acetyl chloride is not known to form adducts with aromatic substances, available 
evidence does not seem to exclude conclusively the possibility that forms of the 
type 



734 LAWRENCE J.  ANDREWS 

c1 c1 

C1 C1 

contribute to the structure of the complex. It seems likely that phthalic anhy- 
dride, mellitic anhydride, and s-tricyanobenzene function as acceptors in much 
the same fashion as does oxalyl chloride, although information as to intimate 
details of the process are lacking. 

As has been observed previously in the discussion of spectrophotometric stud- 
ies, the infrared spectra of solutions of methanol in benzene and other aromatics 
strongly suggest the existence of associations of the hydrogen-bond type involving 
the hydroxyl hydrogens of the alcohol molecule and the aromatic nuclei. It is 
probable that the association of benzene with other alcohols and with water 
(section B of table 1) also is accomplished through hydrogen-bond formation. A 
similar formulation, supported by infrared absorption studies (107, 247, 324) as 
described in Section 11, may be used to explain the interaction of hydrogen 
chloride and bromide with aromatic substances (section E of table 1). 

Since, as noted in Section 11, solutions of anthracene and polymethylbenzenes 
in hydrogen fluoride are strongly conducting (169, 171), it seems likely that they 
actually contain high concentrations of fluoride ion and a cationic species ArHf. 
The concentrations of the latter can be increased by the addition of the fluoride 
ion complexing agent, boron trifluoride (169). The hydrogen halide-aluminum 
halide complexes (section E of table l), ArH+MX4-, are presumed to be similar 
in nature to those formed in hydrogen fluoride-boron trifluoride solutions. As 
will be discussed later (Section IV), it has been suggested (49, 52, 53) that the 
coordination bond of the cationic complex ion formed in these cases is stronger 
than that of a typical 7~ complex. 

Other association products of aromatic substances such as those with acetic 
acid (section E) and with triphenylmethane and its derivatives (section J) may 
also form through participation of the aromatic donor in hydrogen-bond forma- 
tion. The very interesting triphenylmethane addition products deserve further 
attention, since no clues are as yet available concerning the nature of the bond 
between the component molecules. 

Evidence has been presented in Section I1 that chloroform and bromoform 
(section D of table 1) engage in hydrogen-bond formation with the aromatic 
nucleus. The complexes of benzene with the carbon tetrahalides and with methyl- 
ene chloride (also in section D) have not been characterized structurally and 
require further attention in this regard. 

The complexes of halogens and aromatics (section C of table 1) show increasing 
stability (11, 161) as the polarizability of the halogen component increases 
(Clz < Brz < Iz < ICl). The same series of relative strengths of halogens as 
acids has been deduced from studies of the stability of the trihalide ions (275). 
The suggestion that forms of the type Ar+X2- (alternately formulated by some 
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authors as ArX+X-) offer some contribution to the structure of the interaction 
products (9, 11, 76, 88, 160, 161) therefore seems appropriate and is in accord 
with the fact that solutions of iodine in aromatic solvents show appreciable dipole 
moments (88). The question of the relative steric orientations of the donor and 
acceptor portions of the complex is, however, still a matter of some speculation 
(11, 161, 211, 212, 292). Structures in which the axis of the halogen molecule lies 
both perpendicular and parallel to  the plane of the benzene ring have been sug- 
gested. The former viewpoint is supported by the observations that the spectra 
of the complexes are similar to those of the linear trihalide ions and that the 
iodine monochloride complexes are more stable than those of iodine, while the 
latter more compact formulation can be better justified on theoretical grounds. 

The complexes of sulfur dioxide and related substances are presumed (section 
I of table 1) to be close structural relatives of the halogen complexes. Structures 
of the type 

/ O -  
Ar+:S 

0 
\\ 

in which the sulfur rather than the oxygen atoms of the sulfur dioxide molecule 
is most intimately associated with the benzene ring, have been proposed as repre- 
sentative of these complexes (10). 

The interactions of silver ion and arGmatic nuclei (section F of table 1) have 
been described (6, 327) in terms of a resonance hybrid structure similar to that 
suggested for complexes formed from silver ion and olefins (327). Forms of the 
type, 

in which the silver ion is located above the plane and on the sixfold symmetry 
axis of the ring (293), are presumed to contribute to this resonance hybrid; for 
the 1 :2  complexes the second silver ion has been located on the opposite side of 
the ring (76). However, on the basis of a preliminary interpretation of the x-ray 
diffraction pattern of the solid silver perchlorate-benzene complex it is concluded 
that, in the solid complex at  least, the silver ion is located away from the sym- 
metry axis above and between two carbons of the aromatic ring (268). This view 
is supported by a quantum-mechanical interpretation based primarily on sym- 
metry considerations of the CeHe.Ag+ complex (212). The formation of aromatic 
addition complexes by metallic halides such as aluminum chloride (also in section 
F of table 1) constitutes one of many examples of the function of such salts as 
Lewis acids. Formulations similar to those suggested for halogen and sulfur diox- 
ide complexes may be used to describe these addition products. 

The formation of aromatic addition products of nitro compounds (section G of 
table 1) must be ascribed to the susceptibility of the nitro group to  undergo 
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favorable polarization, as indicated below for tetranit>romet,hane, on the ap- 
proach of an electron-rich reagent, 

-0 0- 

It is not yet clear whether the seat of coordination of the donor molecule in such 
complexes necessarily is the nitrogen atom of a specific nitro group or whether 
the electron-attracting force of the nitro and similar groups in the acceptor mole- 
cule may be exerted through the aromatic nuclei to which they are attached (29). 
Crystal structure determinations of solid polynitroaromatic complexes (1, 250, 
251) seem to provide no definitive answer in this matter but indicate that the 
interactions between components are weak in character. 

IV. STABILITIES O F  THE COMPLEXES AS INFLUENCED BY THE STRUCTURES O F  THE 

COMPONENTS 

Although the forces of interaction between the components of aromatic donor- 
acceptor complexes ordinarily are much weaker than those associated with the 
formation of true chemical bonds, the extent to which these interactions occur 
in solution is, nevertheless, governed by the mass action principle. Equilibrium 
constants for complex formation between a large number of donors and acceptors 
in solution have been determined by a variety of procedures, as outlined in 
Section 11. These constants, which serve as a basis for comparison of the relative 
stabilities of the complexes, are generally enhanced by the introduction in the 
aromatic donor component of substituents which increase the electron density 
of the ring. Favorable electronic influences of these substituents appear in certain 
cases, however, to be overshadowed by unfavorable steric effects. A detailed 
consideration of the observations on which these conclusions (and others con- 
cerning the influence of changes in donor and acceptor structures on complex 
stabilities) are based is presented in this section. It should be noted that the 
classification of the complexes under discussion as products of donor-acceptor 
interaction is an outgrowth of these observations. 

A .  Monosubsti tuted benzenes as donors 
The relative stabilities of complexes of a variety of monosubstituted benzenes 

with silver ion in aqueous solution (6, 7, 8) increase with changes in substituent 
in the following order (the numbers in parentheses are the equilibrium constants, 
K1, as defined by equation 5 for the formation of 1 : 1 complexes, Ag.Ar+): NO2 

H (2.41), OCH3 (2.50), CH, (2.63), I (5.00), CH=CH2 (18.2). With the excep- 
tion of the last two substituents this order parallels in a general way the capacity 
of the substituents to enhance the electron density of the aromatic ring, as 
measured by their effects on the rates and positions of electrophilic aromatic 
substitution. It has been shown that the logarithms of these equilibrium constants 

(0.19), F (0.46), COCH3 (0.54), COOCQHE (0.56), C1 (0.69), Br (0.97), OH (2.19), 
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give a straight line when plotted (7) against the Hammett urneta values (116) for 
the corresponding substituent groups, a fact which may indicate that the relative 
stabilities of the complexes are controlled primarily by the inductive effect of the 
ring substituents. 

The exceptionally high K1 value for iodobenzene as compared to that for the 
other halobenzenes is ascribed to the formation of complexes in which silver ion 
is preferentially coordinated with the iodine atom rather than with the aromatic 
nucleus (7). The high value for styrene may indicate that in its complex silver 
ion is specifically coordinated a t  the vinyl side chain (8). As might be expected, 
the K 2  values (equation 6) for the formation of 1 : 2  complexes, Ag,.Ar++, of these 
substituted benzenes are much smaller than the K1 values. 

There are other data in the literature which demonstrate the same relative 
order of stability for complexes of monosubstituted benzenes with various types 
of acceptors. Among these may be mentioned the equilibrium constants, as deter- 
mined by spectrophotometric methods, for the interaction of bromine ( l G O ) ,  
iodine monochloride ( l G l ) ,  and sulfur dioxide (10) with aromatic donors. These 
increase with changes in donor in the order chlorobenzene < benzene < toluene. 
From measurements of the vapor pressure of hydrogen chloride over solutions of 
benzene derivatives (49) the stability order of hydrogen chloride complexes is 
established as benzotrifluoride < chlorobenzene < benzene < toluene. The 
stabilities of the halobenzene-bromine complexes are in the order chlorobenzene 
< benzene < bromobenzene < iodobenzene, but of the hydrogen chloride- 
halobenzene complexes that of iodobenzene is the least rather than the most 
stable. Bromine may fall into that class of acceptors which show some tendency 
to coordinate with halogen bound in aromatic compounds. 

With some acceptors the magnitudes of the relative stabilities are considerably 
more sensitive to changes in ring substituents than are those of the silver-ion 
complexes. The relative stabilities (in parentheses) of tetranitromethane com- 
plexes of monosubstituted benzenes in chloroform (125) increase with changes 
in ring substituent as follows: H (0.05), CH3 (0.90), OCOCH, (l.G8), OH (12.28), 
OCeH6 (15.87), OCH3 (20.41), OC2H6 (20.62). Data taken by distribution pro- 
cedures for picric acid complexes (209) seem anomalous in that the addition 
products of nitrosubstituted benzenes are more stable than that of benzene itself, 
even though nitro groups are strongly electron-withdrawing in nature. It is 
probable that specific interactions between the nitro groups of the two com- 
ponents lead to the formation of these and closely related (109, 117, 118) com- 
plexes. 

Similar effects of changes in donor substituents are noted for other than mono- 
substituted benzene systems. The relative stabilities of s-trinitrobenzene com- 
plexes of a variety of ring-substituted aromatic amines in carbon tetrachloride 
are roughly parallel to the base strengths of the amines, which in turn are in- 
fluenced by the ring substituents (115). The stabilities of the picric acid adducts 
of a series of stilbenes in chloroform (13) are in the order p-chlorostilbene < stil- 
bene < p-methylstilbene. 

Sinomiya (284), through use of his melting-point elevation procedures, has 
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recorded the following stability series for a-substituted naphthalene complexes 
of s-trinitrobenzene : 

a-substituent: NHz > CH, > OH > CzH6 > OCHa > C1 > Br > OCzH6 > H 

Certain groups, particularly OCzH6 and H, seem out of place in this series, a fact 
which is not surprising, since no more than the most qualitative interpretation 
of this kind of experimental data seems justified. 

The stabilities of the adducts of substituted anilines and 2 ,Cdinitrochloro- 
benzene (determined by spectrophotometric methods) in ethanol do not conform 
in every detail to the anticipated effects of the various substituents on the basici- 
ties of the donor molecules (265). It is possible that these stabilities would fall in 
the expected order if a non-polar medium, in which solvation effects are relatively 
unimportant, were used in their investigation. 

B .  Polymethylbenxenes and alkylbenxenes as donors 
Sufficient information concerning complexes of polymethylbenzenes and alkyl- 

benzenes is available so that a rather detailed examination can be made of the 
effects on the stabilities of the complexes of changes in the number and kinds of 
donor substituents. Table 2 presents a summary of the relative stabilities of 
addition products of these donors with a number of different acceptors. The 
stabilities of the p-xylene complexes have been chosen as reference standards, 
and the reported data have been compiled from the results of equilibrium studies 
which are presumed to be representative of comparative tendencies for 1 : 1 com- 
plex formation. 

With all acceptor types except silver ion it is apparent that the donor strength 
of benzene is enhanced by increasing methyl substitution in the order: toluene 
< xylenes < mesitylene < hexamethylbenzene. The colors of solid picric acid 
addition compounds of these benzene derivatives deepen from light yellow to 
orange yellow in this same order (21). These changes reflect the capacity of a 
methyl substituent, through induction or hyperconjugation, to increase the 
electron density of the aromatic nucleus. 

