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A. INTRODUCTIQN 

A mofecuk adduct may be defined as the result of the interaction of a 
neutral Lewis base tith a neutrai Lewis acid. In such compounds the lattice 
ener@es play a minor role, permitting a more straight forward discussion of 
the coordinating interactions [ 11. 

The term “~ok~ular Adduct” or “Molecular Complex” embraces a wide 

variety of diverse substances ranging from the stable coordination compounds 
such as those formed between ammonia and b~ru~~~~~~~~~~de to weak com- 
pkxes involving, for example, the interaction between iodine and benzene, 
the latter being &a kno- as “Charge-kuwfer Complexes”. Althuugh no 
sharp border line can be drawn between “weak” and “strung” interactions, 
entirely different approaches are being used for each of these groups of 
matecular adductx: the normal coordination-chemistry appruach is appkd to 
the first group fl] S and the Mulliken VI&method to charge-transfer complex+ 



es [2--4 ] which have also been tenned “Electron-Donor-Acceptor Corn- 
plexes” [Z] . Hydrogen bond systems and association phenomena in the 
liquid state are other types of molecular interactions and these have been 
heated by the electrostatic approach, although its inadequacies are obvious 
151 and quantum mechanical considerations are more promising. Other 
types of molecular interactions are involved in adsorption phenomena and 
surface chemistry and, as will be shown in this paper, in the crystalline state. 
Weak complex interactions include also all effects involved in outer-sphere 
coordination of ions and most ion association phenomena, and these have 
been discussed elsewhere f7] - 

Interest in weak complex interactions has accelerated over the past two 
decades and their importzmce in biochemistry and biology is now generally 
recognized [ 3-6) . 

The present discussion attempts to give a unified description of al1 the 
varieties of molecular interactions irrespective of the stability af the complex 
species. Emphasis is given to the effects of charge-transfer involved in the 
formation of molecular cumpounds, resulting’ from the intermolecular elec- 
tron pair donor (EPD)-electron pair acceptor (EPA)-interactions. AU changes 
in charge are transmitted effectively to the other atoms of the molecule [8]. 
It is hoped that the electronic description may serve to gain a better under- 
standing of the common features of compounds hitherto treated differently. 

B. LIMITATIONS OF THE: MULLKEN THEORY 

According to Muhiken [2-4, g-11] the formation of a charge transfer 
complex is a consequence of electron exchange reactions of second or higher 
order (resonance energy R,) and of van der Waals energy contributions cfrO _ 
Covalent contributions are considered small and are neglected in this approach. 
The term “charge-transfer” is used as a label fur an electronic tinsition that 
is accompanied by a migration of chsuege from one molecule to another. 
Hence, the term has no significance if, for example, the ground state of a 
complex is described by MO-theory; the label, charge-transfer, is, however, 
useful, when deszibing a transfer of charge from a dsnor to an acceptor. ‘Fhe 
Mu&ken treatment only applies to cases in which the donor and acceptor 
are neutral closed-shelf. species and are both in symmetrical sin@& electronic 
states [6]. 

Mulliken considers the enthalpy of charge-transfer complex formation as 
the sum of the resonance energy between ionic and non-ionic contributions 
of the moiecufar ground state R, and the sum of the van der Waals-energy 
contributions rV, 

AIY=R, + w, 

The reso; ince energy R, is related to the electron transfer energy hz+r 
and this has been related ti the ionization potential of -the electron-donatiig 
component ID and to the electron affinity of the electron acceptor EA. fn 
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simpMied form this is represented by the fcMowing equation [Xl] . 

%2T = ID + E, + const. 

The ionization potential is defined as the energy required to remove the 
d&mn cumpfetely fium the molecule, It is obvious that this reaction is nut 
involved in the course of charge-transfer complex formation. Table 1 reveals 
that molecules with nearly identical values far the ionization potentials 1121, 
may have vastly different donor-properties, e.g., hexane (10.4 eV) and 
ethanol (10.5 eV) or carbon disulfide (10.1 eV) and ammonia (10.2 eV). 

Thus a relatianship between the ionization potential of the donor mole- 
cule and the chwe-transfer energy or the free enthafpy of complex forma- 
tion can only exist for a given type of complex compcmnd, i.e., those composed 
of a given acceptor molecule and of donor molecules with the same function- 
al group [12]. Only in these cases are such relationships actually found, 
because the effects of different substituents on the donor molecule are re- 
flected in appropriate changes of various molecular properties such as ioniza- 
tion potential, dipole moment, magnetic susceptibility or spectral properties_ 

For example a relationship exists for molecular adducts of iodine between 
the AH value for adduct formatian and the position of the charge-transfer 
band, &T 9 as long as donor molecules with the same functional group are 
considered (Fig. 1). Different lines are obtained in the AH-hv,,-plot for 
n-dunor-molecules (curve C), for molecules coordinatkg through a C-0 
graup (curve B) and for those coordinating through a nitrogen atom (curve A) 
respectiveiy. 

The AG-hv CT -plot for iodine complexes (Fig. 2) reveals similar tenden- 
cies as shown in the AH-!zv ..-plot (Fig. 1). There is a fairly good straight 
line for r Dst of the amines, although triethyl-, tri-+propyl- and ti-n-butyf- 
amine show t-nure positive AG values than would be expected from a hear 
relationship. This may be ascribed to strung entropic changes during the 
course of complex formation due to steric effects. In many cases, however, 
the entropic changes appear ta remain nearly constant within one homologous 
series, such as within the series of methylated benzene derivatives. 

