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1. Introduction 

In spite of their unusual composition, many of the interhalogen com- 
pounds and polyhalides are easily prepared; some of them are known almost 
as long as the halogens themselves. The first interhalogens, IC1 and ICb, 
were discovered by Davy (27) and by Gay-Lussac (41) in 1814, the first 
crystalline polyhalide, strychnine triiodide, was prepared by Pelletier and 
Caventou (77) in 1819. 

The two classes of compounds have in common that they are, or con- 
tain, complexes of halogen atoms; the interhalogen compounds are elec- 
trically neutral polyhalogen complexes, the polyhalides contain negatively 
charged polyhalide ions. Recently also some positive polyhalogen complexes 
have been discovered, for instance BrF2+, IClz+ and IF4+; these will be in- 
cluded in our discussion of the poIyhalogen complexes. 

The formulas of the polyhalogen compounds were not well understood 
from the point of view of the classical valence rules; they are a challenge for 
the application of the modern theories of valency. During the last years 
many of the structures of polyhalogen complexes have been elucidated 
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and theoretical interpretations of them have been proposed. This work 
will be the main subject of the present review. In  Section I1 a survey will 
be given of the existing polyhalogen complexes. Their chemical and physical 
properties will be discussed only in outline, but a fairly complete account 
will be given of their stability and structures. In  Section 111 the various 
theoretical interpretations of these structures will be compared. 

II. Survey of the Structures and Properties of Polyhalogen Complexes 

A. IYTERHALOGEX COMPOUKDS 

1. Classijcation of the Interhalogens 

In  composition all interhalogen compounds belong to one of the classes 
AB, AB3, ABS or AB, (Table I). This means that if they consist of molecules 
these molecules must contain an even number of atoms, and hence, an even 
number of electrons. Ternary or quaternary interhalogens are not known; 
attempts to isolate ternary compounds of iodine, bromine, and chlorine 
proved to be uiisuccessful (19, 44).  

TABLE I 
A'fOLECULAR FORMULAS OF THE INTERH.4LOGEN COMPOUNDS 

AB ABa ABs ABI 

I P  (30) BrF3 (59, 80) IF6 (67) IF, (88) 
BrF (87) ClFs (90) BrFs (91) 
CIF (86) 1?ci6 (41) 
IC;~ (41, 
IBr (3) 
IirCl (3) 

a IF is observed onlj- in flames obtained when iodine or substances containing iodine 
are brought into contact with fluorine. It was identified by its emission spectrum (YO). 

All interhalogelis are found to be molecular compounds; indeed, their 
molecular formulas have been determined from measurements of vapor 
densities and freezing points of solutions or, in the case of I&&, which is 
only known in the solid state, from X-ray diffraction. In  Table I the molecu- 
lar formulas are listed. It is seen that, with the exception of IZCl6, the 
molecules contain only one A atom. 

Table 1 shows that in the group AB all conceivable representatives are 
knomn, whereas in the other groups many combinations are lacking. Appar- 
ently the occurrence of compounds in these latter groups is confined to 
those for which halogen A is larger than B. Whether or not a conceivable 
interhalogen can be prepared depends on its stability with respect to the 
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elements from which it is composed and with respect to other interhalogens 
of the elements considered (see Section 11,A13). 

2. Properties of the Interhalogens 

a. Preparation. The interhalogens are prepared from the elements; the 
type of compound being obtained depends on the conditions under which 
the reaction is carried out. Because of the great reactivity of fluorine and 
some of its interhalogens, copper, nickel, or fluorothene reaction vessels 
are used for the preparation of the interhalogens of fluorine (50, 96). The 
interhalogens ClF3 and BrF3 are produced on a technical scale (60, 79). 

b. Reactivity. In general the chemical properties of the interhalogen 
compounds are similar to those of the halogens themselves. Still, the use of 
interhalogens instead of the halogens is of advantage in some halogenation 
reactions. Fluorinations, for instance, which would take place too vigorously 
with fluorine itself, can easily be performed when C1F3, BrF3 or IF6 are 
used as fluorinating agents (4, 31, '75, 79,89,100). Conversely, the applica- 
tion of an interhalogen compound is sometimes useful in cases where the 
substitution of a halogen takes place too slowly when the halogen itself is 
used as a reactant. For instance, iodinations in organic chemistry can in 
some cases be performed more easily by IC1 than by iodine itself ( d 0 , l d O ) .  

c. Physical properties. IC1, IBr, and IC13 are solids at room temperature; 
BrF3, BrFs, and IF6 are liquids, whereas the other interhalogens are gases. 
The electrical conductivity is very small in the solid state; in the liquid 
state some of the interhalogens show a small conductivity, which has been 
explained by the assumption that these liquids are ionized to a small 
extent; for instance: 

2IC1 e I+ + IC12- 

2IFs F= IF4+ + IFs- 

2BrFa F= BrFe+ + BrF4- 

In all cases, however, the electrical conductivity is much smaller than for 
instance that of fused salts; the interhalogens can therefore be considered 
as molecular compounds. 

3. Stability of the Interhalogens 

Some information about the nature of the bonds in the interhalogens 
can be obtained from a study of the thermodynamical data. In Table 11, 
AHo, AGO and AS" represent the standard enthalpy, free enthalpy and 
entropy of formation. These data have been derived from heats of reaction, 
spectroscopic heats of dissociation, equilibrium constants, and statistically 
calculated entropy values. They can be corrected for the virtual transforma- 
tion to the gaseous state of those halogens and interhalogens which are 



TABLE 11 
THERMODYNAMIC DATA AND DIPOLE h'fOMENTS OF INTERHALOGEN C0MPOUNI)S AND HALOGENS" 

State 
under 

conditions 

substance standard AH" A G O  

IF g -22.7 -28.1 
BrF g -14.7 -18.3 
ClF g -13.4 -13.8 
ICl S -7.67 -3.36 
IBr S 

BrC1 g 3.46 -0.24 

BrF3 1 - 75 - 57 
ClFI g -38.8 -29.5 
ICL S -21.1 -5.36 

A S "  --D 
M 

(in debyes) 

18.3 
12.4 
1.2 

-14.5 

12.5 

- 60 
-31.3 
-52.9 

-30.1 
-18.4 
-13.4 
-3.35 
-1.42 
-0.21 

-67.1 
-38.8 

-30.4 
-18.7 
-13.8 
-3.76 
- 1 .83 
-0.62 

-54.9 
-29.5 

1 . 1  
1 .2  
1.2 
1 . 4  
1.4 
1.4 

-40.0 
-31.3 

-66.2 
-59.4 
-60.3 
- 49 . ti  
-41.9 
-51.5 

-144.9 
-122.4 

1.29 (104) 
0.85 (49) 
0.63b (62, 110) 
1. 26* (97, 98) 

0.554 (63) 

IF5 1 -205.3 -180.3 -84.0 -202.6 -180.6 -73.6 -312.1 
BrFb 1 -127.5 -101.9 -86.0 -124.0 -101.9 -74.0 -238.5 

IF, g -224.3 -194.3 -100.8 -231.7 -196.6 -118.0 -378.0 

Fz g 0 0 0 0 0 0 -36.7 
Clz g 0 0 0 0 0 0 -57.08 

0 7.34 0.751 22.2 -45.46 Brz 1 0 0 
I2 6 0 0 0 14.88 4.63 34.4 -35.54 

a AH, AG and D are given in kcal/mole, A S  in cal/degree/mole; the data were taken or calculated from (36), (85), and (107). 
Average of different values from the literature. 
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liquids or solids under standard conditions. In this way the quantities A H t ,  
AGt and A S t  are obtained, which thus refer to the formation of gaseous 
AB, from gaseous A2 and Bz at  25°C and 1 atm pressure. 

We first consider the available data for the group AB. From the AGO 
values listed it is seen that the stability of the interhalogens AB relative to 
the elements a t  standard conditions decreases in the order IF > BrF > 
C1F > IC1 > IBr > BrCl. The same holds for their stability relative to 
the gaseous elements at 25°C and 1 atm pressure, as appears from the values 
of AGt. 

As is to be expected, the entropy change connected with the reaction 

is small, since from two diatomic molecules, two other diatomic molecules 
are formed. The small increase in entropy A S t  of about 1.3 cal/degree, 
which is observed for all these reactions, may be interpreted as the dif- 
ference in entropy per mole between an asymmetric and a symmetric 
diatomic molecule : 

A S  = R In 2 = 1.4 cal/degree. 