For the silver-ion complexes the order of stability is mesitylene < durene < 
benzene < toluene < xylenes. Two explanations have been advanced to explain 
the low stability of the mesitylene and durene complexes. In  the fist it is assumed 
that water molecules in the hydration sphere of silver ion hinder, through overlap 
of ring methyl substituents, the close approach of the metallic ion to the aromatic 
nucleus (6). In  the other it is believed that the approach of silver ion to a bonding 
position near the perimeter of the ring is inhibited in a molecule in which unsub- 
stituted carbon atoms are adjacent to methyl-substituted carbon atoms (212). 

Other evidence suggesting that opposing electronic and steric factors affect the 
donor strength of methylated benzenes is to be found in the previously cited 
(Section 11) reports of the interaction of substituted aromatic hydrocarbons with 
chloroform and bromoform (290) and with methanol (152). The data of these 
investigations indicate that even the donor capacity of m-xylene is subject to  
some steric repression. 
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There is no convincing evidence of steric influence of ring substituents on the 
response of these donors to other types of acceptors except in the cases of the 
iodine and iodine monochloride complexes of hexamethylbenzene. Of the two 
most likely structures which have been suggested for benzene-halogen complexes 
(one in which the axis of the halogen molecule lies on the sixfold symmetry axis 
of the ring (160) and the other in which the halogen molecule lies parallel to the 
ring with its center on the sixfold symmetry axis (212)), neither would appear 
to be less favored sterically by a high degree of donor methylation. On the other 
hand a consideration of molecular models indicates that in hexaethylbenzene the 
?r electrons of the aromatic nucleus must be shielded to a considerable extent by 
the alkyl groups (11,292). Actually (see table 2) the stabilityof the iodine mono- 
chloride complex of hexaethylbenzene is of the same order of magnitude as those 
of benzene, toluene, and ethylbenzene and is much lower than that of hexamethyl- 
benzene; similar stability relationships are observed for the iodine complexes of 
toluene, hexamethylbenzene, and hexaethylbenzene. 

As the polymethylbenzene-iodine complexes increase in stability the wave 
length of their primary near-ultraviolet absorption band shifts toward the visible. 
The hexaethylbenzene complex is exceptional in this regard; its absorption maxi- 
mum lies further toward the visible than that of any of the other polyalkylben- 
zene-iodine addition products. Presumably, hexaethylbenzene is inherently a 
strong base to which halogens which have penetrated the steric barrier are rather 
tightly held (292). 

Other evidences of steric interference of donor methyl substituents have been 
cited by Orchin (229). For example, of the twelve monomethyl-l,2-benzanthra- 
cene picrates all are higher melting than picric acid with the exception of the 
9-methyl- and 1’-methyl-1 ,2-benzanthracene derivatives. In the former hydro- 
carbon the 9-methyl group must overlap the 1’-hydrogen. Because of this overlap 
the approach of picric acid to  the hydrocarbon plane is hindered, and a low-melt- 
ing complex of low stability is formed. In  the 1’-methyl compound similar 
methyl-hydrogen overlap must occur. Actually this hydrocarbon forms a dipic- 
rate. Because of steric factors the hydrocarbon may tend to be non-planar and 
function as two independent naphthalene nuclei with respect to coordination 
with picric acid. Steric factors are also presumed (229, 321) to account for the 
low stabilities of picrates and related complexes of the cis isomers of stilbenes and 
1 ,2-dibenzoylethylenes. Hydrogen rather than methyl overlap tends to de- 
stabilize the picric acid and s-trinitrobenzene complexes of l-phenyl-l-a-naph- 
thylethylene (48). The failure of rubrene to form complexes with m-dinitroben- 
zene and s-trinitrobenzene (36) is attributed to steric interference by the four 
phenyl groups on the naphthacene nucleus of the hydrogen molecule. 

Brown and Brady (49) have compared the relative stabilities of the hydrogen 
chloride and hydrogen fluoride-boron trifluoride complexes of polymethyl- and 
alkylbenzenes with the relative rates (64, 74) of nuclear halogenation of the aro- 
matic compounds (see the last column of table 2). Alterations in ring substituents 
produce marked and very similar changes in the susceptibility of the aromatic 
compounds to ring halogenation and to complex formation with hydrogen fluo- 
ride-boron trifluoride. A linear correlation between the logarithms of the relative 
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halogenation rates of the donors and the logarithms of the relative stabilities 
of the corresponding hydrogen fluoride-boron trifluoride complexes has been 
demonstrated. The hydrogen fluoride-boron trifluoride complexes are therefore 
regarded as close structural relatives of the transition state intermediates in 
electrophilic aromatic substitution reactions. These complexes, as well as the hy- 
drogen chloride-aluminum chloride-aromatic addition products, are pictured in 
terms of a structure in which a proton is specifically coordinated at  one of the ring 
carbon atoms. For the toluene complex a structure of the type 

may be written, in which the organic cation is stabilized through methyl group 
hyperconjugation (49, 202). These interaction products, in which the bonding 
between the acceptor and ring carbon is of the sp3 type, are designated as sigma 
(u)  complexes to differentiate them from the less stable 7 complexes in which the 
donor molecule accommodates the acceptor probably without the sacrifice of 
appreciable resonance energy. Recent quantum-mechanical calculations suggest 
that benzenium ion itself, GHp+ (which is presumably of the u complex type), 
should be stabilized to a considerable degree by hyperconjugation (238). 

In  support of the u complex structure are cited the facts that the hydrogen 
fluoride-boron trifluoride and hydrogen chloride-aluminum chloride complexes 
are highly colored. Also, of the xylene isomers the meta forms by far the most 
stable adduct, and mesitylene is the most basic of the trimethylbenzenes and is 
more basic than 1,2,4 , 5- or 1,2,3,4-tetramethylbenzene. It can readily be 
demonstrated (202) that hyperconjugative stabilization of protonated poly- 
methylbenzenes of the u complex type is greatest when methyl substituents are 
in meta positions relative to each other. In addition, the hexamethylbenzene- 
hydrogen fluoride-boron trifluoride complex is more stable than that of hexa- 
ethy1benzene;and it is observed experimentally that ethylbenzene, which is subject 
to less hyperconjugative resonance stabilization than is toluene, is halogenated 
more slowly than is toluene. 

Anthracene forms a yellow complex in sulfuric acid to which the structure 

+ 
is assigned (102). The choice of the meso position as the preferential seat of proton 
coordination has been justified on theoretical grounds and is supported by the 
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observation that the spectrum of the complex is closely similar to those of the 
diarylcarbonium ions formed from diarylethylenes (100, 102) or diarylcarbinols 
in sulfuric acid solution. Deuterium tracer experiments also show that proton 
exchanges of anthracene in sulfuric acid occur most readily a t  the meso position 

The spectra of aromatic hydrocarbons in hydrogen fluoride-boron trifluoride 
solutions (260) show bands at 4000 8. which are presumed to be characteristie 
of aromatic carbonium ions and which are similar to those of anthracene in sul- 
furic acid. Some multi-ring hydrocarbons in hydrogen fluoride-boron trifluoride 
also show bands at  about 4800 8. which are ascribed to protonated structures in 
which the positive charge is distributed over the entire ring system. Absorptions 
in the 300 mp region of these solutions are tentatively ascribed to Ar-BFa com- 
plexes. 

Although a general enhancement in the relative stabilities of hydrogen chloride 
complexes with increasing donor methylation is observed, the magnitudes of the 
changes are by no means as great as those found for the hydrogen fluoride-boron 
trifluoride adducts. Graphing of the logarithms of the relative stabilities of the 
hydrogen chloride complexes versus the logarithms of the halogenation rates of 
the corresponding donors does not produce as elegant a linear plot as is obtained 
for the hydrogen fluoride-boron trifluoride data, largely because the points for 
ethyl-, isopropyl-, and tert-butylbenzenes fall markedly off the line. Unfortu- 
nately the stabilities of the hydrogen fluoride-boron trifluoride addition products 
of these alkylbenzenes are not known. However, if the stabilities of the hydrogen 
chloride-alkylbenzene complexes were dependent on the capacity of the alkyl 
group to hyperconjugate with the aromatic nucleus, the reverse of the observed 
order (toluene < ethylbenzene < isopropylbenzene < tert-butylbenzene) would 
be found. These facts and the fact that the complexes of m-xylene and mesitylene 
with hydrogen chloride are not markedly more stable than those of their isomers 
led Brown and Brady to conclude that these complexes are of the ?r type and 
that their stabilities are influenced by donor substituents in a different way from 
those of the more stable u types. 

There is obviously some justification for the proposal that a u complex may 
have a discrete existence and is not necessarily to be encountered only as a 
fleeting intermediate in an aromatic substitution reaction. The measurement of 
an activation energy for the conversion of air to a u complex for a given benzenoid 
donor-acceptor system would provide substantiating evidence for the u complex 
theory. There is reason to believe that two different types of pyridine-iodine 
complexes,6 which are separated by an energy barrier, may form (213). 

More attention should be given to the fact that the magnitudes of the re- 
sponses in donor strength to changes in ring substituents vary widely for different 
acceptors and may be dependent on factors such as the polarizabilities or electron 
affinities (see Section V) of the acceptors. With hydrogen chloride as the acceptor 

6 The results of recent work on the interesting pyridine-iodine complexes, in which iodine 
is probably preferentially coordinated at  the ring nitrogen atom, are available in references 
34,173, 184, 289, and 331. 

(101). 
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the increases in complex stabilities with increasing donor methylation are small; 
they are somewhat greater for iodine and iodine monochloride and are, of 
course, very large for hydrogen fluoride-boron trifluoride as well as for hydrogen 
fluoride itself. For the complexes of the weaker acceptors these changes are often 
not far greater than the experimental errors and may therefore deserve no more 
than qualitative attention. Large differences in the relative magnitudes of the 
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Log of HF-BF, Complex Stability and log of Halogenation Rate. 
FIG. 1. The relationship between logarithms of the stabilities of iodine monochloride 

complexes of polymethylbenzenes and of the logarithms of the stabilities of the correspond- 
ing hydrogen fluoride-boron trifluoride complexes or of the nuclear halogenation rates of 
the hydrocarbons. For the upper curve read ordinate values on the right and for the lower 
curve read ordinates on the left. Benzene ring substituents are indicated as follows: ,o- 
(CHs)2; A,  m-(CH&; A, p-(CHs)z; 0 ,  1,3,5-(CHs)s; B, 1,2,4,5-(CHd,; 9 9 (CHds; 
V, (CHa),; 0 or B, CH,; -0, C2H6; 6,  i-C&; b , t-CdHs. 
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strength of bases with changes in reference acids have been noted for other types 
of interaction. For example, pyridine is twenty-five times as strong as aniline with 
respect to antimony trichloride and is five hundred times as strong as aniline in 
its response to picric acid (180). 

The iodine monochloride complexes are very likely of the simple ?r type, since 
the equilibrium for their formation in solution is established instantaneously a t  
room temperature. The logarithms of their stabilities, insofar as data are avail- 
able, show a fair linear correlation with the logarithms of the rates of halogena- 
tions and with the logarithms of the stabilities of the hydrogen fluoride-boron 
trifluoride complexes of the corresponding donor molecules (see figure 1). The 
data for the complexes of ethyl-, isopropyl-, and tert-butylbenzenes, contrary to 
those obtained using hydrogen chloride as a donor, show no abnormalities when 
they are analyzed in this manner. Certainly the trends in stability, if not in the 
magnitudes, for each of the donor-acceptor systems listed in table 2 are similar 
to the observed trends in halogenation rate of the donors. It seems, then, that the 
best criterion for distinguishing T and u complexesl8 if they are to be regarded as 
different structural entities, lies in an examination of the changes in relative 
magnitudes of the stabilities of the complexes with changes in donor substituents. 

Anderson and Hammick (4) have made an interesting observation concerning 
the stabilities of a series of alkylbenzene picrates (see table 2). These vary as the 
alkyl groups are changed in the order H,  C2H6, n-C3H7, n-C4H9, n-C6H11 in the 
same zigzag fashion as do the melting points of the straight-chain fatty acids 
from formic to hexanoic. The stabilities of the complexes in which the alkyl sub- 
stituents (R) are H, CH3, C2Hs, i-C3H7, t-C4H9 vary in much the same way as do 
the melting points of the acids RCOOH. It is suggested that the interaction ener- 
gies of the complexes in the liquid state are comparable with latent heats of fusion 
of the acids. Since the latter are presumed to be dependent on the packing 
arrangement of the alkyl chains, it follows that packing factors may also be of 
significance in determining the stabilities of the T complex in solution. 