TABLE 1 

Ionizatioil potentials of various donor molecules 

Trimethylamine 
Pyridine 
Xyfene 
Benzene 
Diethylether 
Acetone 
Carbon disulfide 
Ethyl acetate 

Ammonia 10.2 
Nexane 10-4 

8.3 Ethanol 10.5 
9.2 Dichiorometbarw 11.3 
9.5 Chloroform 11.4 
9.7 Carbon tetrachloride 11.5 

10.1 water 12-6 
10.1. 



Fig. 1. Relationship netween enthalpy of complex farm&ion AH and charge-transfer energy 
hpcT for complexes with iodine and diffe-ent E??D malecules- I, benzene; 2, toluene; 
3, o-xylene; 4, mesitylene; 5, durenc; 6, hexamethylbenzene; 7, hexaethylbenzene; 8, ch’loru- 
benzene; 9, o-dichlurobenzene; IO, naphthalene- 11, 1-methylnaphthakne; 12, 2-methyl- 
naphthafene; 13, cyclohexane; 14, propytene oxide; 1 5, trimethylene oxide; 16, THF; 
17, 2-methyl-THF; 18, tetrahydropyran; 19, diechylether; 20, ethanol; 21, methanoi; 
22, ammania; 23, methylamine; 24, dimethylamine- ,25, trimethylamine; 26, ethylamine; 
27, diethyhmine; 28, triethylamine; 29, tri-n-propylamine; 30, n-butylamine; 31, tri-n- 
butylamine; 32, piperidine. 

Fig. 2. Relationship between free enthalpy of complex formation AG and charge-transfer 
energy hvCT for compiexes with iodine and different EPD molecufes, 1, hznzene; 2, toluene; 
3, o-xylene; 4, m-xylene; 5, p-xylene; 6, mesityiene; 7, durene; 8, pentamzthylbenzene; 
9, hexamethylbenzene; 10, hexaethylbenzene; 11, bromabenzene; Ii 2, naphthalene; 
13, l-methylnaphthalene; 14, 2methylnaphthalene; 15, styrene; 16, diphenyl; 17, stilbene; 
18, cyctohexane; 19, propylene oxide; 20, trimethylene oxide; 21 S TM?; 22,2-methyl-THF; 
23, tetrahydropyran; 24, diethylether; 25, methanol; 26, ethanol; 27, ammonia; 28, methyl- 
amine; 29, dimethylamine; 30, trimethylamine; 31, ethylamine; 32, diethylamine; 33, tri- 
ethylaminr; 34, tri-n-propylamine; 35, n-byltylamine; 36, tri-n-butylamine; 37, pip&dine, 

It may further be questioned, whether a separation of the interaction CXMS- 
gy into W, and RN terms is justifkd, in as much as charge-trzmsfer complexes 
are closed conjugating systems wir;haut “isolated p&r gruupsJ’, It is impassible 
to explain in this way the differences in behaviour of donor malecuks to- 



wards iodine depending on the nature of the functional group (Figs. 1 and 2). 
Amines are much stronger donor molecules than alcohols or ethers although 
the ionization potentials are similar to those of the latter, as are the charge- 
transfer energies in the complex compounds, 

Analogous considerations may be made concerning the relative acceptor 
strengths. Charge-transfer energy and electron affinity wit1 be useful only when 
relative complex stabilities within one homologous series of acceptor mole- 
cules towards a certain donor are compared. 

The elucidation of molecular structures of certain adduct molecules of 
axocompounds by bindqvist [ 11 has considerably widened our views on 
molecular complexes. Based on struct&al information he developed a theory 
fur donor-acceptor interaction for oxa-compounds as donor molecules 11 J f 
which takes into account both the structural and electronic rearrangements 
after the formation of the coordinate bond. He formulated the following 
empirical rule: “The greater the heteropolarity of a bond the lower is its 
bond order” and “a higher heteropolarity gives a weaker bond, ;ds is; manifest- 
ed in the bond lengths of polar bonds”+ Consideration is given to the effect 
of the donor-acceptor bond on adjacent bonds leading to changes in polarity 
and hence in bond length, as well as to the effects of substituents at a given 
functional donor group. 

The simplest presentation of this is the application of the inductive effects 
between and within the reacting molecules [7], which may be represented 
by bent arrows between the atoms. We shall make use of the following rule: 
The formation of a coordinate bond induces the polarization of the adjacent 
bonds within the reacting molecules. An inverse relationship exists between 
the strength of the intermolecular (coordinate) bond and the increase in bond 
distances of the adjacent intramolecular bonds 

it Strong addu& 

Attention to this inverse relationship has been drawn by Bout and Wright 
[133 from consideration of bond distances in complexes formed from N- 
donors and boron(III)-fluoride. The B-F distances are increased as the 
N+B distances decrease (Table 2) with increasing base strength of the donor 
(Table 2). 