Since the AS? values are small, and equal for all interhalogens AB, the 
stability of these compounds relative to the gaseous elements is practically 
determined by the heats of formation A H t ,  and the order of the stabilities 
depends entirely on them. These A H t  values represent the bond energy 
of the A-B bond relative to half of the sum of the bond energies A-A and 
B-B; they are negative, which means that the bond A-B is stronger 
than the arithmetic mean of the bonds A-A and B-B. 

It is interesting to compare the observed order of stability IF > BrF > 
C1F > IC1 > IBr > BrC1, corresponding to the order in which the rela- 
tive bond energies A-B decrease, with the difference in electronegativity 
of the constituting halogen atoms. These differences in electronegativity 
amount to 1.5; 1.2; 1.0; 0.5; 0.3 and 0.2 respectively (76). Apparently a 
large difference in electronegativity of the constituents corresponds to a 
strong bond and a larger stability of the interhalogen relative to the ele- 
ments. The gain in energy with the formation of an interhalogen AB may 
thus be ascribed to the polar character of the A-B bond formed. The 
polarity of the bonds appears from the dipole moments p shown in Table 
11. The order in which these dipole moments decrease corresponds to the 
order of decreasing stability, except in the case of IBr. The dipole moment 
of IBr, however, has been determined in solution, whereas those of the 
other interhalogens refer to the vapor phase. There are reasons to expect 
that the dipole moment of IBr in the gas phase will be considerably smaller 
than that in solution (46). 
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Although IF is the most stable of the AB interhalogens, it has been 
shown to exist only in small quantities under extreme conditions (30). 
This will be due to the tendency of IF to disproportionate into IZ + IF6, 
and to a small extent into Iz + IF7. For these reactions AGO = -39.8 and 
f2.4 kcal respectively per mole of IF6 or IF7 formed. For an analogous 
reason, the synthesis of pure BrF is difficult because of its tendency to dis- 
proportionate into a mixture of Brz, BrF3, and BrF6. The standard free 
enthalpies for disproportionation into Brz + BrF3 and Brz + BrF6 are 
-2.1 and - 10.4 kcal, respectively. The existence of the interhalogens AB 
is thus closely connected with the stability of the compounds AB3, AB5, 
and AB7. The data listed for ClF and ClF3 show that C1F is more stable 
than BrF with respect to disproportionation into A:! and AB3, since AGO = 

+11.9 kcal for the reaction 3C1F = Clz + ClF3. For the disproportionation 
of IC1 into Iz and Icl3, a AGO value of +4.7 kcal/mole of ICl3 is calculated. 

The stability of interhalogens of the type AB3 relative to the elements 
decreases in the order BrF3 > ClFs > IC13, which appears from the AGO 
values listed in Table 11. As in the case of the AB interhalogens, the stability 
thus decreases with decreasing difference of electronegativity of the 
constituents. 

Kot only is the stability of AB3 relative to the elements of impor- 
tance, but also the stability with respect to the dissociation products 
AB + Bar and, for BrF3, that with respect to disproportionation into Brz 
or BrF + BrF6. Bromine trifluoride has been shown to disproportionate to 
a small extent into BrF and BrF6 ( I @ ) ,  for which reaction AGO = -6  
kcal/mole of BrF6. The standard free enthalpy for disproportionation into 
Brz + BrF6, is -6.9 kcal/mole of BrF6 formed. For the dissociation reac- 
tions AB3 = AB + BZ we find in the cases of BrF3, C1F3, and IC13 respec- 
tively, AGO = $38.7, +15.7 and f2.0 kcal. Since the AHo values for these 
reactions are positive, the dissociation will increase at higher tempera- 
tures. The AGO values show that Ic13 dissociates completely at relatively 
low temperatures, whereas C1F3 and BrF3 are quite stable with respect to 
dissociation. 

In the group AB6 we notice that IF6 is more stable relative to  the ele- 
ments than is BrF6. The standard free enthalpies for the dissociation and 
disproportionation reactions are as follows : 

AGO 
IFF, 2Fz + IF + 152.2 kcal 

BrFa S 2Fz + BrF + 83.6 kcal 

BrF6 FZ + BrF, + 45 kcal 

$IFs $ +If + IF? + 58.1 kcal 

$IF5 E +IF + IF7 + 62.1 k c d  
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Both compounds are thus rather stable with respect to dissociation and, in 
the case of IF6, with respect to disproportionation. 

IF7 is stable with respect to dissociation into Fz + IF, but dissociates 
a t  higher temperatures into Fz + IF6: 

AGO 
IF7 3Fz + IF + 166.2 kcal 

IF7 Fz + IFa + 14.0 kcal 

We shall now compare the bond energies A-B in the interhalogens 
AB, with those in AB. For this purpose we need the heats of dissociation 
into atoms, D, which are also collected in Table 11. Part of these D values 
have been derived from the spectra of the interhalogens, others have been 
calculated from A H t  and the heats of dissociation of the halogens. When 
we anticipate the results of the structure determinations of the interhalo- 
gens (Section II,A14), from which it appears that the molecules AB3, A&, 
and AB7 contain three, five, and seven A-B bonds respectively, the D 
values listed in Table I1 show, that the average energy per bond AB in the 
interhalogens AB, is smaller than the bond energy A-B in the simple 
interhalogens AB. The difference is about 5% in the case of IF6, 20% for 
IF?, BrF3, and BrF6, and 30% for C1F3. This may indicate a change of bond 
type, the influence of steric hindrance in AB,, or both. 

A reaction of the type Az + nBz = 2AB, will only be possible if 
A H t  has a rather large negative value, since the entropy decreases appreci- 
ably as a consequence of the decrease in the number of molecules. This 
will be the case if the energies of the bonds in AB, are of the same order of 
magnitude as the bond energies in A2 and Bz, because the total number of 
bonds in 2AB, is larger than that in Az + nBz. If, however, the bonds 
in AB, are appreciably weaker than in Az and B2, the interhalogen AB, 
will not be stable. It is to be expected, therefore, that the interhalogens 
AB, will only be stable if A is sufficiently larger than B for steric hindrance 
to be small. 

From the values listed in Table 11, we can make estimates of the average 
bond energies in hypothetical interhalogens AB, and of their entropies of 
formation. The interhalogens IF3, ClF6, and BrF7 are then expected to be 
stable relative to the elements, although these compounds have not been 
observed.* It can be shown, however, that IF3 would probably dispropor- 
tionate into Iz + IF5 and that BrF, and ClF6 are likely to dissociate into 
Fz + BrF6 + BrFa and into F2 + C1F3 respectively. 

*Note added in proof: The interhalogen IF8 has been prepared recently by M. 
Schmeisser and E. Scharf, Angezo. Chem. 72, 324 (19Sp). It is a yellow powder which 
decomposes very fast into IS and IF6 at room temperature. 
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4. Structure of the Interhalogens 

As appears from Figs. 1, 3, 4, and 5,  the structures of almost all inter- 
halogens are now known; the only exceptions are IF, which has only been 
obtained in small concentrations in the gas phase, and IFs, for the structure 
of which only indications are available. 

The atomic distances in the diatomic molecules AB in the vapor phase 
have been determined with great precision by spectroscopic methods and 
by electron diffraction; in Fig. 1 the mean values of these determinations 

BrF(g) 
ref. (108) 
A = 1.756 (0.001) 

De = 1.851 

:f? 8 8 )  
A = 1.628 (0.001) 
D. = 1.703 

BrCl k) 
ref. (108) 
A = 2.138 (0.005) 

Do = 2.136 

IBr (9) 
(ref. 92) 
A = 2.470 (0.005) 

D, = 2.475 

IC1 ( 9 )  
ref. (108) 
A = 2.321 (0.001) 

D. = 2.327 

A = 2.37 (0.04) 
B = 2.44 (0.04) 
C = 3.00 (0.04) 
D = 3.08 (0.02) 
m = 102 (2) 
0 = 179 ( 2 )  
y = 85 (2) 
6 = 94 (2) 
t = 179 (2) 

Dc(I---Cl) = 2.327 
DG(I-I) = 2.667 

Dw(1 . . . C1) = 3.95 
D w ( I .  . . I)  = 4.30 

FIG. 1.  Structure of the interhalogens AB. The standard error, where possible to 
estimate, is given in parentheses. Distances are in A, angles in degrees. 

are given as found in ref. 108. When these distances are compared with 
the sum D,, of the covalent radii of the constituting halogens (Table 111), 
it is observed that the distance A-B is smaller than D, by an amount 
which increases when the' difference in electronegativity of the halogens 



INTERHALOGEN COMPOUNDS AND POLYHALIDES 141 

increases. This is in accordance with the rule found in Section II,A,S, that 
the bond strengths increase with the electronegativity difference. 