C. Multi-ring compounds as donors 
Rapson, Saunder, and Stewart (258) have observed that the donor-acceptor 

ratio in aromatic complexes is usually 1 : 1 unless two or more structurally inde- 
pendent coordination sites are present in the donor molecule. In the stilbenes 
(321) and diphenylpolyenes (188), which form 1 :2 complexes with s-trinitro- 
benzene, the two benzene rings probably function as separate coordination cen- 
ters. Since, however, the colors of the complexes are intensified as the length of 
the polyene chain is increased, the stabilities of the complexes must depend on the 
extent to which electronic interaction between the aromatic rings of the donor 
molecule can occur. Even when two such sites are available, steric relationships 
may be unfavorable for their simultaneous occupancy by an acceptor. The poly- 

6 Mulliken (213) uses the terms inner and outer complex more or less synonymously with 
the terms u and K complex. He further subtypes these according to structural variations in 
donor and acceptor molecules. These subclassifications are important t o  his general theory 
of donor-acceptor interaction, but will not be treated in detail in this discussion. 
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nuclear aromatic hydrocarbons, in spite of their large size as compared to simple 
benzenes, frequently function as single donor units. The donor character of the 
1 : 1 complexes is considerably less from both an electronic and a steric point of 
view than that of the uncomplexed hydrocarbon. With very large donors such 
as 1,2,5,6-dibenzanthracene (153) 1:2 complexes are often formed. 

There are a number of reports concerning the formation of 1 :3  complexes of 
benzene with acceptors such as carbon tetrachloride (157, 330), methylene chlo- 
ride (257), and sulfur dioxide (70, 71, 205); these are somewhat surprising con- 
sidering the steric limitations of benzene as a coordination center. Most of these 
complexes have been characterized through thermal analysis of binary systems, 
a procedure which is not always reliable for the determination of the composition 
of a complex. 

In  general, in the absence of unfavorable steric factors the stabilities of 1: 1 
complexes of a given acceptor increase as the number of benzene rings in the 
donor, or fused rings in a polynuclear donor system, is increased. (As Orchin (229) 
points out, however, certain complexes are usually stable because of fortunate 
relationships in the size and shape of the donor and acceptor molecules.) The 
iodine and iodine monochloride complexes of naphthalene and bibenzyl are more 
stable than thoseof benzene (ll), as are the anthracene complexes of maleic 
anhydride (12) and tetranitromethane (125). 

Using the equilibrium constants for the formation of 1 : 1 complexes of silver 
ion and benzene, Andrew and Keefer (6) have attempted to estimate, on a sta- 
tistical basis, the formation constants K1 and Kz (equations 5 and 6) for 1 : 1 and 
1 : 2 silver-ion complexes of multi-ring hydrocarbons. In this treatment it has 
been assumed that each six-membered benzene ring offers two potential sites, 
one on each side of the plane of the ring, for coordination of silver ion. For bi- 
phenyl (observed K 1  = 3.94) a K1 value twice (2 X 2.41) that for benzene is 
predicted. In  diphenylmethane non-coplanarity of the rings should for steric 
reasons eliminate one of four potential bonding sites. Thus a K1 value of X 
2.41, only slightly more than the observed value, is predicted. Estimated values 
for fused ring systems are generally much greater than the observed values, a 
result which is hardly surprising since polynuclear aromatics do not behave as a 
group of independent benzenoid components. 

A K 2  value for benzene one-fourth that of its K1 value is predicted if one as- 
sumes that the first silver ion does not alter electrostatically the capacity of the 
aromatic nucleus to coordinate silver ion. The observed value (0.21) is much less 
than the predicted one. The observed K z  values for the 1:2 complexes of naph- 
thalene (0.91), biphenyl (l.Ol), diphenylmethane (1.04), and phenanthrene 
(1.80), in which the two silver ions may be presumed to be widely separated, are 
much larger than those for simple benzenes. 

D. The acceptor structure 
Some of the broader aspects of the influences of changes in the acceptor struc- 

ture on the stability of the complex have already been discussed. In addition it is 
of interest to consider in more detail how the stabilities of complexes of quinones 
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and polynitroaromatics are affected by group substitution in the acceptor mole- 
cule. The general rule that those same substituents which enhance the basic 
character of the donor molecule diminish the acidic properties of the acceptor is 
illustrated by the relative tendencies for complex formation of a series of quinones 
which are in the order (149) : 

duroquinone < xyloquinone < toluquinone < benzoquinone < chloroquinone 

In a series of 4-substituted-l , 3-dinitrobenzenes the acceptor strength is reported 
(58) to decrease with changes in 4-substituents in the order C1 > Br > OH 
> H > CHa > NH2. This order has been established qualitatively in terms of 
the number of solid addition products which can be isolated from each acceptor 
and a variety of aromatic hydrocarbons, amines, and phenols. The anomalous 
position of the OH substituent in this series may result from the fact that many 
of the tested donors are amines, which very likely form picrate-type salts rather 
than true complexes. 

It has long been recognized that s-trinitrobenzene forms many more complexes 
than does picric acid, a fact which reflects the electron-donating properties of the 
methyl group (relative to hydrogen). The fact that trichlorotrinitrobenzene read- 
ily forms solid complexes and colored melts with hexamethylbenzene and naph- 
thalene, while trinitromesitylene does not, may be similarly explained (119). 

The stability of the nitroaromatic complexes is enhanced by increasing substi- 
tution of nitro or other electron-withdrawing groups on the acceptor nucleus. 
The complex of a-nitronaphthalene with aniline is much less stable than that of 
1,5-dinitronaphthalene (209), and the equilibrium constants for formation of the 
1 : 1 aniline complexes of m- and p-dinitrobenzenes and s-trinitrobenzene in chlo- 
roform at room temperature (190) are in the ratio 1: 1:7. The effects of the group 
substitutions in polynitroaromatic acceptors on the stabilities of complexes are 
reported (29) to fall in the following order (which is representative of the electron- 
withdrawing power of the groups) : 

COCl > COOCH3 > CONHz 

SOzCl > SOzCHa > SOCHa 

NO2 > CN > COOCHs 

The melting-point elevation data of Sinomiya (284) provide interesting quali- 
tative information concerning the effects of relative placement of nitro and other 
substituents on the stability of polynitroaromstic complexes. Apparently sub- 
stitution on a carbon adjacent to a nitro group constitutes a situation which is 
sterically unfavorable for complex formation. This is particularly noticeable if 
that substituent is itself a nitro group. The following orders of stability for 
several series of acceptors are illustrative: 

Trinitrobenzenes: 1 ,3 ,5  > 1,2,3 or 1 ,2 ,4  
Trinitrotoluenes: 2,4,6 > 2,3,4 or 2,4,5 
Dinitrophenols or dinitrotoluenes : 2 , 4 or 2 , 5 or 3 , 5 > 2,6 > 2 , 3 or 3 , 4 
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It seems probable that for maximum stability of the complex the nitro group 
must remain in the plane of the acceptor ring, which it cannot do in the presence 
of sizable ortho substituents. In  this regard it is of interest to note that Ross, 
Bassin, and Kuntz (265) have recently determined equilibrium constants by 
spectrophotometric methods for the interaction of anthracene with a variety of 
l-substituted-2,4,6-trinitrobenzenes in chloroform and have found that the 
stabilities of the adducts must be controlled by factors other than the electron- 
withdrawing power of the acceptor substituents. 

Related examples of repression of complex formation because of unfavorable 
steric situations in donor molecules were reported some time ago (197, 198). On 
the basis of observations of the colors of solutions or solid addition products of 
s-trinitrobenzene and methyl- and dimethyl-substituted N , N-dimethylanilines 
it was concluded that methyl substituents ortho to the dimethylamino group 
produce marked destabilization of the complex. These ortho substituents seri- 
ously restrict the capacity of the dimethylamino group to engage in resonance 
with the aromatic nucleus (322). Such resonance, in the case of aromatic amines, 
appears to be essential for color-producing interactions with nitro compounds. 
It has, for example, been observed (98) that the colors of solutions of a-phenyl- 
ethylamine and nitrobenzene, unlike those of aniline and nitrobenzene, are not 
significantly different from those of the components. 

V. THE BOND BETWEEN COMPONENTS O F  THE COMPLEXES 

As evidence has accumulated from stability studies that a large group of 
molecular complexes are products of aromatic donor-acceptor interaction, many 
attempts have been made to describe precisely the binding forces between the 
components of the complex. Mulliken (211, 212, 213) has recently integrated 
(from a quantum-mechanical point of view) the various opinions which have 
been expressed to provide a theory which seems compatible with the known 
chemical and physical properties of the complexes. The course of this theoretical 
development during the last quarter of a century is summarized in the following 
pages. 

A .  T h e  covalent bond theory 
In  discussing the structures of complexes of aromatic substances with nitro 

compounds Bennett and Willis (30) rejected the Pfeiffer (235) concept of inter- 
action through saturation of residual valence fields in favor of a theory of co- 
valent bonding between components. The covalent bond was presumed to link 
the nitrogen atom of a nitro group to a carbon of the aromatic ring, as indicated 
below. 

0- 
+/ 

R-N 
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In  support of such a structure were cited the facts that the complexes were 
formed in simple molecular ratios and were highly colored, neither of which facts 
seemed to be consistent with the picture of residual valence. This suggestion, 
which was upheld for a time (17, 209), became unreasonable when it was dis- 
covered (5,  251, 307) that the separation distances between components in 
crystalline complexes were much larger than are observed for covalent bonding. 
The rapidity with which equilibria to form complexes in solution are established 
also is not typical of reactions to form covalent bonds. Of all these equilibria 
which have been investigated only the reaction between indene and methyl 
4,6,4',  6'-tetranitrobiphenate (122) has been reported to proceed a t  a sufficiently 
slow rate to permit kinetic study.' 

B. The polarization aggregate theory 
Briegleb (41, 43) has formulated the complexes of nitro compounds and aro- 

matic hydrocarbons as products of interaction resulting from electrostatic attrac- 
tion between molecules with permanent dipoles and non-polar molecules which 
are subject to polarization through induction. Consistent with this theory is the 
fact (47) that the heats liberated on formation of 1 : 1 complexes with s-trinitro- 
benzene decrease with changes in polarizability of the hydrocarbon component 
in the order: anthracene > phenanthrene > naphthalene > benzene. The heats 
of formation are generally small (AH = -4.4 kcal. for the anthracene complex) 
and are subject to variations with changes in solvent which result from changes 
in solvation energies of the complex and its components. The observed trends in 
heats of formation with changes in components of the complex are probably of 
some signifkance if the comparisons are restricted to data on structurally similar 
complexes contained in the same medium. 

The induction energy between a dipole such as the nitro grou and a non-polar 
aromatic hydrocarbon, assuming a separation distance of 3 I., has been esti- 
mated to be about 2 kcal. (42). The observed heats of formation of complexes of 
s-trinitrobenzene and certain of the dinitrobenzenes with naphthalene, anthra- 
cene, and biphenyl in carbon tetrachloride, in which solvation energies should 
be small, are all of this order of magnitude. Similar values (AH = -1 to -4 
kcal.) have been reported for the heats of formation, in solvents of low polarity, 
of complexes of aromatic hydrocarbons and amines with a wide variety of ac- 
ceptors including sulfur dioxide (19), maleic anhydride (20), chloranil (306), 
polynitroaromatics and tetranitromethane (46, 111, 115, 125, 126), and iodine 
(66, 301). 

Briegleb and Schachowskoy (47) note that the heats liberated in the formation 
of complexes of acenaphthene increase as the nitro component is changed from 

7 Some doubt has therefore been expressed (126) as to  whether a complex is truly the 
product of this reaction. Ferguson (90) has suggested that the benzene rings of the nitro 
compound may have to attain a planar configuration during the process of complex forma- 
tion. This would require an appreciable activation energy because of overlap of 0 ,o'-sub- 
stituents. 
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nitrobenzene to m-dinitrobenzene to s-trinitrobenzene. They conclude that the 
stability of the complexes is governed by the number of partial moments rather 
than the overall moment of the acceptor molecule. However, substances such as 
iodine, which lack even partial moments but which are susceptible to polarization, 
readily form complexes with aromatic hydrocarbons. The fact that solutions of 
non-polar components such as p-dinitro- or s-trinitrobenzene in benzene or 
naphthalene display measurable dipole moments has been offered in further 
support of the Briegleb theory (44, 193, 194). 