The induced increase in N-H bond length in the ammonia molecule is seen 
&urn comparison of the N-H bond distances in ammania (LO15 It) and in 
the ammonium ion (1.033 a) 1141. 
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TABLE 2 

Bond distances in BFa and BF3 adducts in a f 13-l 5 ] 

BF3 CH3CN+3F3 H3N+BF3 

N+B distance - 1.63 1.60 
B-F distances 1.30 1.33 2.38 

Me3N+BF3 

1.58 
1.39 

The primary inductive effects may induce subsequent character~~ic changes 
in bond properties throughout the molecules. As a rule, they lead to an in- 
crease in a-bond distance as long as the charge transfer occurs from the more 
electropasitive to the more electronegative atom, and to a decrease in a-bond 
distance when the charge transfer is induced into the opposite direction. The 
features are well demonstrated by considering the adduct formation Tom 
tetrzchfowoethylene earbon.ste and antimony(V) chloride. Although the AH 
va3ue for th% reaction is low [16] the induced changes in bond distances axe 
well pronounced [I.71 h 

Increase in 
Sb-CI bond 
distances 

I Increase in C-C, 
bond &stance from 
7.15 to 1.22 w 

I 

Decrease tn 0-C 
- bond cfirtances from 

1.33 tu 1.25 8 

‘Decrease in C-CI 
bond drstances from 
I-76 to ‘1.72 4 . 

In addition, a decrease in C-C distance from I,53 to I-43 a is induced, 
suggesting formation of a partial x-bond. 

Likewise the formation of the adduct C&Se0 --, SbC15 through oxygen COOP 
dination at the antimony leads to an increase in Sb--cI bond distances a~ well 
as in the Se-U bond distance [lS] (primq inductive effect). The increase 
in polarity of the Se--Q bond imposes an increase in positive net charge at 
the sefenium which will attract the electrons xkrore strongly from thz chlurlne 
atoms so that secondary effects are induced; in that case the Cl-Se bonds 
are z!~ortened [I, 18]* 

Structural data are avai.Iable for eight Sb& adducts with 0 donors of 
different donicity [I, 17, IS] _ The greater the donicity of the base, the shurt- 
er are the Sh-0 distances (stronger caordination) and the greater, although 
ti a skW.ler extent, the Sb--Cl distances. _ 
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In an analogous manner the formation of the hydrogencarbonate ion 
Tom carbon dioxide and hydroxide ion may be described. The first z&p is 
a strong o-EPA--n-EPD interaction, as the hydroxide ion functions as a stiong 
basz, 

bands of the COz unik ZSE? weakened Consequently the carbon-oxygen 
due to the induced charge trzznsfer leading to an increase in both polarity 
and bond distance. The C=O distance is I.159 A in the carbon dioxide mole- 
cule and in the hydrogencarbonate ion two C=Q bond lengths are,1.263 A 
while the third with the hydrogen atom attached shows a C* bond distance 
of 1,346 A 1191. A partial charge transfer from the hydrugen atom to the 
oxygen atum is also induced and this leads to the development of weakly 
acidic properties at the hydrogen atom. Table 3 shows further exampies for 
the increase in M-X distances due to coordination. 

iii Weak adducts 

For weak malecular complexes by far the largest contiibution to crystal 
structures has come from Hassel and his co-workers f2Oj L In the majarity of 
the structures the donor atoms are nitrogen, oxygen, sulfur or selenium 
atoms and the acceptor molecules are halogen, interhalogen or halogen-rich 

TABLE 3 

Band distances M--X in EPA molecules and in their complex compounds iIt 14 j 

EPA mdecule M-X (a, Camplex ion M-X. (A) 

CdCIz 
SiF4 
TiCl4 
zrc14 

G&ii 
GeF4 
SnBr4 
SnCla 
SnI4 
PbCi4 

sp%$ 

so2 
seoz 
ICl 

12 

2.235 
1.54 
2.18-2.21 
2.33 
2.08-2.50 
1.67 
2.44 
2.30-2.33 
2-64 
2.43 
1_54-1.57 
2.31 
1.43 
I.61 
2.38 
2.66 

IPF6 3- 
[ SbC&$- 

Is%12- 
[Se03]z- 

2.53 . 
1.71 
2-35 
2.45 
2.35 
1.77 
Z-59-2.64 
2.41-2.45 
2.85 
2.48-2.50 
1.73 :*' 
2.47 
1.50 
1.74 
2.36 
2.83 
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TABLE 4 

Halogen-halogen bond length in halogen molecular complexes [ 24 ] 

Compound Halogen-halogen bond fength 

Free In co,mplex 

1,4-Dioxane-Brz (chain structure) 2.28 
1,4-DioxaneC12 (chain structure) 1.99 

1.4-Dithiane-12 2.67 2*?9 
1,4-Disefenane-12 2.67 2.87 
Hexamethyienetetramine-2 B~=J 2.28 2.43 
Trimethylamine-12 2.67 2.83 
TrimeLhylamine-ICY 2.32 2.52 
py-ridine-ICI 2.32 2-51 
y-piccrline-12 2.67 2.83 

-_ 

2.31 
2.02 

haloalkanes [2Oj. The general features art in accordance with those observed 
for strong interactions: in the acceptor unit the bond adjacent to the coor- 
dinate bond is weakened as seen from the increase in bond length due to 
coordination (Table 4) s 

The stnrctures of pyridine-iudine or ether-iodine me ii1 agreement with 
the principles known for polar acceptor molecules and in con&M to the 
prediction from the overlap and orientation principle [Zl] . In trimethyl- 
amine-iodine [ 221 and trimethylamine-iodine monochloride [ 23 ] the 
N + I-I and N + I-Cl systems are linear and the M-I distances me 2.27 and 
2.30 A respectively. TKs is 1.4 A less than the sum of the van der Waals radii 
and only U.3 A greater than the sum of covalent radii. The I-I di&ance in 
the complex is 0.17 A longer than in free iodine and the I--Cl distance in the 
complex 0.22 A longer than in the free acceptor molecule. 