TABLE I11 
COVALENT UII (rob) AND VAN DER WAALS RADII (TW) OF THE HALOGENS 

Substance r, (A) (108) TW (A) (76) 

F2 0.709 1.35 
Clz 0.994 1.80 
Brz 1.142 1.95 
I* 1.333 2.15 

The structure of one of the interhalogens AB has also been studied in 
the solid state. In this structure, the a modification* of IC1, the molecules 
are arranged in puckered zigzag chains. The intermolecdar distances indi- 
cate clearly that a strong interaction between the molecules exists, because 

12 (9) 

refs. (49,68) 
A = 2.68 
B = 3.56 
a = 76 

= 109 
y = 175 

FIG 2. Crystal structure of iodine. The molecules lie in parallel layers, the arrange- 
ment in one layer is shown. 

these intermolecular distances are far smaller than the sum DW of the Van 
der Waals radii (Table 111) of the elements in contact. On the other hand, 
the atomic distances in the molecules are a little larger than observed in 
IC1 vapor. To a smaller extent the same phenomena are observed in solid 

* Very similar interatomic distances have been observed in P-ICl (G. B. Carpenter, 
private communication). 
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iodine (Fig. 2) ,  where the intermolecular distances are also smaller than the 
sum of the Van der Waals radii. In this case the intramolecular distance is 
not significantly larger, however, than the distance observed in iodine 
vapor. 

In the group AB3 (Fig. 3) the structure of ClFl has been determined in 
the vapor as well as in the solid state, with essentially the same results. 
Since the accuracy of the microwave method, according to which the struc- 
ture in the vapor phase has been determined, is greater than the accuracy 

BrFa (9) 
ref. (64) 

A = 1.810 (0.005) 
B = 1.721 (0.005) 
a = 187.58 (0.2) 
/3 = 86.21 (0.2) 

ClFa (d 
refs. (14, 103) 

A = 1.698 (0.005) 
B = 1.598 (0.005) 
(Y = 185.0 (0.2) 
/3 = 87.5 (0.2) 

I2Cls (4 
ref. (8) 

A = 2.38 (0.02) 
B = 2.39 (0.02) 
C = 2.68  (0.02) 
D = 2.72 (0.02) 
a = 84 (1) 
6 = 91 (1) 
y = 94 (1) 
6 = 90 (1) 

FIG. 3. Structure of the interhalogens ABs. 

of the X-ray diffraction study of the solid, the results of the former have 
been given in Fig. 3. The atomic distances in BrF, and ClF, indicate that 
two of the three bonds in these molecules are weaker than in BrF and C1F 
respectively, whereas the third might be slightly stronger. In contrast to 
the results obtained for solid ICl no strikingly small intermolecular dis- 
tances are observed in solid CIF,. The structure of ICl3 is exceptional in 
this respect, that molecules I&& have been found. These molecules are 
separated from each other by normal Van der Waals distances. It appears 
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from the intramolecular distances that the bonds in the molecule are of two 
different types. 

The structures of IF6 and BrF6 (Fig. 4) are known from spectroscopic 
studies of the vapors and from X-ray diffraction. The spectroscopic work 
only indicates the symmetry of the molecules and gives only a rough esti- 

IF6 (9) 
ref. (61) 

Bond lengths = 1.75 

BrF6 (8) 

refs. (16, 17, 106) 
A = 1.75 
B = 1.82 
c = 1.81 
D = 1.68 

L D A  = 85.4 
L D B  = 86.5 
LDC = 80.5 

FIG. 4. Structure of the interhalogens ABs. 

mate of the bond lengths; the X-ray diffraction study gives reasonably 
reliable bond lengths and angles for BrFs. As in the case of BrF3, one of the 
bonds (D) is, probably significantly, smaller than the other ones. 

The structure of IF, (Fig. 5 )  is only fairly accurately known. Spectro- 

IF7 (g,s) 
refs. (6, 13, 16, 28, 61) 

Bond lengths 
Bond angles = 72 and = 90 

= 1.80 (= 0.04) 

D, = 2.042 

FIG. 5. Structure of IF,. 

scopic studies indicated a pentagonal bipyramid as the most probable 
shape of the molecule; this model was confirmed by electron diffraction 
studies, and it was found that the two I-F distances in the direction of the 
pentagonal axis (1.94 A) were larger than those in the equatorial plane 
(1.83 A). An X-ray diffraction study of solid IF, finally showed that in the 
solid the pentagonal bipyramid may be somewhat distorted. The average 
I-F distance was found to be 1.80 A. The accuracy of the X-ray diffraction 
study leaves something to be desired, however, because of the difficulty of 
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obtaining a sufficiently large number of accurate diffraction intensities for 
this highly react,ive compound. The reported I-F distance of 1.80 A shows 
a considerable contraction compared with the sum of the covalent radii of 
iodine and fluorine (2.04 A). 

B. POLYHALIDES 

1. Classification of the Polyhalidm 

Polyhalides can, according to the number of atoms in their ions, be 
divided into trihalides, pentahalides, heptahalides etc. In  Table IV are 
listed crystalline polyhalides which are obtainable with univalent cations 
without inclusion of solvent or other molecules. In most cases it is clear 
from the formulas that the polyhalide ion must contain an even number of 
electrons; the lowest possible formula weight of the polyhalide ion contains 
an odd number of atoms and hence, because of its charge, an even number 
of electrons. Only the formulas of the group of “even” polyhalides do not 
allow this conclusion to be drawn. On the contrary, if the ion in, say, cs14 
had the formula 14-, the number of electrons would be odd, and the sub- 
stance would be paramagnetic (56). From the diamagnetism of this com- 
pound it can be concluded that the formula should at least be doubled. 

Polyhalides with dipositive or tripositive cations are known to be formed 
only with large complex cations; examples are Ni(NHI)& with n = 4,6,10, 
and 14 and, from tripositive cobalt, Co(NH& (35). The only exceptions 
to this rule are Ba(IF4)2 (96) and Ba (BrF4)2 (32). 

Many crystalline polyhalides contain molecules of the solvent or other 
foreign molecules which are apparently essential for the stability of the 
compound, because the whole substance decomposes into a monohalide 
and halogen or interhalogen when these foreign molecules are removed. 
Examples of these “solvated” polyhalides are KIt * HzO, KI, * 2H20, 
KIT . H 2 0  (10); CSI~O - 2CsH6 (38); and Be(IC14)z * 8H20 (113). In this way 
even some crystalline polyhalogen acids have been prepared, viz. : HI3 * 
4C6H&X (85) and HIC1, * 4Hz0 (18). 

Many of the polyhalide ions exist, or are assumed to exist, also in solu- 
tion (Section II,B,2,c). 

When we compare the compositions of the polyhalide ions with those of 
the uncharged interhalogen complexes, striking differences are noticed. 
First of all, while no ternary interhalogens exist, some ternary polyhalides 
are found in Table IV; secondly, many polyhalide ions are known consisting 
of only one species of halogen atom, whereas no uncharged complexes of 
more than two halogen atoms of the same kind have been described, unless 
crystalline iodine is considered an example of such a complex. 



TABLE I V  
COMPOSITIONS OF NONSOLVATED POLYHALIDES WITH UNIVALENT CATIONS 

w 
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2. Chemical Properties of the Polyhalides 

a. Preparation. It has long been known that iodine, although slightly 
soluble in water, readily dissolves in solutions of iodides because of the for- 
mation of triiodide. In  an analogous way other polyhalides can be prepared. 
Examples are : 

CsI + Brz -+ CsIBra 

CsBr + IBr CsIBr2 

CsBr + 2IC1 ---t CsIClz + IBr 

IiCl + ICla KICl, 

In many cases the crystalline polyhalides can be obtained from the solution 
by evaporation of the solvent or by cooling. Also reactions between gaseous 
halogen or interhalogen and solid monohalides, without solvent, can be 
used for the synthesis of crystalline polyhalides. 

b. Dissociation of solid polyhalides. All polyhalides decompose to some 
extent into a halogen or interhalogen compound and a lower halide. In  
many cases the dissociation pressure is already appreciable a t  room tem- 
perature. The chemical reactions of the polyhalides are mostly those of the 
dissociation products. 