C. The views of Gibson and Loefler and of Hammick 
Some effort has been made to explain the intense colors of aromatic-nitro 

complexes in terms of the dipole-dipole interaction theory (233). However, the 
opinion has often been expressed (78, 98, 122, 126, 165) that Briegleb binding 
forces should not produce sufficient transfer between the interacting components 
to account for the marked changes in light absorption phenomena which ac- 
company complex formation. Indeed, the interaction of one aromatic nitro 
compound with another, in which the attractive forces are probably truly of the 
dipole-dipole type (between nitro groups), is not accompanied by pronounced 
color changes (117).* Gibson and Loeffler (98) and Hammick and Yule (126) 
have expressed the view that color-producing collisions between components 
of a complex in solution are comparable to  normal impacts between liquid mole- 
cules except for added restrictions in the orientations of the colliding molecules. 
It is presumed that color phenomena are associated with the drift of electrons 
from one component to the other when the reactive centers are appropriately 
located. This interaction theory is supported by the observation (98) that the 
colors of solutions of aromatic amines in nitroaromatics are intensified when the 
systems are subjected to increases in hydrostatic pressure a t  constant tempera- 
ture or to increases in temperature at  constant volume. The greater frequency of 
collision and the deeper intermolecular penetration during collision which are 

* I n  chloroform solution the picryl chloride-hexamethylbenzene complex shows discrete 
visible absorption. The equilibrium constant for the complex formation can therefore be 
evaluated by spectrophotometric procedures. The constant thus obtained (264) is about 
one-tenth as large as that estimated for the interaction on the basis of a study of the repres- 
sion of the rate of reaction of picryl chloride and triethylamine in chloroform solution by 
added hexamethylbenzene. The effect on the rate of the addition of the hydrocarbon is a t -  
tributed to a reduction, through complex formation, of the concentration of free picryl chlo- 
ride. (Additional examples of the determination of aromatic complex equilibrium constants 
through kinetic studies have recently appeared (164, 267).) The rate-repressing complex 
formation presumably encompasses other types of interaction than those measured by the 
spectrophotometric procedure. It is also of significance that colorimetric studies show no 
evidence of complex formation between picric acid and m-dinitro- or s-trinitrobenxene (266), 
whereas partition studies indicate (209) a strong association between components in such 
systems. Also the extent of the naphthalene-picric acid interaction, as measured by spectro- 
photometric procedures, is less marked than partition studies seem to  indicate. For these 
particular systems non-color-producing London interactions or interactions of the dipole- 
dipole type apparently occur to a significant degree. 
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associated with these changes are believed to facilitate the color-producing drift 
of electrons from amino to nitro groups. (Studies of the effects of pressure on the 
spectra of aromatic-halogen complexes have been reported recently (214), al- 
though the results were not available to the author at the time a t  which this 
paper was written.) 

When solutions of amines and nitro compounds are subjected to temperature 
increases a t  constant pressure, color intensity is in some cases increased and in 
others is decreased. A temperature rise must increase the free volume of molecules 
in solution and also the energy of molecular impacts. These two effects should 
oppose each other in determining solution color. In  inert solvents such as hexane 
and carbon tetrachloride interactions between nitro compounds and aromatic 
amines are always mildly exothermic (AH = -1 to -2 kcal.) (126). In  these 
cases the free volume effect must offset the collision force effect. In  polar solvents 
the reactions may be either exothermic or endothermic. The capacity of the 
solvent to aggregate with itself or with the complex-forming solutes must have a 
significant influence on the reaction heats in polar media. 

D. The ionic complex theory 
In  discussing interactions involving quinoid or nitro compounds Weiss (310, 

311) has described the aromatic donor-acceptor complex as the product of a 
transfer of a single electron from the donor (D) to the acceptor (A). 

D: + A + [ D e ] +  [*A]- (26) 
He explains the characteristic complex colors on the basis that the ions D+ and 
A- are odd molecules, which, in general, require only low excitation energies. 
Like Gibson and Loeffler, as well as Hammick and Yule, he feels that these colors 
as well as the dielectric polarizations of certain solid complexes (186) cannot be 
explained in terms of van der Waals bonding. As will be discussed in connection 
with the Mulliken theory, it is becoming more and more apparent that Weiss 
was correct when he concluded that the stability of a complex increases as the 
ionization potential of the donor decreases and as the electron affinity of the 
acceptor increases. 

Complexes between dienes and dienophiles, which may serve as Diels-Alder 
reaction intermediates, have also been formulated as ion pairs resulting from 
transfer of a single electron. The term “intermolecular semipolar bond” has been 
used (329) to describe the bonds between the complex components. 

E. The concept of complex resonance 
Various aspects of Weiss’s argument have received unfavorable criticism (78, 

258). The heats of formation are, for example, of much lower magnitude than is 
ordinarily found for processes of salt formation. The Brackmann (38) concept of 
complex resonance, which requires only a partial ionic character for a com- 
plex, appears to be more in accord with the known properties of most aromatic 
donor-acceptor interaction products. According to this theory the donor com- 
pound can share an electron pair with the acceptor by a process comparable to 
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Lewis acid-base interaction. The complex structure is regarded as a resonance 
hybrid 

D: A * D : A  
f -  

to  which no-bond and dative structures contribute. 
The crystal structures of the p-iodoaniline-s-trinitrobenzene (251), quin- 

hydrone (5), and related (217, 307) complexes serve as an indication that the 
contribution of the dative form is of small but significant structural influence. 
The benzene rings of the donor and acceptor molecules, which lie in parallel 
planes, are separated by distances (3.2-3.5 A.) which are somewhat less (234, 
248) than twice the value reported for half the thickness of the benzene ring. 

The important novel feature of Brackmann’s concept, which is in reality a 
formalized expression of the views of Hammick and Yule and of Gibson and 
Loeffler, is the conclusion that the color of the complex is not discretely deter- 
mined by either component but is a characteristic feature of the complex itself. 
This opinion is shared by Mulliken (212) and is a major premise of his theory of 
complex bonding. There is, for example, no correlation between the dipole mo- 
ments of acceptors such as nitromethane, nitroethane, and nitrobenzene and the 
colors of their complexes with a specific donor. The pronounced ultraviolet 
absorption maxima (300 mp region) of solutions of halogens in aromatic solvents 
have been ascribed (24, 25) to a greatly shifted strong halogen transition (which 
ordinarily lies below 200 mp). This seems unlikely, since the absorpt-ion maxima 
of complexes of aromatic substances with acceptors such as sulfur dioxide (10) 
and maleic anhydride (12, 20) also occur in the 300 mp region. 

F. The Mullilcen theory 
To explain the appearance of the 300 mp region absorption bands in the spec- 

tra of the aromatic halogen complexes, Mulliken (211) first suggested that de- 
struction of the symmetry of the benzene ring accompanies the interaction 
process. The 260 mp benzene transition, normally forbidden by selection rules, 
might thus be allowed and presumably would appear a t  the higher wave length 
in the complex spectrum. Structures such as 

were proposed to account for this symmetry loss. Although the view that the 
complex spectrum was determined primarily by the aromatic component re- 
ceived further theoretical attention (33), Mulliken soon rejected it in favor of an 
alternate interpretation. 

According to the revised Mulliken picture (212, 213) the wave function of the 
ground state of a 1 : 1 complex, t,h, is given approximately by the expression 

(27) +N M &o(D ,A) + Wi(D+-A-) 
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The $0 term designates a no-bond wave function, while the term represents a 
dative wave function corresponding to the transfer of an electron from D to A 
with weak covalent-bond formation. This has been termed an “intermolecular 
electron-pair bond.” Although the ratio b2/a2 may vary from zero to infinity, it 
is generally very small in a molecular complex. This present theory is limited in 
application to situations in which D and A are neutral closed-shell entities with 
D and A both in symmetrical singlet electronic states. This conception is similar 
to the Lewis theory of acid-base interaction but lacks the restrictions that elec- 
tron pairs must be shared between the reactants and that transferred electrons 
must go from a particular atom in D to a particular atom in A. The bond in the 

structure of the benzeneiodine complex (Bz+-Iz-) is said to involve an odd 
electron in a ?r molecular orbital of benzene and an odd electron in a molecular 
orbital of iodine. 

The characteristic absorption band of the complex is associated with an ex- 
cited state of wave function $B (az>> b2, U*MU, b * ~ b ) .  

$ B  = a*$(D+-A-) + b*$(D,A) (28) 

The absorption phenomenon which is presumed to promote the exchange of an 
electron from D to A is called an “intermolecular charge transfer spectrum.” 
Rough theoretical estimates of the intensity of such transitions are in accord 
with observed values. 

Mulliken stresses the orientational properties of charge transfer forces as op- 
posed to dispersion forces which are dependent largely on polarizabilities. The 
orientational properties, which along with the electron transfer character of com- 
plex formation restrict the combination to simple integral ratios of components, 
are predicted by considerations of quantum-mechanical symmetry of molecular 
wave functions. The preferred Mulliken configuration for the benzeneiodine 
complex, in which the axis of the halogen lies parallel to the plane of the aromatic 
ring with its center on the ring symmetry axis, is deduced in this manner. 

On the basis of group theory-symmetry considerations Rhlliken also favors 
the parallel plane configuration for complexes in which both donor and acceptor 
molecules are aromatic (or the acceptors are quinoid) in nature. Crystallographic 
data have been obtained on numerous examples of such complexes (130, 133, 
136, 137, 139, 140, 142, 143) ; but only in a few cases, as previously mentioned, 
(5, 217, 250, 251, 307) are they sufficiently detailed to attest to the correctness 
of this opinion. In these cases the donor and acceptor molecules are stacked one 
above the other in parallel planes with little distortion in the bond distances 
within the component molecules. The planes of the rows are somewhat inclined 
to the general direction of the rows. In the p-iodoaniline-s-trinitrobenzene com- 
plex the ring planes make a 30” angle with the face of the unit cell. The 3.1 A. 
separation distance between an amino nitrogen and an oxygen atom of a nitro 
group of a neighboring molecule is the shortest which exists between components 
in this crystal. In the crystalline self-complex of p-nitroaniline a relatively short 
distance of 2.66 A. separates the oxygen atom of a nitro group from a carbon 
atom of an adjacent ring (1). This observation has encouraged the view that the 



AROMATIC MOLECULAR COMPLEXEB 767 

acceptor centers of aromatic nitro compounds are the nitro groups themselves. 
In  the phenoquinone crystal the plane of the quinone molecule is parallel to its 
two adjacent phenol molecules, and each phenol forms a hydrogen bond with a 
quinone molecule in an adjacent column (307). In  view of the spectrophoto- 
metric work of Michaelis and Granick (207) it is doubtful, as has been mentioned 
earlier, that the charge transfer forces between the components of quinhydrones 
are much influenced by such hydrogen-bond formation. 

The orientational properties of charge transfer forces have been further illus- 
trated by studies of the dichroism of crystalline complexes such as quinhydrone 
and hexamethylbenzene-chloranil (217). The long-wave-length spectra of these 
complexes are polarized, with the larger component perpendicular to and the 
small component parallel to the planes of the two interacting molecules. In  
crystals of pure aromatic compounds, however, the density of T electron dis- 
tribution is larger in the direction parallel to the planes of the aromatic rings. 
The color intensifications observed on compression of solutions of aniline and 
nitrobenzene (98) are also indicative of the anisotropic nature of charge transfer 
interactions. 

The dipole moments of aromatic-iodine complexes can be ascribed to the 
partial ionic character of the Mulliken-type bond. A quantum-mechanical esti- 
mate of the dipole moment of such complexes (212) is in fair agreement with 
observed (88) values. In  discussing heats of complex formation Mulliken adopts 
the Weiss (310) view that their magnitudes and signs are subject to  control by 
a combination of factors, including the ionization potential of the donor, the 
electron affinity of the acceptor, the mutual approachabilities of interacting 
molecules, and effects of the medium. 