The increase in halogen-halogen bond distance by complexation is least 
pronounced when donor and acceptor molecules contain two suitable coor- 
&nating sites: the Z,4&oxane bromine complex [ZS] and the 1,4_dioxane 
chlorine complex 1263 form two-dimensional-structures of endless chains 
of alternating halogen molecules and 1,4-di&~ane molecules. In such com- 
pcunds the charge transfer effects are we@ or non-apparent. For example, 
in the benzene-bromine complex the benzene and halogen molecqles form 
donor--acceptor stacks with the halogen-halogen bond co-incident with the 
perpendicular through the centroid af the benzene ring plane and indeed the 
halogen-halogen distance is no different from that found in the free halogen 
molecule [ 27 ] . 

iv Applicutian of the donicity concept 

The strengtft of a coordinate bond will depend on the donicity of the 
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EPD and on the accepticity of the EPA unit 171. Since no values are avail- 
able fcr the latter, only the relative effect of the donicity can be followed 
towards a given acceptor component. 

Changes in properties of the bonds adjacent to the coordinate link are of 
great interest, AH structural information shows that the bonds within the 
functional groups of both donor and acceptor molecules become polarized 
by the formation of the coordinate bond, in agreement with Lindqvist’s 
theory of the donor--acceptor bond [l] . 

Niendorf and Paetzold [28] have shown that force constants of the bond 
in the coordinating group of the donor component ar*e related to the thermo- 
dynamic stabilities of the m&c&r adduct, Since changes in bond prop- 
erties cannot be compared for bonds between different atoms, it f&laws that 
such relationships are confined to donor molecules with the same functional 
group. Hence the decrease in force constant of the P=O group in phosphoryl 
compounds carresponds to the increase in complex stability related to the 
donor properties 01 the phosphoryl group, The same applies to the changes 
in force constants of the C=O group in carbonyl compounds, but one cannot 
expect to find such relationships for different functional groups (Fig, 3). 

We may therefore turn our attention to changing bond properties by 
coordination within the acceptor component in the molecular adduct. Burger 
and Fluck [29] found a nez&y linear relationship between the donEcity and 
the efectron binding energy of SbCl, in quick frozen solutions of excess 
EPD with diBerent functianaf groups in dichloroethane, As the electron 
binding energy at the antimony is increased by increasing dunicity (DN) 
(Fig. 4), it follows that an appropriate decrease in bond strength of the anti- 
mony-chlorine bonds is induced by coordination. 

Evidence is also available for weak molecular adducts to extend the rela- 

3.0 

ta 

P&%?0 

Fig, 3. Relationship between A@’ for the compk~ equilibria EPD + I2 * EPD, L2 and the 
valence force can&ant of the caordinate group 20 of EPD. 
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Fig. 4. The efectron-binding energies of 3 d,iz orbit-& of antimuny measured in quick- 
fruzen sufutiuns of SbClfs WEth different EPD moIecule5 in C~I-I&l~ la. #he donitity uf the 
ElPD moiecuhs. I., nitrobenzene; 2, acetonitrile; 3, acetone; 4, ethyl acetate; 5, DMF; 
6, ,ZfMPA. . 

tionship between donicity and induced bond polarization, Trifluoroiodo- 
methane contains a polstrized iodine-czbon bond with the p&i& positive 
charge x&ding at the iodine atom (due to the strung electron attracting 
properties of the CF3 gruup). While with very lveak Lewis bases no substan- 
tial interactions occur, the plot of AH vs. the donicity of the base shows the 
AH values rising with increasing donicity of the latter (Fig. 5), the AH 
values being below 6 kc;zl rnoI_1 [SGl. 
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The induced polarization of the carbon-fluorine bonds can be seen from 
“‘F NMR data [30], as an increase in electron density at the fluorine atoms 
attached to the carbon atom produces a shift towards higher field [al]. 

F 

Cl n- 
EPD-I-C-F 

I) 
IF 

Increase in C-F 
bond length 
as a secondary 

Figure 6 shows the result of titrations sf trifluoruiodomethane with dif- 
ferent EPD mr)!ecules in soiutions of nitromethane: the lgF NMR chemical 
shifts are increased by increase in donicity and the final values reached at 
decreasing EPD content with increasing donicity [12,30]. 

Figure 7 shows that a linear correlation exists between “F chemical shift 
and donicity of the EPD, No relationship is found between chemicaf shift 
and dipole maments, ionization potential, po1arizabiIities or dielectric 
constants of the EPD. Thus the extent of induced polsrizations of the bonds 
in the EPA units is governed by the EPD functions exerted by the Lewis base, 
It is important to note that unlike all other relationships for molecular ad-1 
dueti the &BWreIation is not confined to complexes with the same function- 
al group, as the relationship holds for different donor groups such as the 
nitro-group, r&rile-group, C=O, S=O, P=O groups, as well as fur ethers and 
nitrogendcnating bases [12, 30, 321, This result is significant in that it shows 
that the functional approach [32] and the donicity concept can be applied 

I I 1 I 1 ! 

t 2 3 4 5 6 
Molar ratio EPD:CF$ - 

Fig. 6. “I!’ chsmicat shifts in CF$ an addition of neutral EPD at 25” C (in P.P.m. CF3I as 
external standardf. 