The stability of the polyhalides with respect to dissociation and the 
nature of the dissociation products will be further discussed in Section 
II,B,S. 

c. Polyhalides in solution. The existence of polyhalide ions in solutions 
of the polyhalides in polar solvents has been adequately proved for all 
trihalide ions consisting of iodine, bromine, and/or chlorine atoms. The 
evidence was obtained from measurements of freezing point depressions, 
electrical conductivities, distribution equilibria with nonpolar solvents, 
absorption spectra, exchange of radioactive isotopes between halide ions 
and halogen molecules, oxidation-reduction potentials, and reactions of the 
polyhalide ions in solution. 

For the more complex polyhalides only the existence of ICL- in solution 
has been established; other polyhalide ions probably also exist in concen- 
trated solutions, but their composition is not certain. 

The ions in solution are in dissociative equilibrium with halide ions and 
halogen or interhalogen (see Section IIlB,3). 

3. Stability of the Polyhalides 

It was pointed out in Sections 111B12,b and II1B,2,c that  the polyhalides 
are not stable with respect to  dissociation into a monohalide and halogen or 
interhalogen compound. It is found that the dissociation always takes 
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place in such a way that the halogen or interhalogen molecules formed 
contain the heaviest halogen atoms. For instance, CsIClz dissociates into 
CsCl + ICl and not into CsI + Cl2; similarly, in solution the IClz- ion 
dissociates into C1- + IC1. 

For the crystalline trihalides the order of stability has been determined 
by measuring the temperature at which the dissociation pressure reached 
one atmosphere (34). When the stabilities of trihalides containing the same 
trihalide ion but diferent cations were compared, it appeared, irrespective 
of the anion, that the stability of a trihalide with respect to dissociation is 
greater when the cation is larger and more symmetrical. This rule was also 
established by bringing the solid polyhalide into contact with carbon tetra- 
chloride at 25"C, after which the equilibrium concentration of the halogen 
or interhalogen in this solvent was measured (66). Furthermore, for other 
types of crystalline polyhalides this relationship was derived from measure- 
ments of the dissociation pressures. In Table IV the polyhalides with the 
smallest unipositive cations have therefore been listed: it follows from the 
above rule that, in general, the corresponding polyhalides with larger 
cations also exist. From the fact that polyhalides with dipositive or tri- 
positive cations are found to exist only when these cations are very large, 
it may be inferred that polyhalides are less stable when the charge of the 
cation is higher. 

It is tempting to explain the dependence of the stability of a crystalline 
polyhalide on the nature of it8 cation from the fact that the lattice energy 
of the monohalide formed in the dissociation reaction will be large for small, 
highly charged and asymmetrical cations. It is difficult to prove, however, 
that this will be the dominating factor. The standard free enthalpy of 
dissociation also depends on the lattice energy of the polyhalide, and on 
the difference in entropy between the solid polyhalide and the monohalide. 
Even if the influence of the entropy is neglected, the difference between 
the lattice energies of different polyhalides cannot be expected to be neg- 
ligible, especially when their crystals are not isomorphous. 

We shall now compare the stabilities of trihalides containing the same 
cation but diferent trihalide ions, which have been determined from 
measurements of dissociation pressures as well as from measurements 
of the equilibrium concentration of the halogen or interhalogen formed 
in carbon tetrachloride. In this case the order of stability obtained by 
the two methods was different, which is not surprising, because in the 
second method the interaction between halogen or interhalogen and the 
solvent plays a role. Again, a somewhat different order of stability may be 
expected when the degrees of dissociation of different trihalide ions in 
(aqueous) solution are compared. The results of the three types of experi- 
ments are collected in Table V. 
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All three methods confirm the regularity, already mentioned, that, on 
dissociation, the monohalide formed contains the lightest halogen atom. 

We may try to explain this regularity in a way similar to that attempted 
for the explanation of the dependence of the stability on the nature of the 
cation. It may then be ascribed to the large lattice energy of the monohalide 
formed when this monohalide contains the small halide ion. Here, however, 
a further complication arises, because for the different ways of dissociation 

TABLE V 
TRIHALIUES OF THE SAME CATION LISTED IN ORDER OF DECREASING STABILITY 

Dissociation pressure (34) CCI, method (95) Dissociation in HzO (66) 

IC1,- 
IBrZ- 
Ia- 
IBrCl- 

13- 
IBr2- 
BrC12- 
IC12- 
Bra- 
IsBr- 
1,CI- 
Clr- 

of the polyhalide which are possible a priori, the halogen or interhalogen 
formed is also different. In addition to the lattice energies and entropies, 
the energy and entropy change in the reaction: trihalide ion = monohalide 
ion + halogen or interhalogen, is important. In Section II1,C we shall 
find an indication that the formation of the smallest halide ion is also 
favored in the latter reaction. 

An explanation of the method of dissociation of polyhalides in solution 
may be given along the same lines, if lattice energy is replaced by energy of 
hydration. 

4- Structures of the Polyhalides 

Our present knowledge of the structures of the polyhalides is entirely 
due to the application of X-ray diffraction to the crystalline compounds. 
The structures are now known of one or more compounds of each of the 
different categories of polyhalides listed in Table IV. Many of these have 
been established rather recently, but a number of them are due to spectacu- 
lar early examples of the application of X-ray diffraction in the field of 
inorganic chemistry. Most of this earlier work was done by Mooney, who 
investigated a number of trihalides and tetrachloromonoiodides. In Figs. 
6 to 10 a survey is given of the polyhalide structures known at  present, 
only the polyhalogen complex being represented. 

In the group of the trihalides (Fig. 6) some triiodides have been investi- 
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AS (C&)Ja 

A = 2.90 (0.02) 
a = 176 (1) 

ref. (72) 

NHiIa 
ref. (68) 
A = 3.10 
B = 2.82 
a = 177 

c S I 3  

ref. (109) 
A = 3.03 (0.015) 
B = 2.83 (0.015) 
a = 176 (0.5) 

N(CH3)JClz 
ref. (71) 
A = 2.34 (0.03) 
a = 180 

[PClr] [IClZl 
ref. (121) 
A = 2.36 (0.06) 
a = 180 

NH4BrICI 
ref. (69) 

A = 2.50 (0.04) 
B = 2.38 (0.05) 
a = 179 (3) 

[N(CH&H+]rBr-Brs- 
ref. (84) 

A = 2.54 
B = 2.53 
a = 171 

FIG. 6. Structure of trihalide ions. 

gated. The structures observed for the triiodide ion are interesting in that 
symmetrical as well as asymmetrical triiodide ions have been found to exist 
in the solid triiodides. A recent example of the f is t  category is the triiodide 
ion in tetraphenylarsonium triiodide; the triiodide ions in N(CzHJ4I, 
(Fig. 8) may be added to this group because this heptaiodide is essentially 
a network of cations, centrosymmetrical triiodide ions, and iodine mole- 
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cules. The most accurately investigated asymmetrical triiodide ion is that 
in Cs13, where a difference in the two bond lengths of 0.20 A, and a bond 
angle of 176", are observed; these deviations from a centrosymmetrical ion 
are certainly significant. The average of the two bond lengths does not 
differ much from the bond length found in the symmetrical ions. It is 
0.26 larger than the 1-1 distniice in an isolated iodine molecule. 

+ a .\ = 

:,?g 

KIClr.HaO 
ref. (70) 
A = B = 
C = D = 

a = j3 = 88 (2)  
y = 6 = 92 (2) 

2.33 (0.04) 
2.35 (0.04) 

KBrF, 
refs. (99, 10.8) 

A -  1.88 
a - 90 

N(CHdJ5 
refs. (1.8, 48) 
A = 2.82 (0.015) 
B = 3.17 (0.015) 
a = 175 (0.5) 
j3 = 95 (0.5) 

FIG. 7. Structure of pentahalide ions. 