Recent detailed investigations of complex spectra have helped to strengthen the 
charge transfer theory. A linear relation is found to exist (204) between the 
ionization potentials of eighteen donor molecules (including aromatic and ethyl- 
enic substances, diethyl ether, cyclopropane, and tert-butyl alcohol) and the 
charge transfer absorption frequencies of the corresponding iodine complexes. 
The energy required (by light absorption) to attain the excited state of a charge 
transfer complex, in which the donor and acceptor exist as ions, may be expressed 
by equation 29, 

hv = I ,  - E - W (29) 
where h is Planck’s constant, v is the charge transfer frequency, and I,, E ,  and 
W are, respectively, the donor ionization potential, the acceptor electron affinity, 
and the dissociation energy of the charge transfer excited state. Using this equa- 
tion and a value of 1.8 e.v. for the electron affinity of iodine, McConnell, Ham, 
and Platt (204) estimate, by consideration of the empirical relation between v 
and I ,  for iodine complexes, that for donors with 8-10 e.v. ionization potentials 
W is 3.3-3.8 e.v. This value is 1.5 e.v. greater than the Coulomb energy of posi- 
tive and negative charges separated by van der Waals distances of 3 4  A. This 
excess energy has been ascribed either to intermolecular covalent bonding and 
polarization in the excited state or to solvent effects. 
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Hastings, Franklin, Schiller, and Matsen (128), who have also investigated 
the wave lengths of maximum charge transfer absorption for a large number of 
iodine complexes, suggest the following correlation between the absorption fre- 
quency and the donor ionization potential: 

hv = I ,  - D + 2jP(IP - D) (30) 
where D = EA + e2/r - CDA, /3 is the resonance integral, EA is the electron 
afEnity of the acceptor, e2/r  is the Coulomb energy of the excited state, and CDA 
is the difference between additional energy quantities in dative and no-bond 
forms. Frequencies calculated from this equation (for the various iodine com- 
plexes) using values of 6 e.v. and 1.3 e.v., respectively, for D and j3 are in good 
agreement with experimental values. 

A linear correlation between absorption frequencies of charge transfer and 
donor ionization potentials for halogen and other complexes is also reported by 
Van de Stolpe (301), who also notes a linear relation between the equilibrium 
constants and donor ionization potentials of iodine complexes of a series of 
methylated benzenes. A linear correlation between the extinction coefficients at 
the complex absorption maxima and the reciprocal of the cube root of the equi- 
librium constant for complex formation is also reported (292) for iodine-poly- 
methylbenzene systems. The equilibrium constants for the interaction of iodine 
with Auorobenzene, m-difluorobenzene, and s-trifluorobenzene also increase as 
the extinction coefficients become smaller (291). The extinction coefficients 
of benzene adducts of iodine, bromine, iodine monochloride, chlorine, s-trinitro- 
benzene, sulfur dioxide, and oxalyl chloride are linearly related to the correspond- 
ing wave lengths of charge transfer absorption (300 mp region), all of which lie 
within a 20 mp range (204). 

Refined experimental procedures have been used (112) to reveal a 260 mp ab- 
sorption band in the spectra of bromine and iodine complexes of benzene. This 
absorption is attributed to a slight perturbance of the electronic states of the 
aromatic molecule which account for the 260 mp benzene transition. A similar 
perturbance in the electronic states which produce visible halogen absorption is 
presumed to account for a slight shift of this band toward the ultraviolet in the 
spectrum of the complex. 

G. Other theories 
Shuler (279) has suggested a model for a n-type complex in which the 'A elec- 

trons of the donor molecule behave as a free electron gas which must tunnel 
through a potential barrier to link the donor and acceptor components. The 
height of the barrier is controlled by the ionization potential of the donor and 
the electron affinity of the acceptor and the width by the van der Waals separa- 
tion of the components. The stability of the complex is determined by the de- 
localization energy of the interaction, which in turn is determined by the barrier 
height and width. Recently Shuler (280) has ascribed the high-pressure-induced 
shift toward the visible of the major absorption peaks of benzene to the forma- 
tion of a 1 : l  self-complex. He estimates the heat of this interaction to be 200 
cal./mole through interpretation of these spectral changes in terms of the free- 
electron theory of complex formation. 
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McConnell, Ham, and Platt (204) recall the experiments of Reid (259), who 
observed that the fluorescence of condensed-ring hydrocarbons is quenched by 
s-trinitrobenzene. The phosphorescent triplet transitions of the hydrocarbons 
are apparently strongly enhanced by complex formation. If singlet-triplet transi- 
tions were subject to similar enhancement, their intensities might compare in 
magnitude with those observed for so-called charge transfer transitions. 

The views of Dewar (75, 76, 77, 206) and others concerning the role of com- 
plexes as intermediates in aromatic substitutions and rearrangements, in spite 
of some adverse criticism, merit careful attention. These views, which are beyond 
the scope of this review, have been summarized in detail elsewhere (78, 79). 
There are probably numerous examples of reactions in which molecular com- 
plexes serve as participants in rate-controlling steps in organic reactions. The 
high-order rate dependence on halogen concentration of certain halogenation 
reactions of aromatic hydrocarbons has been explained on the assumption that 
a 1 : 1 aromatic-halogen complex is attacked by one or more halogen molecules 
in the slow step (262, 263, 296). 

The author is indebted to  Dr. H. L. Holmes and to Professors R. M. Keefer 
and C. V. Cannon for their valuable suggestions and assistance in the prepara- 
tion of this manuscript. 

VI. REFERENCES 

(1) ABRAHAMS, S. C.: J. Am. Chem. SOC. 74, 2693 (1952). 
(2) ADAVEESHIAH, C. N., AND SUBBA JOIS, H. :  J. Indian Chem. SOC. 22, 49 (1945). 
(3) AICKIN, R.  G., BAYLISS, N. S., AND REES, A. L. G.: Proc. Roy. SOC. (London) A169, 

(4) ANDERSON, H. D., AND HAMMICK, D. LL.: J. Chem. SOC. 1960, 1089. 
(5) ANDERSON, J. S.: Nature 140, 583 (1937). 
(6) ANDREWS, L. J., AND KEEFER, R. M.: J. Am. Chem. SOC. 71,3644 (1949). 
(7) ANDREWS, L. J., AND KEEFER, R. M.: J. Am. Chem. SOC. 72,3113 (1950). 
(8) ANDREWS, L. J., AND KEEFER, R. M.: J. Am. Chem. SOC. 72,5034 (1950). 
(9) ANDREWS, L. J., AND KEEFER, R. M.: J. Am. Chem. SOC. 73,462 (1951). 
(10) ANDREWS, L. J., AND KEEFER, R. M.: J. Am. Chem. SOC. 73,4169 (1951). 
(11) ANDREWS, L. J., AND KEEFER, R. M.: J. Am. Chem. SOC. 74,4500 (1952). 
(12) ANDREWS, L. J., AND KEEFER, R.  M.: J. Am. Chem. SOC. 76,3776 (1953). 
(13) ARENDS, B.: Ber. deut. Chem. Ges. 64B, 1936 (1931). 
(14) ASARINA, T., AND SINOMIYA, T.: J. Chem. SOC. Japan 69, 341, 833 (1938); Chem. 

(15) BADDAR, F. G., AND MIEHAIL, H.: J. Chem SOC. 1949, 2927. 
(16) BADDELEY, G., HOLT, G., AND Vow, D.: J. Chem. SOC. 1962, 100. 
(17) BAKER, J. W., AND BENNETT, G. M.: Ann. Reports Prog. Chem. (Chem. Soo. London) 

(18) BANERJEE, S.: Z. Krist. A100, 316 (1938). 
(19) BARB, W. G.: Proc. Roy. SOC. (London) A212, 66,177 (1952). 
(20) BARB, W. G.: Trans. Faraday SOC. 49, 143 (1953). 
(21) BARIL, 0. L., AND HAUBER, E. S.: J. Am. Chem. Soo. 63, 1087 (1931). 
(22) BARTLETT, P. D., AND NOZAEI, K.: J. Am. Chem. SOC. 68, 1497 (1946). 
(23) BARTON, B. C., ROTHROCE, D. A., JR., AND KRAUS, C. A.: J. Am. Chem. SOC. 74,786 

(24) BAYLISS, N. S.: Nature 163,764 (1949). 
(25) BAYLISS, N. 5.: J. Chem. Phys. 18, 292 (1950). 

234 (1948). 

Abstracts 32, 9075 (1938); 33, 563 (1939). 

28, 128 (1931). 

(1952). 



770 LAWRENCE J. ANDREWS 

(26) BEHREND, R.: Z. physik. Chem. 9,405 (1892); 10, 265 (1892). 
(27) BENESI, H. A.: J. Am. Chem. SOC. 76.22.50 (1953). 
(28) BENESI, H., AND HILDEBRAND, J. H.: J. Am. Chem. SOC. 70, 2832 (1948); 71, 2703 

(29) BENNETT, G. M., AND WAIN, R. L.:  J. Chem. SOC. 1936,1108. 
(30) BENNETT, G. M., AND WILLIS, G. H.: J. Chem. SOC. 1929, 256. 
(31) BHATNAQAR, S. S., NEVQI, M. B., AND TULI, G.: Indian J. Phys. 9, 311 (1935). 
(32) BHATNAQAR, S. S., VERMA, M. R., AND KAPUR, P. L.: Indian J. Phys. 9, 131 (1934). 
(33) BLAKE, N. W., WINSTON, H., AND PATTERSON, J. A.: J. Am. Chem. SOC. 73,4487 (1951). 
(34) BLASIUS, E.,  AND WACHTEL, W.: Z. anal. Chem. 138, 106 (1953). 
(35) BOHON, R. L., AND CLAUSSEN, W. F.: J. Am. Chem. SOC. 73, 1571 (1951). 
(36) BOWEN, E.  J., AND COATES, E.: J. Chem. SOC. 1947,105,130. 
(37) BRACEMAN, D. S., AND PLESCH, H.: J. Chem. SOC. 1963, 1289. 
(38) BRACKMANN, W.: Rec. trav. chim. 68, 147 (1949). 
(39) BRASS, K., AND FANTA, K.: Ber. deut. Chem. Ges. 69A, 1 (1936). 
(40) BRASS, K., A N D  TENQLER, E.: Ber. deut. Chem. Ges. 64B, 1650 (1931). 
(41) BRIEGLEB, G.: Z. physik. Chem. B16, 249 (1932). 
(42) BRIEQLEB, G.:  Z. physik. Chem. B26, 63 (1934). 
(43) BRIEQLEB, G.: Zicischenmolekulare Krdjte, pp. 13 and 55. G. Braun, Karlsruhe, 

(44) BRIEGLEB, G., AND KAMBEITZ, J.: Z. physik. Chem. B26, 253 (1934); Naturwissen- 

(45) BRIEQLEB, G., AND KAMBEITZ, J.: Z. physik. Chem. B27, 161,474 (1934). 
(46) BRIEQLEB, G., A N D  KAMBEITZ, J.: Z. physik. Chem. B32,305 (1936). 
(47) BRIEGLEB, G., AXD SCHACHOWBKOY, T.: Z. physik. Chem. B19, 255 (1932). 
(48) BROWN, B. R., AND HAMMICK, D.  LL.: J. Chem. SOC. 1948, 1395. 
(49) BROWN, H. C., AXD BRADY, J. D.: J. Am. Chem. SOC. 71,3573 (1949); 74,3570 (1952). 
(50) BROWN, H. C., AND FRITH, W. C.: Private communication. 
(51) BROWN, H. C., AND GRAYSON, M.: J. Am. Chem. SOC. 76,6288 (1953). 
(52) BROWN, H. C., AND PEARSALL, H. W.: J. Am. Chem. SOC. 74, 191 (1952). 
(53) BROWN, H. C., PEARSALL, H. W., A N D  EDDY, L. P . :  J. Am. Chem. SOC. 72,5347 (1950). 
(54) BROWN, H. C., AND WALLACE, W. J.: J. Am. Chem. SOC. 76,6265,6268 (1953). 
(55) BUCKLES, R. E., AND MEINHARDT, N.  A.: J. Am. Chem. SOC. 74,1171 (1952). 
(56) BUCKLES, R. E . ,  STEINMETZ, W. E., AND WHEELER, N. G.: J. Am. Chem. SOC. 72,2494 

(57) BUEHLER, C. A., ALEXANDER, C. R., AND STRATTON, G.: J. Am. Chem. SOC. 63,4094 

(58) BUEHLER, C. A., HISEY, A., AND WOOD, J. H.: J. Am. Chem. SOC. 62, 1939 (1930). 
(59) BURTON, W. R., AND RICHARDS, R. E.:  J. Chem. SOC. 1960, 1316. 
(60) BUU-HoI, N. P., AND JACQUIGNON, P.: Compt. rend. 234,1056 (1952). 
(61) CAMPBELL, H.,  AND ELEY, D.  D.: Nature 164,s (1944). 
(62) CAVALLARO, L: Gazz. chim. ital. 70, 533 (1940). 
(63) CHATELET, M.: Compt. rend. 190,927 (1930). 
(64) CONDON, F. E.: J. Am. Chem. SOC. 70, 1963 (1948). 
(65) CRAMER, F.: Angew. Chem. 64, 437 (1952). 
(66) CROMWELL, T. M., AND SCOTT, R. L.: J. Am. Chem. SOC. 72,3825 (1950). 
(67) CULLINANE, M. M., CHARD, S. J., AND LEYSHON, D.  M.: J. Chem. Sac. 1963,4106. 
(68) CURTI, R., AND CARBAQNATI, L.:  Rend. ist. lombardo sci., Classe sci. mat. nat. 73, 

(69) DAVIES, T. T., AND HAMMICK, D. LL,: J. Chem. SOC. 1938, 763. 
(70) DE CARLI, F.: Atti accad. Lincei [6] 4, 460 (1926). 
(71) DE CARLI, F.: Atti accad. Lincei (61 4, 523 (1926). 
(72) DE CARLI, F.: Atti accad. Lincei 14, 120 (1931). 
(73) DEDE, L., AND ROSENBERQ, A , :  Ber. 67B, 147 (1934). 
(74) DE LA MARE, P. B. D.,  AND ROBERTSON, P. W. : J. Chem. SOC. 1943,279. 