_.“.“.__ - - 
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Fig. 7. "F NMR chemical shifts of CF3I in EPD solvents at infinite dihtion vs. donkity of 
EPD. 

to weak interactions, which have been considered as being mainly due to 
van der Waal’s forces or intermoleculm forces in the sense of Mulliken’s 
theory. 

It may be concluded that the phenomenological property of the donicity 
is related not only to the strength olF the coordinate bond with a given EPA 
but also to the extent af the induced changes in bond properties wit-hin the 
complex. 

As long as there is a relationship between DN and pXb value [33] a nearly 
stzight line is also found in tire p&, log K plot (K = formation constant of 
the respective complex) and this is shown in Fig. 8 fur EPD-I2 complexes. In 
these the halogen-halogen stretching frequencies vary inversely with the 
strength of the complex: an increase in coordinate bond strength is accompa- 
nied by a progressive weakening of the interhalogen bond [343. 

A very strong donor may heterolyse this bond, a5 is indicated by inter- 
action af iodine with excess pyridine, to give catians with equivalent N-I- 
distances of 2-16 A [13,35) a 

2py + 212 * [py-I-py] + + 1; 

Most molecular adducts are weak because the bonds in the acceptor mole- 
cule would be heterolyzed ‘oy stronger coordinat;ing interactions 113,351. It 
may therefore be concluded that a molec~Iz~ adduct is formed by EPD-EPA 
interactions as tong as the adjacent bonds are polarized to the bited extent 
that heterolytic bond cleavage does not take place. In other words, a molecular 
adduct may be charact&ec! as the result of we&balanced EPD-EPA inter- 
actions which are not sufficient fox heterolysis of any of the adjacent bonds, 
fndeed, there is ah a close relationship between dunicity of the EPD and 
the i-onization ccnstant 1351. 
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---“PK e 

Fig. 8. ReIationship between Fcxmation Constant K of compfexes between iodine and 
various amines in n-heptane and the basic&y contsfsnk Kb of the amines in water. 1, arnz~~~- 
nia; 2, metbytamine; 3, dimethylamine; 4, trimelhylamine; 5, ethyfamine; 6, diethylamine; 
7, trictbyfamine; 8, tri-n-propylamine; 9, n-butylamine; 10, #xi-n-butylamine; X 1, pip&dine. 

u Coordination involving back donation 

The electronic features in neutial complexes, formed from neutral species, 
are essentially the same when back-donation is involv&L In metal--carbonyl 
complexes the C--O bond distances are greater than in the free carbon monox- 
ide molecule in which the CHI distance is X.128 A [36] (Table 5). 

The weakening of the CMI bonds by camplexation may be represented 
by the withdrawal of electrons from the CM3 ligand tawards the metal as a 
result, 6-dative bond formatiun. In order to give a full account of the actual 
bonding, back40natiun must be taken into consideratiun, This effect leads 
to charge transfer to a greater extent than that involved in u-bond formation 
and the final electronic state of the bond may be represented as follows. 

This representation is in accordance with the relationship between C-O 
and C-Fe distances in different iron(O)-carbonyl compounds: The stronger 
the coordination, e.g. the stronger the Fe-C bond, the weaker is the C+D 
bond (Fig. 9 and Table 61, 



TABLE 5 

C-0 bond diitances in carbonyf compounds [36,3? f 

1.82 

I 
t8U 

1.76 

1.72 

l,l!j f 0.03 
l-14 2 OB3 
I,14 + 0.03 
1.16 -c 0.05 
I.35 -c 0.05 
1.55 f 0.02 
I.145 +a003 
1.15 + 0.05 
1.16 * 0.05 

Fig. 9, Relationship between Fe-C and C-O bond distzlnces in different iron carbonyls. 
1, Fe(C0)5: 2, MnzFe(C0)34; 3, Fe2(CO)~(C6H5C2H)~; 4, Fez(CO)BCs&C2C6H5; 
5, Fez(CWGX*; 6, Fe2(CO)6(CzHz)3. 

* X = [CH3-C,Hs+X32 -N = C(UCH, flH = CH-C(UCH~ )2 1. 

TAELE 6 

Mean vzslues for Fe-C= and C-0 distances fr, different iron(O)_carbonyIs 

Cornpound Fe-C C-0 
iA1 Cm 

Pc(CO)f; I.822 + 0.003 1.145 f 0.0.02 
MnzFe(C0)14 1.795 k 0.005 1,150 f 0.005 
Fe2(C(%(C&&#)3 ’ 1.775 2 0.012 1,153 f 0.008 
Fe#W&~~&~C&~ 1.758 *0.010 
Fe#W& 1.75 i o*m 

1.171+0.010 J- 
I,%& 0.01 

-ztc%jEi(%%)3 1,733 2 0.013 1.212CO.0~6 

* X= [C~s-CGHI-S02-N=C(QCH3)-CH=CH-C(OCH3 )z 1 

Ref. 