Among the other trihalides we find ceiitrosymmetrical Cl-I--C\- 
ions in N(CH,),ICl, and PIC16, in which the bond lengths are not sig- 
nificantIy larger than the sum of the covalent radii of I and C1 or the 
atomic distance in the IC1 molecule. Neither is the I-Br bond length 
in Br-1-(31- significantly larger than the sum of the covalent radii of 
iodine and bromine. In  the tribromide ion, however, the Br-Br distance 
seems to be appreciably longeroagain than the bond length in thc bromine 
molecule; the difference, 0.25 A, is probably significant, even though the 
structure of [h'(CH,),H+]&- - Br3- has not yet been refined to the greatest 
possible accuracy. 
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In the group of the pentahalides (Fig. 7) two different types of structure 
have hitherto been observed. The first is the square planar structure of the 
IC1,- ion, to which structure type the BrFd- ion also seems to belong, 
although the available X-ray data hardly serve to distinguish between the 
square configuration and a tetrahedral one. The bond lengths correspond 
closely to the sum of the covalent radii of iodine and chlorine, and of bro- 
mine and fluorine, respectively. The configuration of the atoms in the Is- 
ion is entirely different; this is L-shaped and the bond lengths are appre- 
ciably greater than in the iodine molecule; they are similar to the atomic 
distances in the triiodide ion. 

N(CzHdr4 
at - 175°C 
ref. (63) 

A = 2.904 (0.003) 
B = 3.435 (0.003) 
C = 2.735 (0.003) 
(Y = 180 (0.2) 
j3 = 80.5 (0.2) 
y = 176.3 (0.2) 8 A 6 = 80.3 (0.2) 

FIQ. 8. Structure of N(CeH&I7. Ions 18- and iodine molecules form a three-dimen- 
sional array in which no 1 7 -  ions can be distinguished. 

One representative of the group of heptahalides (Fig. 8) has been 
studied. It has already been mentioned that in this structure no separate 
17- ions can be distinguished. In the structure of N(CzH~.)417 centrosymmet- 
rical 1,- ions and Iz molecules form a three-dimensional pattern in which 
each 13- ion is surrounded by four 1 2  molecules and each iodine molecule by 
two 13- ions. Efforts have been made to prove that the symmetrical shape of 
the 13- ions is not simulated by a statistical distribution of triiodide ions, 
in themselves asymmetrical. The formula of tetraethylammoniumhepta- 
iodide is more correctly written as N(C2Hs)J3 - 212. The distances between 
the 18- ions and I2 molecules are far smaller than the Van der Waals dis- 
tance of two iodine atoms, and even smaller than the intermolecular 
spacings in crystalline iodine; this indicates a rather strong interaction 
between the 18- ions and the iodine molecules. 

In the group of the other polyhalides with an odd number of atoms in 
the polyhalide ion, the structure of N(CH3)& (Fig. 9) was found to contain 
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groups of iodine atoms which might be considered to form 19- ions. How- 
ever, one of the atomic distances in this Is- unit (3.43 A) is hardly smaller 
than the smallest distance between iodine atoms of different Ig- complexes 

N(CH3)Js 
ref. (67) 

a A = 2.67 (0.03) 
B = 3.43 (0.03) 
C = 3.24 (0.03) 
D = 2.67 (0.03) 
E = 3.18 (0.03) 
F = 2.90 (0.03) 
G = 3.24 (0.03) 
H = 2.91 (0.03) 
a = 15G (2) 
B = 85 (2) 
y = 89 (2) 
6 = 168 (2) 
c = 178 (2) 

= 175 (2) 
v = 87 (2) 
19 = 169 (2) 

Fiu. 9. Structure of N(CH&I,. -4 complex IS- is shown in which the nearest ap- 
proaches between iodine atoms are observed. Some distances between atoms of different 
I,- complexes are, however, as small as 3.49 b. 

(3.49 8). Therefore the structure can also be considered as I?- complexes 
in strong interaction with iodine molecules and with each other. 

A far more distinct complex is observed in the crystal structure of Cs14 
(Fig. 10). As was mentioned in Section II,B,I, the absence of paramagne- 

CSI, 
ref. (62) 

A = 2.85 (0.015) 
B = 3.00 (0.015) 
C = 3.42 (0.015) 
D = 2.80 (0.015) 
(Y = 177 (0.5) 
,9 = 81 (0 5) 
y = 175 (0 5) 

FIG. 10. Complexes 1,- in the crystal structure of CSII. 
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tism indicates a doubling of the formula of this compound. The result of the 
structure determination of csI4 shows, indeed, that 14-  complexes do not 
occur in this substance, but that instead planar 18- complexes may be 
distinguished. From the interatomic distances in these complexes it appears 
that they consist of two asymmetrical 13- ions of approximately the same 
dimensions as observed in &I3, and one iodine molecule. There is a rather 
strong interaction between the 13- ions and the I 2  molecule, much stronger 
than the interaction between different 18'- complexes, the closest inter- 
anionic approach being 3.88 8. 

C. POSITIVE POLYHALOGEN COMPLEXES 

1. Chemistry of the Compounds Containing Positive Polyhalogen Complexes 

Compounds containing positive polyhalogen ions are relatively rare. 
They are listed in Table VI. The BrF2+ ion was discovered by Emelbus and 
his co-workers when they studied the electrolysis of BrF3; they later pre- 
pared a number of compounds of this cation which are given in Table VI. 

TABLE VI 
COMPOUNDS CONTAINING POSITIVE POLYHALOGEN IONS 

Emelbus provided strong evidence for the existence of BrF2+ ions by experi- 
ments in which the ion was titrated conductometrically with BrF4- ions. 
The reaction that takes place during the titration is of the following type: 

BrF2+SbFB- + Ag+BrFr- + AgSbFs + 2BrFa 

A compound like BrF2+SbF6- can be prepared from BrF3 and SbFs. In 
a similar fashion IF4+SbF6- can be prepared from IFs and SbFb. Compounds 
containing IClzf ions were recently prepared by Vonk from Ic13 and 
SbCls or AlC13. The existence of these ions could not be proved by titration 
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reactions analogous to those with the BrF2+ compounds because no suitable 
solvent was found, but was established by X-ray diffraction studies of 
ISbCls and IAlCl6. 

2. Structures of Positive Polyhalogen Complexes 

X-ray diffraction studies have only been made of two compounds con- 
taining positive polyhalogen ions, namely ISbCls and IAICls. They both 
contain the ICL+ ion and the dimensions determined for this ion in the two 
compounds are essentially the same. It is seen from Fig. 11 that, unlike 

ISbCls, IAlCls 
ref. (111) 

A = B = 2.29 (0 04) 
C -  D- 2.89 
a = 95 (2) 
B = y = 90 (2) $y 6 = 85 (2) 

FIG. 11. Structure of the ICIz+ ion in the crystals of ISbC18 and IAlCls. There is a 
strong interaction between the ICI2+ ion and two C1 atoms of the SbC16- or NCL- ion. 

the IC12- ion, the IC12+ ion is not linear but rectangular. It appears from 
the atomic distances that each IC&+ ion interacts rather strongly with two 
C1 atoms of the anions in these compounds. The latter chlorine atoms lie 
in the plane of the IC12+ ions, the four chlorine atoms constituting a dis- 
torted square. The I-C1 distances in the IC12+ ion are within the limits of 
error equal to  the sum of the covalent radii of iodine and chlorine; the other 
two I-C1 distances in the square are very much larger than the sum of the 
covalent radii, but far smaller than the sum of the Van der Waals radii. 

We have now given a survey of all structures of polyhalogen complexes 
hitherto investigated; in the next section we shall compare these structures 
and try to  formulate some of the characteristics they have in common. 

D. SUMMARY OF THE CHARACTERISTIC FEATURES OF THE 

STRCCTGRES OF POLYHALOGEX COMPLEXES 

We shall first give a summary of the atomic distances in these complexes. 
In Tables TI1 and VIII they are compared with the bond lengths in the 
simple interhalogens AB or in the halogens. It is found that only in IF?, IFb, 
BrFa, and C1F3 are the distances, or some of the distances, significantly 
smaller than the corresponding spacing in AB; in all other cases the atomic 
distances in the polyhalogen complex are somewhat larger. For the large 
iodine complexes some distances are even considerably larger than the 1-1 
bond length in the iodine molecule. 

Concerning the valency angles, i t  is a striking feature of the polyhalogen 
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complexes that the bond angles are close to 90" or 180". The only notable 
exception is the approximately pentagonal configuration in the equatorial 
plane of the IF, molecule, while in the Is- conformation one angle (156") 
differs appreciably from 180". 