(1949). 

Germany (1949). 

schaften 22, 105 (1934). 

(1950). 

(1931). 

403 (193940); Chem. Zentr. 1941, 11, 2299. 



AROMATIC MOLECULAR COMPLEXES 771 

(75) DEWAR, M. J. S.: Kature 166,784 (1945). 
(76) DEWAR, M. J. S.: J. Chem. SOC. 1946,406. 
(77) DEWAR, M. J. S.: J. Chem. SOC. 1946, 777. 
(78) DEWAR, M. J. S.: Electronic Theory of Organic Chemistry .  Oxford University Press, 

(79) DEWAR, M. J. S.: Bull. soc. chim. France 1961, C 71-9. 
(80) DILTHEY, W., AND WIZINGER, R.: J. prakt. Chem. [2] 118,346 (1928). 
(81) EFREMOV, N. N., AXD TIKHOMIROVA, A. M.: Ann. Inst. anal. phys.-chim. (Leningrad) 

4,92 (1928); Chem. Abstracts 23,3214 (1929). 
(82) ELEY, D.  D. ,  AND KIXQ, P. J.: Trans. Faraday SOC. 47,1287 (1951). 
(83) ELEY, D. D., AND KING, P. J.: J. Chem. SOC. 1962,2517. 
(84) ELEY, D. D. ,  AND KINQ, P. J.: J. Chem. SOC. 1962,4972. 
(85) EULER, H. v., AND WILLSTAEDT, H. :  Arkiv. Kemi,Mineral. Geol. 10B, No. 9 , 1  (1929); 

(86) EVANS, D. F.: J. Chem. SOC. 1963, 345. 
(87) FAIRBROTHER, F.: J. Chem. SOC. 1932, 43; 1933, 1541. 
(88) FAIRBROTHER, F.: Nature 160,87 (1947); J. Chem. SOC. 1948, 1051. 
(89) FAIRBROTHER, F.: J. Chem. SOC. 1960, 180. 
(90) FERGUSON, L. N. : Electronic Structures of Organic Molecules, p. 47. Prentice-Hall, 

(91) FOOTE, H. W., AND FLEISCHER, J. : J. Am. Chem. SOC. 66,870 (1934). 
(92) FOSTER, R.,  HAMMICK, D .  LL., AXD WARDLEY, A. A.: J. Chem. soc. 1963,3817. 
(93) Foz, 0. R., AND PALACIOS, J.: Anales soc. espafi. fis. y qufm. 30, 421 (1932); 33, 627 

(94) FRIEDLIN, L. KH., LEBEDEVA, A. I., A N D  KUZNETSOVA, N.  A , :  J. Gen. Chem. (U. S. 

(95) FUNK, H., AND NIEDERLANDER, K . :  Ber. deut. Chem. Ges. 6lB, 1385 (1928). 
(96) GARRETT, E. R., A N D  GUILE, R. L.: J. Am. Chem. SOC. 76,3958 (1953). 
(97) GHOSH, B., AND SINHA, S. P . :  J. Indian Chem. SOC. 22,15 (1945). 
(98) GIBSON, R. E., AND LOEFFLER, 0. H . :  J. Am. Chem. SOC. 62, 1324 (1940). 
(99) GLUSKER, D .  L., THOMPSON, H. W., A N D  MULLIKEN, R. S . :  J. Chem. Phys. 21, 1407 

Amen House, London (1949). 

Chem. Abstracts 23, 4465 (1929). 

Inc., New York (1952). 

(1935); Chem. Abstracts 26,4517 (1932); 30,444 (1936). 

S. R.) 9,1589 (1939); Chem. Abstracts 34,2789 (1940). 

(1953). 
(100) GOLD, V., HAWES, B. W. V . ,  A N D  TYE, F. L.:  J. Chem. SOC. 1962, 2167. 
(101) GOLD, V., AND LONG, F. A.: J.  Am. Chem. SOC. 76,4543 (1953). 
(102) GOLD, V., AND TYE, F. L . :  J. Chem. SOC. 1962, 2173, 2181, 2184. 
(103) GOLUMBIC, C.: J. Am. Chem. SOC. 74, 5777 (1952). 
(104) GOLUMBIC, C., AND WELLER, S.: J. Am. Chem. SOC. 74, 3739 (1952). 
(105) GORDY, W.: J. Chem. Phys. 7,93 (1939). 
(106) GORDY, W.: J. Chem. Phys. 9, 215 (1941). 
(107) GORDY, W., AND MARTIN, P. C.: J. Chem. Phys. 7,99 (1939). 
(108) GORENBE~N,  E. YA.: Mem. Inst. Chem. Acad. Sci. Ukrain. S. S. R. 6 ,  451 (1938); J. 

(109) GRIMM, H. G., G ~ N T H E R ,  M., AND TITTUS, H.: Z. physik. Chem. B14,169 (1931). 
(110) GROH, J.: Z. anorg. allgem. Chem. 162, 287 (1927). 
(111) HALBAN, H. v., AND ZIMPLEMANN, E.: Z. physik. Chem. 117,461 (1925). 
(112) HAM, J. S., PLATT, J. R., AND MCCONNELL, H.: J. Chem. Phys. 19,1301 (1951). 
(113) HAM, N. S., REEB, A. L. G.,  AND WALSH, A.: Nature 169,110 (1952). 
(114) HAM, N. S., REES, A. L. G., AND WALSH, A.: J. Chem. Phys. 20, 1336 (1952). 
(115) HAMILTON, B. R., AND HAMMICK, D.  LL.: J. Chem. SOC. 1938,1350. 
(116) HAMMETT, L. P. :Phys ica l  Organic Chemistry. McGraw-Hill Book Company, Inc., New 

(117) HAMMICK, D. LL., ANDREW, L. W., A N D  HAMPSON, J.: J. Chem. SOC. 1932,171. 
(118) HAMMICE, D.  LL., AND HANSON, T. K.: J. Chem. SOC. 1933,669. 
(119) HAMMICK, D. LL., AND HELLICAR, A.: J. Chem. SOC. 1938,761. 
(120) HAMMICK, D. LL., HILLS, G. M.,  AND HOWARD, J.: J. Chem. SOC. 1932, 1530. 

Gen. Chem. (U. S. S. R.) 9,1369 (1939); Chem. Abstracts 33,5267 (1939). 

York (1940). 



772 LAWRENCE J. ANDREWS 

(121) HAMMICK, D. LL., REYNOLDS, E. H., AND SIXSMITH, G.: J. Chem. SOC. 1939,98. 
(122) HAMMICK, D. LL., AND SIXSMITH, G.: J. Chem. SOC. 1936,580. 
(123) HAMMICK, D. LL., AND SIXSMITH, G.: J. Chem. SOC. 1939,972. 
(124) HAMMICK, D. LL., AND WILLIAMS, R. B.: J. Chem. SOC. 1936,1856. 
(125) HAMYICK, D. LL., AND YOUNG, R. P.: J. Chem. SOC. 1930,1463. 
(126) HAMMICK, D. LL., AND YULE, R. B. M.: J. Chem. SOC. 1940,1539. 
(127) HARTLEY, K., AND SKINNER, H. A.: Trans. Faraday SOC. 40, 621 (1950). 
(128) HASTINGS, S. H., FRANKLIN, J. L., SCHILLER, J. C., AND MATSEN, F. A.: J. Am. Chem. 

(129) HEPNER, F. R., TRUEBLOOD, K. N., AND LUCAS, H. J.: J. Am. Chem. SOC. 74, 1333 

(130) HERTEL, E., AND BERGK, H. W. : Z. physik. Chem. B33, 319 (1936). 
(131) HERTEL, E., AND VAN CLEEF, J.: Ber. deut. Chem. Gee.. 01,1545 (1928). 
(132) HERTEL, E., AND FRANK, H.: Z. physik. Chem. B27,460 (1931). 
(133) HERTEL, E., AND KLEU, H.: Z. physik. Chem. B11, 59 (1930). 
(134) HERTEL, E., AND KURTH, H.: Ber. deut. Chem. Ges. 0lB, 1650 (1928). 
(135) HERTEL, E., AND MISCHNAT, J.: Ann. 461, 179 (1926). 
(136) HERTEL, E., AND ROMER, G. H.: Z. physik. Chem. B11, 77 (1930). 
(137) HERTEL, E., AND ROWER, G. H.: Z. physik. Chem. B11,90 (1930). 
(138) HERTEL, E., AND R ~ M E R ,  G. H.: Ber. deut. Chem. Ges. 03B, 2446 (1930). 
(139) HERTEL, E., AND ROMER, G. H.: 8. physik. Chem. B19, 228 (1932). 
(140) HERTEL, E., AND R ~ M E R ,  G. H.: Z. physik. Chem. B22,280 (1933). 
(141) HERTEL, E., AND SCHNEIDER, K.:  2. physik. Chem. A161,413 (1930). 
(142) HERTEL, E., AND SCHNEIDER, K.:  Z. physik. Chem. B13,387 (1931). 
(143) HERTEL, E., AND SCHNEIDER, K.: Z. physik. Chem. B16,79 (1931). 
(144) HILDEBRAND, J. H.: J. Phys. & Colloid Chem. 63,973 (1949). 
(145) HILDEBRAND, J. H. : Private communication. 
(146) HILL, A. E.: J. Am. Chem. SOC. 44,1163 (1922). 
(147) HOLLEMAN, A. F.: Rec. trav. chim. 49,112 (1930). 
(148) HUNTER, R. F., QUREISHY, A.M., AND SAMUEL, R.: J. Chem. SOC. 1930,1576. 
(149) HUNTER, W. H., AND NORTHEY, E. H.:  J. Phys. Chem. 37,875 (1933). 
(150) JOB, P.: Ann. chim. [lo] 9,113 (1928). 
(151) JOIS, H. S., AND MANJUNATK, B. L.: J. Indian Chem. SOC. 8,633 (1931). 
(152) JONES, L. H., AND BADGER, R. M.: J. Am. Chem. SOC. 73,3132 (1951). 
(153) JONES, R. C., AND NEUWORTH, M. B.: J. Am. Chem. SOC. 00,1497 (1944). 
(164) JOVINET, M.: Mem. poudres 23,36 (1928); Chem. Abstracts 22,3531 (1928). 
(155) JURA, G., GROTZ, L., AND HILDEBRAND, J. H.: Abstracts of Papers Presented a t  the 

118th Meeting of the American Chemical Society, Chicago, Illinois, September, 
1950, p. Q56. 

(156) KAFTANOW, S. W., WASSILIEW, W., AND SYRKIN, J.: Acta Physicochim. U. R. S. S. 7, 
75 (1937); Chem. Abstracts 32, 4030 (1938). 

(157) KAPUSTINSKI~, A. F., AND DRAKIN, S. I.: Bull. acad. sci. U. R. 5. S., Classe sci. chim. 
1947,435; Chem. Abstracts 42,1902 (1948). 

(158) KAPUSTINSKI~, A. F., AND DRAKIN, S. I. : Izvest. Akad. Nauk S. S. S. R., Odtel. Khim. 
Nauk 1960, 233; Chem. Abstracts 44, 7788 (1950). 