38 
39 
40 

41 
42 
43 



The stabilization of the lower oxidation state of the metal is intimately 
connected with the utilization of the d electruns in x bond formation. Indeed, 
the changes in oxidizing properties at the metal due to complex formation 
reveal an increase in oxidizing properties (higher fractional positive charge) 
f441 a 

This conclusion is also in agreement with IR data. In carbonyl complexes 
the carbonyl-stretching frequencies are lower than in free carbon monoxide, 
where the carbonyl stretching frequency is found at 2168 cm-l. This COP 

responds to a lower bond order of complexed CO, which is particularly 
luwered when strongly electron donating ligands, such as phosphines or 
amines are coordinated at the metallic coordination center. Ligands af high 
donicity increase the availability of d electrons of the metal fur back donation 
and this is reflected in a decrease in metal-carbon bond distance as well as 
in the induced luwering of the carbon-oxygen bond order, which may even 
approach a value nearly corresponding to a C=O bond present in ketonic 
carbonyls. 

Back donatiun is also enhanced by lowering the oxidation number of the 
metal and this is reflected in prugressive luwering of the C-O stretching 
frequencies in isoelectronic and isostructural species [ 451 

;;ifCO), (= 206Q), &(CO), (= 1890), 
-Ii 

Fe(CU)z- I-- 1790 cm-‘) 

$n(CO),I’ (= 2090) Lr(CO), (= ZOOO), 
-I 

[V(CO),J F (= 1860). 

It should also be pointed out that the CO valence fr-equencies (and the NO 
frequencies in NO compounds) also depend on the electronic effects of the 
solvents [45]. 

The electronic effect induced in a C-O band is particularly great when the 
CO gruup acts as a bridging ligand as can be seen in the compound [46]. 

In this compound the C-O bond lengths are 1.16 for the terminal and 1.20 A 
for the bridging ligands. 

The same trend is found far the variation of CZC bond lengths upon cut )r:- 
dination. In the compound 
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the C--C bond length is increased from 1.19 ,& in free diphenylacetylene to 
1.46 A in She compound Co2(CC&Ph2C2 [47]. As a second;urv electronic 
effect tlie G-CPh - bond di&mce is increased frum X1.40 to L42 a _ The C-O 
bonds are considerably lunger than in CO,(CU)~ namely 1.23 a. According 
to the considerations af Fig. 9 one would expect a shorter Ca-C distance 
than in C&(CO)s and this is actually found (Co-C 1.75 A as compared to 
1.80 A in Co,(CO)& 

We have seen that induced electron changes along a o-bond may result in 
either an increase or a decrease in bond length.. The actual effect is largely 
influenced by the direction of the charge transfer: increase in bond length 
u=ually results through an electron shift from the more electropositive to the 
more electronegative atom and decrease in bond length from the electron 
shift in the opposite direction. The situation appears to be less differentiated 
fur z-bonds, the bond order of wfiich is decreased by coordtiation in any caz. 

D. INDUCX’IVE EFFECTS IN ADSORPTDDN PHENOMENA 

All En&actions that occur at interfaces are, in principle, af the charge 
transfer type- Two distinct types of adsorption, physical and chemical ad- 
sorption f48,49], are usually differentiated, 

Physical adsorption, or physisorption, is regmded as due to forces of the 
van der Waals type. The bonds between adsorbent and adsorbate are weak, 
usually af the order of 5 kcal mol-’ or less, This is of the sme order of 
magnitude as the heat of vaporizaLian of the adsorbate, lending credence to 
the concept of weak physical bonding [48] _ 

Chemical adsorption, or chemisorption, is characterized by high heats of 
adsorption, usually of the order of X5-20 kcal mol-’ ) and hence by strong 
chemical interaction with the unsaturated surface, 

Infrared investigat%ns revealed that characteristic changes are observed 
in the adsorbate which are due to charge transfer interaction:; for both types 
of adsorption differing only in magnitude. For this reasun aqy choice of 
borderline between these two kinds of interactions is rather arbitrary. An 
exact differentiation between physisorption and chemisorption is therefore 
unprofitable and will not be pursued in this review article. 

The present situation is very well characterised by Yates’s statement [50] : 
“The autcome of the joint efforts between chemists and physicists, experi- 
mentakts and theorists will be a new level! of understanding of the electronic 
nature on solid surfaces and adsorbed layers, a level comparttble to that of 

. understanding in structural inorganic and organic c!~emistry”. 
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Fig, 10. Relationship between Av~, on aerosile and the donicity of adsorbed advents. 
1, acetyl chloride; 2, Senzoyl choride; 3, nitroQ?enzene; 4, acetic anhydride; 5, benzonitrile; 
5, acetonikite; 7, methyl ace&&e; 8, ethyl acetate; 9, iso-htyronitrilee; 10, proppionitrile; 
11, n-butykmitrih; 12, acetone; 13, diethylether; 14, tetrahydrofuran; 15, dimethylform- 
amide; 16, diethylfarmamide; 17, dimethylacetamide; 18, dkthylacetamide; 19, pyridine. 

A large variety of problems r&ted to the nature of adsorption pracesses 
have been studied by infrared spectroscopy and, in principle ;tt least, it is 
possible to determine from spectral data in detail the chemical functionality 
of a surface, the induced structure of an adsorbed species and their inter- 
actions: and interrelationships [ 511. 