TABLE VII 
ATOMIC DISTANCES IN INTERHALOGEN COMPOUNDS, COMPARED WITH THE 

CORRESPONDING DISTANCES IN THE SIMPLE INTERHALOGENS AB OR HALOGENS Ae 

A-B A-B in AB 
A-A A-A in At 

Compound (A) (A) (i 
IF7 (8 )  -1.80 (1.92) -0.12 
IF6 (g) -1.75 (1.92) -0.17 
BrF6 ( 8 )  1.68 1.76 -0.08 

1.75 -0.01 
1.81 +0.05 
1.82 $0.06 

1.81 $0.  05 

1.70 +O. 07 
IZClS (8 )  2.38 2.32 +0.06 

2.39 f O .  07 
2.68 $0.36 
2.72 +O. 40 

IC1 (8) 2.37 2.32 +O. 05 
2.44 +0.12 
3.00 +O .68 
3.08 2.68 f0.41 

BrFo (g) 1.72 1.76 -0.04 

ClFa (g) 1.60 1.63 -0.03 

An adequate theory of the chemical bond in the polyhalogen complexes 
will have to explain the above-mentioned characteristics of the bonds. In 
Section 111 we shall discuss the different attempts which have been made to 
achieve this end. 

111. Theoretical Interpretations of the Structures of Polyhalogen Complexes 

Three types of interpretation have been given of the nature of the bonds 
in polyhalogen complexes. The first attempts were made on a non-quantum- 
mechanical basis and will be indicated by "electrostatic." A second effort 
to explain the increased valency of the halogen atoms in the complexes 
was the assumption of promotion of one or more electrons from s- or 
p-orbitals to d-orbitals, after which the shape of the complexes formed 
was explained by hybridization of s-, p- ,  and d-orbitals to form strongly 
directed, localized covalent bonds. In the third type of theory, delocaliza- 
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TABLE VIII 
ATOMIC DISTANCES IN POLYHALIDE IONS AND IC12+, COMPARED WITH THE 

CORRESPONDING DISTANCES IN THE SIMPLE INTERHALOGEN AB OR HALOGEN A2 

Ion 

A-B A-B in AB 
*4-A A-A in A2 

(A, (A) 

IC1; 

IS- 

IC12' 

2.90 
2.35 
2.50 
2.38 
2.53 
2.54 
2.33 
2.35 
1.88 
2.82 
3.17 
2.74 
2.90 
3.44 
2.67 
2.90 
2.91 
3.18 
3.21 
3.43 
2.80 
2.85 
3.00 
3.42 
2.29 

2.67 
2.32 
2.47 
2.32 
2.28 

2.32 

1.56 
2.67 

2.67 

2.67 

2.67 

2.32 

$0.23 
$0.03 
+O .03 
50.06 
$0. 25 
$0.26 
+0.01 
+O .03 
+0 .12 
$0. 15 
+O .40 
+O. 07 
$0.23 
$0.77 

0.00 
+0 .23 
$0.24 
$0.51 
$0.57 
$0.76 
+O. 13 
+O. 17 
+O .33 
+O .75 
-0.03 

tion of the p-electrons of the halogen atoms has been considered as the 
energetic cause of the stability of the polyhalogen complexes. We shall dis- 
cuss the merits of these different points of view in the following sections. 

A. ELECTROSTATIC INTERACTION 

Electrostatic interactions were first put forward by van Arkel and 
de Boer in 1928 (1) to account for the existence of trihalide ions. The bond 
in these ions was described as an iondipole interaction between the halide 
ion and a point dipole induced by it in the associated halogen molecule; in 
this way the relative stability of the trihalides as a function of the polariz- 
ability and radius of the three constituent halogen atoms was discussed. 
Davies and Gwynne (26) showed that electrostatic interaction may lead 
to the correct order of magnitude for the energy of formation of an 13- ion 
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from its constituents I- and 1 2 .  A more detailed electrostatic estimate by 
Havinga (51) in which, in addition to ion-dipole attraction and Born repul- 
sion, Van der Waals attraction was also included, confirmed that electro- 
static interaction leads to the right order of magnitude for the energy of 
formation and showed that this interaction may also produce a rather 
appreciable reduction of the ion-molecule distance, the calculated distance 
being about 3.2 A. The value of these calculations is questionable, however, 
since they involve the very crude approximation of an induced point 
dipole, which is certainly far from valid in the case considered, and the use 
of several empirical constants. Havinga also showed that electrostatic 
interaction may result in an L-shaped 16- ion and an IS' ion of the shape 
observed, when these units are considered as an electrostatic complex of 
one I- ion and two Iz molecules, and of two I- ions and three 1 2  molecules 
respectively. The structure of the 19- complex may be interpreted as an 
electrostatic interaction between an I- ion and four Iz molecules, three of 
which are directly linked to the ion, the fourth linked indirectly via the 
dipole induced in one of the first three molecules. 

Electrostatic interaction between an I- ion and an iodine molecule will 
result in an asymmetrical 1,- ion, because in this theory the two bonds in 
the triiodide ion are essentially nonequivalent. Therefore the centrosym- 
metric triiodide ion, as observed in As(CsH6)413 and N(CZH6)&, cannot be 
explained by an electrostatic theory, unless the bonds are considered as an 
electrostatic interaction between an I+ ion and two I- ions. Similarly, the 
only means of explaining the existence of polyhalide ions like the symmetri- 
cal IC1, and IC14- ions electrostatically, would be as follows: 

c1- 

c1- 
Cl-I+Cl- Cl-I*+Cl- 

There are, however, arguments against the validity of these interpretations, 
such as the diamagnetism of the IC&- ion (466) and the planar configuration 
of the IC1,- ion. 

For the angular, positively charged complex IC12+, a plausible electro- 
static model cannot be given, and the same holds for the uncharged com- 
plexes, the interhalogens. 

Summarizing, we may say that only in some special cases, such as the 
asymmetrical 13- ion, and the Ia, IS-, and Is- ions, does the electrostatic 
interaction provide a more or less satisfactory explanation of the structure 
observed; in all other cases, including the interhalogens, the IC&+ ion, and 
the symmetrical polyhalide ions, an electrostatic theory is not useful. In 
the majority of instances the explanation of the bonds will have to be based 
on a covalent type of bonding. 
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B. LOCALIZED COVALENT BONDS 

The covalent interpretation of the interhalogens AB and of the ICL+ 
ion does not present problems. The bonding in the compounds AB can be 
ascribed to the sharing of a p-electron of each of the two halogen atoms, in 
a way similar to  that in the molecules Az. The bonds in IClz+ can be formed 
by sharing the two p-electrons with uncompensated spins of the I+ ion with 
the valence p-electron of each of the two chlorine atoms; this explains the 
bond angle of about 90" at the I+ ion. 

In  all other polyhalogen complexes the number of bonds formed by some 
of the halogen atoms is larger than its number of electrons with free spin. 
The most obvious way to account for the increased covalency of these atoms 
is to suppose that d-orbitals can participate in the bond formation. As the 
promotion of an electron to a d-orbital in these atoms requires a very large 
amount of energy (18), it has to be assumed that this loss of energy can be 
more than compensated for by the energy furnished by the formation of 
strongly directed hybridized bonds, and by the improved separation of the 
charge clouds of the lone pair electrons, when they go into the hybrid 
orbitals. Polarization of the d-orbitals by the electronegative ligands may 
be an important factor (23). 

The promotion of one electron to a d-orbital makes i t  possible to  share 
three electrons with electrons from other halogen atoms. It thus provides 
the possibility of the formation of three bonds in interhalogen compounds, 
or the accommodation of an excess electron and the formation of two bonds 
in the polyhalide ions. In order to account for the observed shape of the 
molecules or ions, sp3d hybridization has been assumed (65, 76). This 
hybridization results in orbitals directed to the corners of a trigonal bipyra- 
mid. Two of these hybrid orbitals have to be used for the accommodation 
of two lone pairs, the other three are available for bond formation or the 
accommodation of an excess electron of a negative ion. In  this way the 
structures of C1F3, BrF3, and the trihalide ions have been interpreted as 
shown in Fig. 12. The observed shapes are understood to a certain extent 
if it is assumed that lone pair - lone pair repulsions are stronger than lone 
pair - bond pair repulsions, and the latter stronger than bond pair - bond 
pair repulsions. These assumptions are in agreement with the experience for 
a number of molecules outside the domain of the polyhalogen complexes. 

The T-shaped AB3 molecule will be more stable than a triangular one 
because the second model mould contain six lone pair - bond pair angles of 
90", while the first has only four lone pair - bond pair angles of 90", and two 
of 120". The orientation of the lone pairs relative to each other, however, 
would be more favorable in the second model. The observed deviation of 
the bond angles D-A-B from 90" is elegantly explained by the assumed 
large repulsion between the lone pairs and bond pairs (65). 
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In the trihalide ions a linear symmetrical model is obtained when the 
three lone pairs occupy the equatorial orbitals, in which their mutual repul- 
sion is probably at  a minimum, and the bond pairs go into the remaining 
orbitals. Deviation from a symmetrical structure, such as is observed in the 
triiodide ions in many cases, must in this picture be due to secondary causes, 
probably to the influence of the environment in the crystal. 