(159) KAPUSTINSKI~, A. F., ANDMAL’TSEV, V. A.: J. Phys. Chem. (U. 5. S. R.) 14,105 (1940); 
Chem. Abstracts 36,957 (1941). 

(160) KEEFER, R. M., AND ANDREWS, L. J.: J. Am. Chem. SOC. 72,4677 (1960). 
(161) KEEFER, R. M., AND ANDREWS, L. J.: J. Am. Chem. SOC. 72, 5170 (1950). 
(162) KEEFER, R. M., AND ANDREWS, L. J.: J. Am. Chem. SOC. 74,640 (1952). 
(163) KEEFER, R .  M., ANDREWS, L. J., AND KEPNER, R. E.: J. Am. Chem. Boo. 71, 3906 

(164) KEEFER, R. M., BLAKE, J., AND ANDREWS, L. J.: J. Am. Chem. SOC. 70, 3062 (1954). 
(165) KETELAAR, J. A. A. : Chemical Constitution, p. 333. Elsevier Publishing Company, 

SOC. 76,2901 (1953). 

(1952). 

(1949). 

Amsterdam, The Netherlands (1953). 



AROMATIC MOLECULAR COMPLEXES 773 

(166) KETELAAR, J. A. A., VAN DE STOLPE, c., GOUDSMIT, A., AND DZCUBAS, w.: Rec. trav. 

(167) KHA~BABHEV, 0. K.: Ann. secteur anal. phys. chim., Inst. chim. g6n. (U. R. S. S.) 

(168) KIKETS, V. A.: Mem. Inst. Chem. Ukrain. Acad. Sci. 3,489 (1936); Chem. Abstracts 

(169) KILPATRICK, M., AND LUBORSKY, F. E.: J. Am. Chem. SOC. 76,577 (1953). 
(170) KIREJEW, V.: ActaPhysicochim. U. R. S. S. 7,381 (1937); J. Phys. Chem. (U. 5. S. R.) 

10, 298 (1937); Chem. Abstracts 32,418,4419 (1938). 
(171) KLATT, W.: Z. anorg. u.  allgem. Chem. 222, 225 (1935). 
(172) KLATT, W.: Z. anorg. u. allgem. Chem. 234,189 (1937). 
(173) KLEINBERG, J., COTTON, E., SATTIZAHN, J., AND VANDERWERF, C. A.: J. Am. Chem. 

(174) KLEINBERG, J., AND DAVIDSON, A. W.: Chem. Revs. 42, 604 (1948). 
(175) KOFLER, A.: Z. physik. Chem. A187, 201 (1940). 
(176) KOFLER, A.: Z. physik. Chem. A187,363 (1940). 
(177) KOFLER, A. : Z. physik. Chem, A188,201 (1941). 
(178) KOFLER, A.: Z. physik. Chem. A190, 287 (1942). 
(179) KOFLER, A.: Z. Elektrochem. 60,200 (1944). 
(180) KOLTHOFF, I. M., ST~CESCA, D., AND LEE, T. S.,; J. Am. Chem. SOC. 76, 1834 (1953). 
(181) KONDRATENKO, B. P.:  J. Gen. Chem. (U. S. S. R.) 4,244, 246 (1934): Chem. Abstracts 

29,988 (1935). 
(182) KORSHAK, V. V., LEBEDEV, N. N., AND FEDOSEEV, S. D.:  J. Gen. Chem. (U. S. 5. R.) 

17, 575 (1947); Chem. Abstracts 42, 1217 (1948). 
(183) K O R T ~ M ,  G., AND WALZ, H,:  Z. Elektrochem. 67.73 (1953). 
(184) K O R T ~ M ,  G., AND WILSKI, H.: Z. physik. Chem. 202, 35 (1953). 
(185) KRISHNA, S., AND KRISHNA, R. :  J. Indian Chem. SOC. 6, 665 (1929). 
(186) KRONBERGER, H., AND WEISS, J.: J. Chem. SOC. 1944,464. 
(187) KUHN, R., AND WAGNER-JAUREGG, T.: Helv. Chim. Acta 13,9 (1930). 
(188) KWHN, R., AND WINTERSTEIN, A.: Helv. Chim. Acta 11, 144 (1928). 
(189) LAL, S., AND KHAN, N.: Current Sci. 13, 312 (1944); Chem. Abstracts 39, 2679 (1946). 
(190) LANDAUER, J., AND MCCONNELL, H. :  J. Am. Chem. SOC. 74,1221 (1952). 
(191) LASKOWSBI, D. E., GRABAR, D .  G., AND MCCRONE, W. C.: Anal. Chem. 26, 1400 (1953). 
(192) LAWREY, D. M. G., AND MCCONNELL, H. : J. Am. Chem. SOC. 74,6175 (1952). 
(193) LEFBVRE, C. J., AND LEFAVRE, R .  J. W.: J. Chem. SOC. 1936,957. 
(194) LEFBVRE, R. J. W.: Trans. Faraday SOC. 33, 210 (1937). 
(195) LESSLIE, M. S., AND TURNER, E. T.: J. Chem. SOC. 1930,1758. 
(196) LEWIS, G. N.: Valence and the Structure of Atoms and Molecules. The Chemical Catalog 

(197) LEY, H., AND GRAU, R.: Ber. deut. Chem. Ges. 68, 1765 (1925). 
(198) LEY, H., AND PFEIFFER, P.: Ber. deut. Chem. Ges. 64,367 (1921). 
(199) LOCKET, G. H.: J. Chem. SOC. 1932,1501. 
(200) LUCHINSKIi, G. P., AND LIKHACHEVA, A. I.:  J. Phys. Chem. (u. s. 8. R.) 7,723 (1936); 

Chem. Abstracts 30,7992 (1936). 

chim. 71,1104 (1952). 

14,227 (1941) ; Chem. Abstracts 40,2725 (1946). 

31,7765 (1937). 

SOC. 76,442 (1953). 

Company (Reinhold Publishing Corporation), New York (1923). 

(201) MAASS, O., AND RUSSELL, J.: J. Am. Chem. SOC. 40,156 (1918). 
(202) MCCAULAY, D. A., AND LIEN, A. P.: J. Am. Chem. SOC. 73,2013 (1951). 
(203) MCCAULAY, D.  A., SHOEMAKER, B. H., A N D  LIEN, A. P.: Ind. Eng. Chem. 42, 2103 

(204) MCCONNELL, H., HAM, J. S., AND PLATT, J. R.: J. Chem. Phys. 21,66 (1953). 
(205) MAZZETTI, C., AND DE CARLI, F.: Gam. chim. ital. 66,34 (1926). 
(206) MELANDER, L. : Arkiv. Kemi 2,231 (1950). 
(207) MICHAELIS, L., AND GRANICK, S.: J. Am. Chem. SOC. 66,1023 (1944). 
(208) MIKHAIL, H., AND BADDAR, F. G.: J. Chem. SOC. 1944,590. 
(209) MOORE, T. S., SHEPHERD, F., AND GOODALL, E.: J. Chem. SOC. 1931,1447. 
(210) M ~ L L E R ,  H., AND SACK, H.: Physik. Z. 31,821 (1928). 

(1950). 



774 LAWRENCE J. ANDREWS 

(211) MULLIKEN, R. S.: J. Am. Chem. SOC. 72,600 (1950). 
(212) MULLIKEN, R. S.: J. Am. Chem. SOC. 74,811 (1952). 
(213) MULLIKEN, R. S.: J. Phys. Chem. 66, 801 (1952). 
(214) MURAKAMI, H.: Bull. Chem. Soc. Japan 26, 441,446 (1953). 
(215) MURAKAMI, M., AND YUEAWA, Y.: J. Chem. SOC. Japan, Pure Chem. Sect. 71, 277 

(216) MUSTAFIN, I. S.: J. Gen. Chem. (U. S. S. R.) 17,560 (1947); Chem. Abstracts 42,890 

(217) NAKAMOTO, K.: J. Am. Chem. SOC. 74, 1739 (1952). 
(218) NESPITAL, W.: Z. physik. Chem. B16, 153 (1932). 
(219) NITTA, I., SEKI, S., A N D  CHIHARA, H. :  J. Chem. SOC. Japan, Pure Chem. Sect. 70,387 

(220) NITTA, I., SEEI, S., CHIHARA, H., ASD SUZUKI, K. :  Sci. Papers Osaka Univ. No. 29, 

(221) NORRIS, J. F., AND INGRAHAM, J. N,: J. Am. Chem. SOC. 62,1298 (1940). 
(222) NORRIS, J. F., AND RUBINSTEIN, D.: J. Am. Chem. Soc. 61,1163 (1939). 
(223) NORRIS, J. F., A N D  WOOD, J. E.: J. Chem. SOC. 62,1428 (1940). 
(224) O’BRIEN, S. J.: J. Am. Chem. SOC. 63, 2709 (1941). 
(225) O’BRIEN, S. J., AND BOBALEK, E. G.:  J. Am. Chem. SOC. 62,3227 (1940). 
(226) O’BRIEN, S. J., AND BYRNE, J. B.: J. Am. Chem. SOC. 62, 2063 (1940). 
(227) O’BRIEN, S. J., AND KENNY, C. L.: J. Am. Chem. SOC. 62,1189 (1940). 
(228) O’BRIEX, S. J., KEXXY, C. L., AKD ZUERCHER, R.  A,:  J .  Am. Chem. SOC. 61, 2504 

(229) ORCHIN, M.: J. Org. Chem. 16, 1165 (1951). 
(230) ORCHIN, M., REGGEL, L., AND WOOLFOLK, E. 0.:  J. Am. Chem. SOC. 69, 1225 (1947). 
(231) ORCHIN, M., AND WOOLFOLK, E. 0. :  J. Am. Chem. SOC. 68, 1727 (1946). 
(232) OSIPOV, 0. A,, AND FEDEROV, Y .  V. : J. Gen. Chem. U. S. S. R.  21,156306 (1951); Chem. 

(233) PAULING, L.: Proc. Natl. Acad. Sci. U. S. 26,581 (1939). 
(234) PAULING, L.: Nature of the Chemical Bond, 2nd edition. Cornel1 University Press, 

(235) PFEIFFER, P. : Organische Molekulverbindungen, 2nd edition. Ferdinand Enke, Stutt- 

(236) PFEIFFER, P., AND SCHNEIDER, P . :  J. prakt. Chem. 129,129 (1931). 
(237) PFEIFFER, P., AND WIZINGER, R.: Ann. 461, 132 (19%). 
(238) PICKETT, L. W., MULLER, N., AND MULLIKEN, R.  S.: J. Chem. Phys. 21, 1400 (1953). 
(239) PIMENTEL, G. C., JURA, G., AND GROTZ, L.: J. Chem. Phys. 19,512 (1951). 
(240) PLATTNER, P. A,, HEILBRONNER, E,, AXD WEBER, S.: Helv. Chim. Acta%, 1036 (1952). 
(241) PLATTNER, P. A., AND PFAU, A. S.: Helv. Chim. Acta 20,224 (1937). 
(242) PLOTNIKOV, V. A., AND GRATBIANSKI~, N. N. :  Mem. Inst. Chem. Acad. Sci. Ukrain. 

S. S. R.  6, 222 (1938); J. Gen. Chem. (U. S. S. R.) 9, 1057 (1939); Chem. Abstracts 
33,2432 (1939). 

(243) PLOTNIKOV, V. A., AND GRATSIANSKI~, N. N , :  J. Gen. Chem. (U. S. S. R.) 16, 596 
(1945); Bull. acad. sci. U. R. S. S., Classe sci. chim. 1947, 101; Chem. Abstracts 40, 
5656 (1946) ; 42,4480 (1948). 

(244) PLOTNIKOV, V. A., SHEKA, I. A., AND YANKELWICH, Z. A,: Mem. Inst. Chem. Akad. 
Sci. Ukrain. S. S. R.  4,382 (1937); J. Gen. Chem. (U. S. S. R.) 9,868 (1939); Chem. 
Abstracts 32, 7791 (1938). 

(245) PLOTNIKOV, V. A,, AND SPEKTOR, B. V.: Zapiski Inst. Khim. Akad. Nauk U. R.  S. R. 
7, 429 (1940); Chem. Abstracts 36,5771 (1941). 

(246) PLOTNIKOV, V. A., AND YAKUBSON, S. I.: Mem. Inst. Chem. Ukrainian Acad. Sci. 2, 
99 (1935); J. Phys. Chem. (U. S. S. R.) 8,159 (1936); Chem. Abstracts31, 1707 (1937). 