The surfaces that have been most studied by the infkaed technique are 
those of silka materials. Even after careful dehydration hydrogen atoms re- 
mtin on the surface and thzse are referred to as “free hydroxyl groups”” or 
“isolated silanol groups” [523 l The terminal hydrogen atoms are acidic and 
readily ads-Brb basic materials. Ever- benzene is adsorbed due to the inter- 
action between a surface hydroxyl group and the x electron system of the 
aromatic molecule. The spectrum of the adsorbed benzene is little but distinc- 
tively different from that of the liquid f53]. Nitrubenzene behaves in an 
analogous manner, while aroma&lie amides axed phenols appear to interact 
by means of their basic nitrogen and oxyge;; ? W-IS, respectively [48] ) towards 
the acidic hydrogen atoms of the silica surface. Noller and Horill [54] follow- 
ed the changes-in OH-valence frequency by adsorption of a variety of Lewis 
bases on aerusile, The dv o H values were found to show a Iinear relationship 
to the donicity of the adsorbate and to be independent of the nature of 
coordinating group (Fig. IO). No relationship was found with the iorkation 

H 1-l 
Base - H -O-Si--- 

I 
increasing Cecrease Increase 

EM-J in bond in bond 
strength strength 
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potential of $he base. The fact that no correlation was found with the heats 
of adsorptlion suggests that adsorption does not occur exclusively at the OH 
groups. 

The adsorpSion of acetyLres and derivatives on alumina and silica were 
also explainid in ter*n~ of acid -base concepts. ItR spectra suggest that chemi- 
sorbed acetylene and methylacetylene is held normal to the surface since the 
acidic pratcns of the adsorbate interact with the basic oxygen sites at fhe 
surface. 0n the other hand the non-acidic dimetbylacetylene is held parallel 
to the surface, as the 7~ electrons of the C=-C bond behave as a base and inter- 
act width the acid sites of the alumina surface f 55 1. 

,4dsorption of Kphenylchloromethane on barium sulfate showed that the 
C-Cl bond was strongiy polarized and the spectrum of the adsorbate was 
identical to that of the triphenylcarbonium ion as observed in sulfuric acid 
solution [ 563 ; 

The reverse situation was founll when symmetrical trir&obenzene was ad- 
sorbed on magnesium oxide, where it was red in contrast to adsorption on 
Cal& The spectrum of the adsorbed species was very similar to that obtained 
in alkaline ethanol solution and this led to the conch&on that the oxide ions 
of thz magnesium oxide surface functioned as basic grcups fur the chemi- 
sorption af trinitrot3enzene. 

The mast extensive and productive application of the IR technique has 
been in studies of chemisorption on supported metal samples. After the more 
conventional catalytic research has concentrated on actual catalysts, it is 
very important that investigations on atomically clean single crystal surfaces 
hale recently been initiated. Yates and King 1571 have shown that the so- 
called cr-C0 state of C0 adsorbed on a clean tungsten surface is similar to 
“ca.rbonyP-type CO ligands a~ found in W(CO)s ‘I iri which the C--Q bonds 
are con6derably pgiarized due to back donation (see section C, v), As the 
CO coverage increases, a slight strengthening of the C-O bond is found. This 
has been explained by the back-donation mode [57]. The availability of 
tungsten d electrons for back don&on would be expected to decrease with in- 
creasing CQ coverage both Erom primary tungsten atoms (those involved 
directly in the linear W=C=O species) and from neighbouring atams, which 
aI.so appear to contribute to ?r bonding at least at interstitial sites. This is in 
agreement; with the finding that the photoelectrun C (1 s) axld Q (3 s) binding 
energies fQr the adsorbed species are all lower than for the gaseous mofecukes 
and that there is a systematic decrease. in photoelectron binding energy as the 
adsorption is increased [SS] . 

AU the features are in agreement with the postulate of the inverse relation- 
ship between intermolecular and intramolecular bond strengths. 
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E. INDUCTIVE EFFECTS AND REACTIVITY IN THE CRYSTALLINE STATE 

The formation of a mokcufar lattice fram the gaseous molecules may be 
considered due to intermolecular coordinating interactirrs. These are expect- 
ed to induce characteristic changes in intramolecular bond lengths and band 
properties. Indeed, the structural features in molecular lattices are phenomeno- 
logicd.ly analogous to those found in molecular adducts. While the iodine- 
iudine distance in gaseous iodine is 2,676 A [59], the intramolecular iadine- 
iodine distance in the crysl;alli.ne state is slightly greater, 2.715 a [SO J . From 
a study of quadrupole coupling [61] it has been concluded that in crystalline 
iodine the 3.54 a intermolecular contacts contain about 9% of covalent 
bonding. Any such covalent interactions should be of the EPD-EPA type 
which induce an increase in intramolecular bond distance; this may be 
schematically represented as follows. 

---x54-----2.72--- 

. -N /- 

-I- I-~-I-I-I- 
EPD EPA EPD EPA 

Induced Induced Induced 
bond band bond 
porar izatmn pofarization potarrzatmn 

This representation describes the formation of the molecular lallice from 
the gaseous molecules and expresses the different functionalities of iodine 
atoms connected by the same bond; it is analogous to that for triiodide ion 
complex formation from iodide ion and molecuiar iodine. Since iodide ion 
acts as a considerably strunger EPD than iodine, the polarization of the I-I 
bond in the iodine molecule which acts now as EPA, is cansiderably greater, 
the I-I distances in the triiodide being equal (2.93 A ) [ 62 ] . 

I- -+ I-I_ I-I ==I 

EPD EPA 2.93 2.93 

The differences ti EPD propdies of iodine and iodide ion are also evident 
from their different solubilities and enthtipies of solvatiuri in water. 