(A) (B) 

FIG. 12. Disposition of bonds and lone pairs when 9pad hybridization is assumed (a) 
in CIFa or BrFs, and (b) in trihalide ions. 

Promotion of two electrons to d-orbitals is required in order to explain 
by localized covalent bonds the structure of the interhalogens AB6 or that 
of the polyhalide ions ICL- and BrF*-, in which 5 or 4 bonds respectively 
originate from one halogen atom. The assumption of octahedral s p W  
hybridization leads to the structures represented in Fig. 13 (55, 70, 76). 

( A )  ( 8 )  

FIG. 13. Disposition of bonds and lone pairs when q s d a  hybridization is assumed 
(a) in IF6 or BrF5, and (b) in IC4- or BrFd-. 

Again, the repulsion between lone pair and bond pairs explains the 
observed bond angles F-Br-F in BrFb which are slightly smaller than 
90" between the vertical bond and the equatorial ones. In the AB, ions the 
proposed structure is similar to that of the AB5 interhalogens, except that 
the second lone pair replaces the vertical bond pair in the interhalogens. 



160 E. H. WIEBENGA, E. E. HAVINGA, AND K. H. BOSWIJK 

The structure of IF,, finally, can be interpreted by sp3d3 hybridization, 
requiring the promotion of three electrons to d-orbitals. This hybridization 
can result in bonds pointing to the corners of a pentagonal bipyramid, in 
which the bonds perpendicular to the equatorial plane are different from the 
in-plane bonds (29). In this model all valence electrons of the iodine atom 
are used in bond formation. 

Depending on the mixing proportion of s-, p- and d-orbitals, equivalent 
or nonequivalent bonds can be obtained. Probably the hybridized orbitals 
are not all equivalent to each other, judging from the different bond lengths 
in the molecules or ions. Thus, in BrFa and ClF, the two vertical bonds in 
Fig. 12a are longer than the in-plane bond. This may be explained for in- 
stance by assuming that the vertical bonds are essentially pd-hybrids, 
whereas the equatorial ones are formed out of the remaining one s- and two 
p-orbitals, which again need not be equivalently hybridized. Similarly the 
vertical bond in BrF5 (Fig. 13a) is probably significantly smaller than the 
in-plane bonds, which can be explained by assuming either the vertical 
bonds to be pd-hybrids and the horizontal ones square plane sp2d-hybrids, 
or by assuming the vertical bonds to be formed by sp-hybrids and the equa- 
torial ones by square plane p2d2 hybrids. 

We have now seen that a covalent interpretation involving localized 
bonds can be given for the interhalogen molecules AB, for the IC12+ ion, and, 
if the promotion of one or more electrons to d-orbitals is accepted as ener- 
getically possible, also for the interhalogens BrF3, ClFB, IF6, BrF5, IF,, and 
the polyhalide ions ABC-, IC1,- and BrF4-. There remain a number of 
structures which have not yet been considered in this Section, namely 
those of solid IC1 and 12Cls and those of Is-, 17-, IS-, and Is'. Characteristic 
of these structures is the fact that, judging from the bond lengths, they con- 
tain bonds between the same atoms which are very different from each 
other. In a-ICl, for instance, we find two I-C1 bonds of about 2.4 A, 
while one other I-Cl bond is 3.0 A. In IzCl6 two different types of bonds 
are observed, one with a length of 2.4 8 and one with a length of 2.7 A. 
Similarly, in the polyhalide ions mentioned, the 1-1 bonds vary in length 
from 2.67 to 3.43 A. It seems unlikely that these differences in bond lengths 
are due to influences of the crystal environment on localized bond pairs. 
We saw in Section II1,A that for the structure of asymmetric 1,- ions and 
for that of the complexes I s ,  IS- and IS', an electrostatic explanation is 
possible to a certain extent; the electrostatic theory cannot account, how- 
ever, for the observed distances in 12C16 and a-ICl. 

c. KOXLoC.4LIZED ORBITALS 

It is well known from examples like the r-electrons in benzene, that 
delocalization of valence electrons may result in a gain of energy. Similarly 
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it has been assumed (48, 78) that the bonds in the 13- ion, for instance, are 
the result of a delocalixation of the 5p-electrons of the iodine atoms;* i.e., 
in the valence bond representation, a resonance between the structures : 

I- 1-1 and 1 .  . I I- 

Since the interaction integral will be much larger for p-orbitals overlapping 
in the direction of their axes than for a lateral overlap of p-orbitals, the 
delocalization energy will be mainly due to the overlap of the p-orbitals 
extending in the direction of the bonds. Whether an equilibrium state with 
equivalent or nonequivalent bonds is obtained will depend on the nature 
of the system, on the magnitude of the interaction integrals, and on the 
way they change with the interatomic spacings. 

The interaction integrals can have an appreciable value only if the atoms 
are sufficiently close together. In this respect there is an important differ- 
ence between the well-known examples of resonance in organic chemistry 
and the polyhalogen complexes we are considering now. A molecule like 
benzene already contains a framework of a-bonds by which the atoms are 
kept together; on this framework additional delocalixed bonds are super- 
imposed. On the other hand, in a case like 13-, the I- ion must first be 
brought close to the I 2  molecule before an appreciable resonance energy 
can be gained. 

In the system H + Hz, which is similar to that of I- + I 2  to a certain 
extent, the Born repulsion will keep the H atom and the H2 molecule a 
great distance apart, because the Van der Waals attraction between the 
two particles is very weak. The combined action of these forces will lead to 
an extremely loose complex, in which delocalization energy is of practically 
no importance. We have seen in Section III,A, however, that in the case 
of the 13- ion a relatively strong Van der Waals attraction and electro- 
static interaction tend to bring the I- ion quite close to the I2 molecule. 
Furthermore, we there consider the overlap of p-functions, which will start 
a t  relatively larger interatomic spacings than that of the less extended 
s-functions which play a role in the system H + Hz. We may therefore 
expect that the 13- ion formed is appreciably stabilized by delocalization 
energy. Because of the complexity of the system, however, it is not possible 
to predict theoretically whether the bonds between the iodine atoms will 
be equivalent or not. 

Slater (IOI), in his discussion of the structure of the 1, ion, assumes 
this ion to be asymmetrical when it is not subjected to external constraints. 

* Complexes such as the 18- ion were described by Mulliken (73, 74) as special cases 
of charge-transfer complexes. The stability of these complexes is also essentially due to 
delocalization energy. 
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From this point of view a symmetrical 1, ion is obtained only if external 
influences, namely the surroundings in the crystal, push the atoms of the 
1,- ion nearer to each other; below a certain critical distance of the extreme 
atoms resonance will result in the formation of a symmetrical ion, just as 
a symmetrical H3 molecule is calculated to be formed when the distance 
of the extreme H atoms is below a certain limit. It is supposed that in 
As(CsHs)J3, where a symmetrical 1,- ion is observed, the large positive 
ions exert a pressure on the I 3 - ions. . 

Hach and Rundle (48) and Pimentel (78) take the other point of view 
and assume that resonance in the 1,- ion results in a centrosymmetrical 
system. Asymmetrical 13- ions are, in this theory, due to an asymmetric 
surrounding in the crystal, disturbing the equivalence of the relatively 
weak bonds. Havingn and Wiebenga (54) applied a similar but somewhat 
extended treatment to the structure of all polyhalogen complexes, including 
the interhalogen comyounds. We shall summarize the method followed in 
this paper and the results which are obtained. Most of these results are con- 
tained in (54) and (51). 

The method followed is a simple LCAO-MO treatment, in which the 
molecular orbitals are represented by a linear combination of the outer- 
most p-orbitals of the halogen atoms. Overlap integrals are neglected and 
all interaction integrals are taken to be zero, except those involving orbitals 
of adjacent atoms in the bond direction, to all of which the same value 8 is 
assigned. The calculations are made in two approximations: (a) as a zero 
approximation all Coulomb integrals a are supposed to have the same 
value, regardless of the nature of the halogen atoms and their formal 
charge; ( b )  in a first approximation different Coulomb integrals are assigned 
to different atoms and to equal atoms with different formal charges, accord- 
ing to the following rules. (i) For I, Br, C1, and F the values a, a + 0.28, 
a + 0.48, and a + 1.0s are taken respectively; the assumed differences in 
these values are approximately proportional to the differences in electro- 
negativities of the atoms, with a proportionality constant of Qfl. (ii) A for- 
mal charge &, calculated for an atom in zero approximation, is supposed to 
increase the absolute value of its Coulomb integral by :fl X &Q = 6Qp. 
This means that, following Pullman and Pullman (81), a charge Q is taken 
to be equivalent to an increase of electronegativity of &Q. 