(247) PLYLER, E. K., AND WILLIAMS, D. R.: Phys. Rev. 49,215 (1936). 
(248) POWELL, H. M. : Nature 153,533 (1944). 
(249) POWELL, H. M.: Endeavour 9, 154 (1950). 

(1950); Chem. Abstracts 46, 6598 (1951). 

(1948). 

(1949) ; Chem. Abstracts 46, 2737 (1951). 

8 pp. (1951); Chem. Abstracts 46,3820 (1952). 

(1939). 

Abstracts 47,3256 (1953). 

Ithaca, New York (1940). 

gart, Germany (1927). 



.4ROMATIC MOLECULAR COMPLEXES 775 

(250) POWELL, H. M., AND HUSE, G.: J. Chem. SOC. 1943, 435; Nature 144.77 (1939). 
(251) POWELL, H. M., HUSE, G., AND COOKE, P. W.: J. Chem. SOC. 1943,153. 
(252) PRIEST, H. F., AND SCHUMB, W. C.: J. Am. Chem. SOC. 70,2291 (1948). 
(253) PURI, B., SAHNEY, R .  C., SINGH, M., A N D  SINGH, S.: J. Indian Chem. SOC. 24, 409 

(254) PUSHIN, N. A,,  JELISAVEHIE, J., KENIG, D., AND ILIE, S.: Bull. soc. chim. roy. 

(255) RABINOVICH, B. Y.: Zhur. Obschel Khum. (J. Gen. Chem.) 21, 66 (1951); Chem. Ab- 

(256) R~DULESCU,  D. :  Ber. deut. Chem. Ges. 64, 2243 (1931). 
(257) RAO, N. S., AND JATKAR, S. K. K.:  Quart. J. Indian Inst. Sci. 6,65 (1942); 6 , l  (1942); 

Chem. Abstracts 40, 1078 (1946). 
(258) RAPSON, W. S., SAUNDER, D.  H., AND STEWART, E. T . :  J. Chem. S O C .  1946,1110. 
(259) REID, C.: J. Chem. Phys. 20, 1212 (1952). 
(260) REID, C. : Technical Report, Laboratory of Molecular Structure and Spectra, Depart- 

(261) RHEINBOLDT, H., AND SENISE, P.:  Bols. faculdade filosofia c i h c .  letras, Univ. Sfio 

(262) ROBERTSON, P. W., ALLEN, J. E., HALDANE, K. N., AND SIMMERS, M. G.:  J. Chem. 

(263) ROBERTSON, P. W., DE LA MARE, P. B. D., A N D  JOHNSTON, W. T. G.: J. Chem. SOC. 

(264) Ross, s. D., BASSIN, M., FINKELSTEIN, M., AND LEACH, W. A.:  J. Am. Chem. SOC. 76, 

(265) Ross, S. D. ,  BASSIN, M., AND KGSTZ, I.: Private communication. 
(266) Ross, S. D., A N D  KUNTZ, I . :  J. Am. Chem. SOC. 76, 74 (1954). 
(267) Ross, S. D.,  A N D  KUNTZ, I.: J. Am. Chem. SOC. 76, 3000 (1954). 
(268) RUNDLE, R. E., AND GORING, J .  H.: J. Am. Chem. SOC. 72,5337 (1950). 
(269) RUNDLE, R. E., AND HOLMAN, E. J.: J. Am. Chem. SOC. 71,3264 (1949). 
(270) SAHNEY, R. C., AGGARWAL, S. L., A N D  SINGH, M.: J. Indian Chem. SOC. 23,335 (1946). 
(271) SAHNEY, R. C., BERI, R. M., SARNA, H. R., A N D  SINGH, J . :  J. Indian Chem. SOC. 26, 

(272) SAKSENA, B. D.,  A N D  KAGARISE, R. E.: J. Chem. Phys. 19,994 (1951). 
(273) SCATCHARD, G., WOOD, S. E., AND MOCHEL, J. M.: J. Am. Chem. SOC. 69, 1957, 1960 

(274) SCHLENB, W., JR.: Fortschr. chem. Forsch. 2, 92 (1951). 
(275) SCOTT, R. L.: J. Am. Chem. SOC. 76, 1550 (1953). 
(276) SEYER, W. F., ASD PECK, W. S.: J. Am. Chem. SOC. 62, 14 (1930). 
(277) SHATESHTE~N, A. I., A N D  VARSHAVSKI~, Y .  M.: Doklady Akad. Nauk S. S. S. R. 86, 

157 (1952); Chem. Abstracts 46,9395 (1952). 
(278) SHRIRO, E. G.: Ber. Inst. physik. Chem., Akad. Wiss. Ukr. S S. R. 8, 241 (1938); 

Khim. Referat. Zhur. 1, No. 10,15 (1938); Chem. Abstracts 33,8476 (1939). 
(279) SHULER, K. E.: J. Chem. Phys. 20, 1865 (1952). 
(280) SHULER, K. E.: J. Chem. Phys. 21, 765 (1953). 
(281) SHUL’GINA, M. P.: J. Gen. Chem. (U. S. S. R.) 4,225 (1934); Chem. Abstracts 29,988 

(282) SIMONS, J. H. :  J. .4m. Chem. SOC. 63,83 (1931). 
(283) SINOMIYA, T.: J. Chem. SOC. Japan 60, 170 (1939); Chem. Abstracts 34,2360 (1940). 
(284) SINOMIYA, T . :  Bull. Chem. SOC. Japan 16, 92, 137, 281, 309 (1940); Chem. Abstracts 

(285) SINOMIYA, T.: Bull. Chem. SOC. Japan 16,259 (1940); Chem. Abstracts 34,7900 (1940). 
(286) SINOMIYA, T.: J. Chem. S O C .  Japan 61, 1221 (1940); Chem. Abstraots 37, 3990 (1943). 
(287) SINOMIYA, T., AND ASAHINA, T.: J. Chem. SOC. Japan 69,1165 (1938); Chem. Abstracts 

(288) STOKES, R. H., DUNLOP, P. J., A N D  HALL, R. J . :  Trans. Faraday SOC. 49,886 (1953). 

(1947). 

Yougoslav 7,73 (1936); Chem. Abstracts 31,5663 (1937). 

stracts 46, 7518 (1951). 

ment of Physics, The University of Chicago, Part Two, p. 295 (1952-53). 

Paulo 14, Quimica No. 1 ,3  (1942); Chem. Abstracts 40, 2049 (1946). 

SOC.  1949, 933. 

1943, 276. 

69 (1954). 

329 (1949). 

(1946). 

(1935). 

34, 5834, 5835, 7801 (1940); 36, 1047 (1941). 

33,2111 (1939). 



776 LAWRENCE J. ANDREWS 

(289) SYRKIN, YA. K., AND ANISIMOVA, K. M.: Doklady Akad. Nauk S. S. S. R. 69, 1457 

(290) TAMRES, M.: J. Am. Chem. SOC. 74,3375 (1952). 
(291) TAMRES, M.: Private communication. 
(292) TAMRES, M., VIRZI, D. R.,  AND SEARLES, S.: J. Am. Chem. SOC. 76,4358 (1953). 
(293) TAUFEN, H. J., MURRAY, M. J., AND CLEVELAND, F. J.: J. Am. Chem. SOC. 03,3502 

(294) TERENIN, A. N., AND YAROSLAVSKI~, N.: Acta Physicochim. U. R. S. S. 17, 240 

(295) TSUCHIDA, R., KOBAYASHI, M., AND NAKAMOTO, K. :  Nature 107,726 (1951). 
(296) TSURUTA, T., SASAKI, K., AND FURUKAWA, J.: J. Am. Chem. SOC. 74,5995 (1952). 
(297) ULICH, H.: Z. physik. Chem., Bodenstein Festband, p. 423 (1931). 
(298) ULICH, H., HERTEL, E., AND NESPITAL, W, : Z. physik. Chem. B17.21 (1932). 
(299) ULICH, H., AND NESPITAL, W.: Z. angew. Chem. 44, 750 (1931). 
(300) ULICH, H., AND NESPITAL, W.: 2. Elektrochem. 37,559 (1931). 
(301) VAN DE STOLPE, C.: Ph.D. Thesis, “Solvates of Iodine in Organic Soluents,” University 

(302) VAN DYKE, R. E.: J. Am. Chem. SOC. 72,3619 (1950). 
(303) VOSBURGH, W. C., AND COOPER, G. R.: J. Am. Chem. SOC. 03, 437 (1941). 
(304) VOSKRESENSKAYA, N. K., RAVICH, M. I., AND SIITERNINA, E. B. : Akad. Nauk S. S. R., 

Odtel. Tekh. Nauk. Inst. Mashinovedeniya, Soveshchanie Vyazkosti Zhidkostel 
i Kolloid. Rastvorov (Conference on Viscosity of Liquids and Colloidal Solutions) 
1,31 (1941); Chem. Abstracts 40,3047 (1946). 

(1948); Chem. Abstracts 42,6593 (1948). 

(1941). 

(1942); Chem. Abstracts 37,6553 (1943). 

of Amsterdam, 1953. 

(305) WALKER, 0. J.: Trans. Faraday SOC. 31,432 (1935). 
(306) WALLING, C., BRIGGS, E. R., WOLFSTIRN, K.  B., AND MAYO, F. R. : J. Am. Chem. SOC. 

(307) WALLWORK, S. C., AND HARDING, T. T.: Nature 171,40 (1953). 
(308) WASSILIEW, W., SYRKIN, J., AND KENEZ, I.: Nature 136,71 (1935). 
(309) WEIL, H., SAPPER, E., KRAMER, E., K L ~ T E R ,  K., AND SELBERG, H.: Ber. deut. Chem. 

(310) WEISS, J.: J. Chem. SOC. 1942, 245. 
(311) WEISS, J.: J. Chem. SOC. 1943,462. 
(312) WEISSENBERGER, G., HENKE, R., AND BERGMAN, L.: Monatsh. Chem. 40,482 (1925). 
(313) WEISSENBERGER, G., AND PIATTI, L. : Monatsh. Chem. 46,281 (1924). 
(314) WEISSENBERGER, G., AND SCHUSTER, F.: Monatsh. Chem. 46,413 (1924). 
(315) WEISSENBERGER, G., AND SCHUSTER, F.: Monatsh. Chem. 40, 157 (1925). 
(316) WEISSENBERGER, G., SCHUSTER, F., AND LIELACHER, J.: Monatsh. Chem. 40, 295, 

(317) WEISSENBERGER, G., SCHUSTER, F., AND SCHULER, K.: Monatsh. Chem. 46,425 (1924). 
(318) WEISSENBERGER, G., SCHUSTER, F., AND WOJNOFF, K.:  Monatsh. Chem. 46,l  (1925). 
(219) WERNER, 0.: 2. anorg. u. allgem. Chem. 181,154 (1929). 
(320) WERTYPOROCH, E., AND ADAMUS, B.: Z. physik. Chem. A168,31 (1933). 
(321) WEYGAND, C., AND SIEBENMARK, T.: Ber. deut. Chem. Ges. 73B, 765 (1940). 
(322) WHELAND, G. W.: T h e  Theory of Resonance and i t s  Appl icat ions to Organic Chemistry, 

(323) WHIFFEN, D. H. : Trans. Faraday SOC. 49,878 (1953). 
(324) WILLIAMS, D.: Phys. Rev. 60,719 (1936). 
(325) WILLIAMS, J. W. W.: Physik. 2.29, 174 (1928). 
(326) WILLIAMS, J. W. W., AND ALLEGIER, R. J.: J. Am. Chem. SOC. 49,246 (1927). 
(327) WINSTEIN, S., AND LUCAS, H. J.: J. Am. Chem. SOC. 80, 836 (1938). 
(328) WOHL, A., AND WERTYPOROCH, E.: Ber. deut. Chem. Ges. 04B, 1357 (1931). 
(329) WOODWARD, R. B.: J. Am. Chem. SOC. 04,3058 (1942). 
(330) WYATT, W. F.: Trans. Faraday SOC. 26,48 (1929). 
(331) ZINGARO, R. A., VANDERWERF, C. A., AND KLEINBEBQ, J.: J. Am. Chem. SOC. 7 5 , s  

70,1537 (1948). 

Ges. 01B, 1294 (1928). 

306 (1925). 

p. 276. John Wiley and Sons, Inc., New York (1944). 

(1951). 