Because of the arbitrariness of the factor # in assumption (i) the cal- 
culations in first approximation give no quantitative results, but indicate 
only the direction in which the results obtained in zero approximation are 
changed. 

The LCAO-MO method described leads to the following results. 
( a )  Bond angles in polyhalogen complexes should be equal to 90" or 

180", since only then the p-functions of different atoms overlap satisfac- 
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torily. This is in agreement with the valence angles observed, except in the 
case of IF, (see Section I1,D). 

(b)  The delocalization energy was calculated for different possible con- 
figurations of a given number of halogen atoms. It was shown that, in all 
cases considered, the configuration with the lowest calculated energy corre- 
sponds with the configuration actually observed for the interhalogen com- 
pound or polyhalide ion concerned. For instance, the energy of a linear 
trihalide ion was calculated to be lower than that of an angular one, whereas 
the reverse was found for a positive trihalogen ion. The energy of the linear 
IBrC1- ion was shown to have the lowest value when the I atom takes the 
central position. For the pentahalide ion it was shown that of the arrange- 
ments represented in Fig. 14, configuration (a) has the lowest energy in the 

A - A - A  A - A - A  A 
I 
I 

A - A - A  

A 

I I 

I I 
A A 

A A 

A - A - A - A - A  A - A - A - A  

A 
I 

(d) (C) 

FIG. 14. Tentative shapes for a pentahalide ion. 

first approximation when the halogen atoms are identical (k). For the 
IC1,- ion, on the contrary, configuration (c), with the I atom in the central 
position, has the lowest energy. However, in the latter case the energy of 
(b), with three bonds at the iodine atom, is almost equal to that of (c). 

A well-known difficulty of the simple LCAO-MO method, namely the 
extra stability obtained when more atoms are added to a complex, was also 
observed in the case of the polyhalogen complexes. Thus the calculated 
energy per unit ClFI is lower for the hypothetical moiecule ClzFa in the 
configuration found for IzCl,, than for the T-shaped molecule actually 
observed. Therefore it should be emphasized that it is not possible to pre- 
dict, by the method followed, the number of atoms in a complex; only the 
Configuration of a given number of atoms can be calculated. Probably closely 
connected with the extra stability of large complexes in this type of calcula- 
tion is the fact that stability seems to be predicted for some complexes 
which do not exist, but which would be analogous to existing polyhalogens. 
For instance, when the interaction integral is indicated by 13, and /3 is taken 
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to be negative, the energy of a molecule 1 4  of a shape analogous to that of 
the ClF3 molecule is calculated, in zero approximation, to be -0.83p lower 
than that of two 10 molecules. This gain of energy is just as high as that 
calculated in zero approximation for the formation of C1F3 and for the for- 
mation of an 13- ion from an iodide ion and an iodine molecule. Yet the 
complexes ClF3 and 13- can exist, whereas a complex 1 4  is not observed. 
The discrepancy is partially removed when the calculations are repeated 
in the first approximation. The gain of energy on formation of an 1,- ion, 
a ClF3 molecule, and a hypothetical 1 4  molecule, is then calculated to be 
-0.968, -O.SSp, and -0.588, respectively. It must then be assumed that 
the first two reaction energies are sufficient to compensate for the loss of 
entropy connected with the formation of the complex, while the last one is 
not. 

(c )  For all interhalogen compounds and polyhalide ions the bond orders 
of the different bonds and the formal charges on the atoms were calculated. 
It appears that in all cases the sequence of the calculated bond orders agrees 
with the sequence of the observed bond lengths. For this comparison of 
bond orders and bond lengths we may refer to (54). The asymmetry of the 
triiodide ions in CsIB and NHJa is ascribed to the asymmetric environment 
of this ion in the crystal. One of the extreme iodine atoms of the complex 
is surrounded by cations at shorter distances than are the other two iodine 
atoms. When this is taken into account in the first approximation, by 
assigning a somewhat larger (negative) value to the Coulomb integral for 
this atom, a qualitative agreement between bond orders and bond lengths 
is again obtained. It is to be expected that the 1,- ion will show a more 
pronounced deviation from a symmetrical shape in compounds with small 
cations than in those with larger cations, and that the deviation will die- 
appear when the surroundings of the triiodide ion are symmetrical or nearly 
so. This has been observed in the compounds As(C6H6)413 and N(C&J417. 

The formal charges appear to be quite different for the different atoms 
in polyhalogen complexes, even when they consist of only one kind of 
halogen atoms. In the triiodide ion, for instance, the formal charge of the 
two extreme atoms is approximately -0.5, whereas that of the central 
atom is about zero. In IClz--, the formal charges on the C1 atoms are -0.55 
and that on the I atom +0.11. In IC14-, the C1 atoms carry a charge of 
-0.52 and the I atom one of +1.07. The results for the latter two ions 
seem to be in agreement with measurements of nuclear quadrupole coupling 
for these ions, that suggest a bonding scheme in which the electron dis- 
tribution is shifted outward toward the chlorine atoms (22). 

(d) We have seen in Section II,B,S that compounds containing a 
BrIC1- ion decompose into a monochloride and BrI. This was partially 
ascribed to the high lattice energy of the crystalline monochloride formed, 
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as compared with the energy of the corresponding bromide or iodide. In 
this connection it is interesting to calculate the reaction energy AE for the 
three possible decompositions of the free BrICl- ion: 

BrICl- + C1- + BrI 

BrIC1- 4 Br- + ICl 

BrICl- - I- + BrCl 

It is found that the values of AE for the reactions (l), (2), and (3) are 
-0.82/3, - l .OO& and - 1.22/? respectively. The fact that the calculated 
dissociation energy is the smallest for the first reaction may be an addi- 
tional explanation for the experimentally observed method of dissociation. 

(e )  Qualitative agreement between theory and experiment is obtained 
when the energies of formation calculated in first approximation for simple 
interhalogens AB are compared with the experimental values (Table IX). 

TABLE IX 
CALCULATED AND OBSERVED HEATS OF FORMATION OF THE 

INTERHALOQENS AB IN THE GAS PHASE 

Reaction 
AE AHt 
calc. obs. (kcal/mole) 

$12 + )Fz = IF 
aBrz + +Fz = BrF 
+Clz + $Fz = C1F 
$12 + +c12 = IC1 
$I2 + $Brz = IBr 

$Brz + $Cl2 = BrCl 

0.248 
0.158 
0.098 
0.048 
0 .  018 
0.018 

-30.1 
-18.4 
-13.4 
- 3.35 
-1.42 
-0.21 

These results demonstrate the role of the difference in electronegativity of 
the constituents, which was emphasized in Section 11. 

D. CONCLUSION 
We may summarize the merits of the different approaches to an explana- 

tion of the nature of the bonds in polyhalogen complexes by stating that 
the pure electrostatic theory is of very limited importance for a complete 
understanding of these bonds. However, both the concept of localized co- 
valent bonds and that of delocalized orbitals seem to be applicable in many 
cases, although they fail in particular instances. Localized bonds do not 
easily account for complexes like the L-shaped 15- ion ; delocalized molecular 
orbitals composed from p-functions are attractive insofar as they do not 
require the use of d-orbitals of high energy, but they are not able to account 
for the structure of IF,. In the latter case, however, the assumption of 
hybrids in which d-orbitals participate is less objectionable than in other 
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cases, because all hybrid orbitals are used in bond formation, so that no lone 
pairs have to go into hybrid orbitals of high energy. 

Xote added in  prooj: A refinement of the structure of KICI4.H20 shows that the 
average bond length I-C1 in the ICL- ion is about 0.14 A larger than the sum of the 
covalent radii of I and C1. This long average bond length and the observed relationship 
between the environment of the individual C1 atoms in the crystal and their distances 
to the central I atom, seem to support the view that the bonds in IcI4- are due to elec- 
troncl in delocalized moleculnr orbitals. The average bond order calculated on this basis 
(64) is approximately 0.7. 
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