The induced charge transfer effxts are, as may be expected, slightly more 
pronounced in iodine bromide. The I-Br distance is 2.52 in solid IBr and 
2.47 a in the gaseous state 1633. The longer intramolecular I-Br disbnces 
in the solid state have been regarded as due lo the charge transfer between 
the molecules in the cryslz.L 

We may postulate that there is an inverse relaknship between the inter- 
molecular and the intramolecular bond disfzmces within a crystal lattice. The 
limiting cases are (a) the intermolecular Metactions are too weak in order to 
give measurable intramolecular effects, (b) t-he intermolecular interactions 
are so strong, that inter- and intramolecukr bond distices and pruperties 
are equal and hence undistinguishabfe, 
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ii Ionic lattices 

Although it may appear strange to treat an ionic crystal like a mohxulat 
adduct, one may attempt tu apply this approach to the formation of an ionic 
crystal from the gaseous molecules. The charge transfer incurred in the furma- 
tion of an aIkali halide crystal may be considered a result of coordinating inter- 
actions between the gaseous alkali metal halide molecules. Aikali metal ions 
are known to function as stronger Lewis acids than molecular iodine, and 
halide ions as stronger Lewis bases than iodine. EIence the induced polarizing 
effects should be appreciably higher than in the molecular lattice cf iodine, 
The metal-halide distances are significantly greater in the cryst;lalline lattice, 
than in the gaseous molecules (Table ?), 

The relative differences Ad in bond length of the diatomic alkali halide 
molecuIes, and of the respective crystal lattice show a decrease from Li+ to Rb+ 
fur a given anion as well as from Cl- to I* for a given cation According to 
the electrastatic approach this is excplained by the increasing polarizing power 
of the alkali metal iuns from Rb+ to Li’ and the increase in pol;urizabilities 
from Cl- to I-. Increasing covalent character of the bond is accompanied by 
decreasing bond distance, as may be seen from the comparison of Ag-X 
bond dis”l;ances calculated from ionic radii and actually found. I 

The electronic description of inductive cooperative charge transfer effects 

TABLE 7 

Alkali metal-halogen bond distances ia alkaii halide diatamic molecules and within the 
crystal !attice [ 36 1 

Halide M-X distsrnces {a, 

Vapor crystal 

Ad (Relative increase 
in M-X distance) 

LiBr 2.1704 2-747 26.5% 
NaBr 2.5020 2.981 19.1% 
Ki3r 2.8207 3.293 16.8% 
RtAk 2-9448 3.434 1*X8% 

LiI 2.3919 3.025 26.5% 
NaI 2.7115 3.231 19.155 
KI 3.0478 3,526 15.8% 
RbI 3-1769 3,663 15.1% 

KC1 2.6666 3.347 18 0% 
KBr 2.8207 3.293 16.8% 
K1 3.0478 3.526 15.8% 

RbCI 2.7868 3.285 17.9% 
RbBr 2.9448 3-434 16.8% 
RbI 3-1769 3.663 15.1% 
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TABLE 8 

Ag-X bond distances 

&X 

A# 
AgCl 
AgBr 
AgI 
- 

cx 

1.33 
1.81 
l-96 
2.20 

r&t + fx Ag-X 
(caic. f ( found) 

2.46 2.46 
2-94 2.77 
3.09 2.88 
3.33 2.80 

A 

0.0 
-0.i7 
-a_21 
4.53 

involved in changing from the gaszous to the crystalline state provide an 
alternative explanation. The Na-Cl bonds are polarized by S;he EPD actions 
of the chloride ions and the EPA actions by the alkali metal cations as shown 
for one dimension only. 

EPA EPD 
Induced 
etrect 

EPA EPD 
Induced 
effect 

EPA EPA 
Induced 
effect 

For at gken cation the effect of the relative EPL) functions of the halogens in- 
creaSes fkom iodide to chloride. 

The interatomic distances of alkali halide vapors obtained from early elec- 
tron diffkaction studies were consistently higher than those now derived from 
microwave spectroscopy and this is interpreted as du( to the presence of 
polymeric molecules in the vapor. Indeed mass spectromefxic analysis of the 
ions sholvs the presence of diners, trimers and in some cases tekamers f64] 9 
particularly for lithium halides, 

The quantitative aspects of the electrostatic treatment for hard-hard ionic 
interactions are superior to the approach from the covalent point of view. On 
the ather hand, it should be of interest to note that all structural changes 
may be described by means of the functional approach, at least in a qualitative 
way, in that the effects within a crystal lattice are considered as emerging 
from coordinate interactions which lead to specific changes in covalent bond 
properties as a result of charge transfer effects between the ions. 

iii Silicute structures 

The applicatiun of the postulate of the inverse relationship between inter- 
molecular and intmmolecular distances to silicate structures is less slight 
forward, since the properties of the “free” molecules or isollated groups are 
not known. The variations in Sk-0 bond lengths in different silicates are 
correlated with P&king bond strengths s 5651, which is defined as the valence 
2 of a cation divided by its coordination u [ES, 6?] - According to the Pauling 
electrostatic valence principle the .sums p = Cs of mean bond .strer@,hs around 
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the cations and anions ale approximately equal to their valence, This concept 
is derived from an ionic model of chemical bonding, but it can be applied to 
situations where the bonding is primarily covalerlt; it has been tested frequent- 
ly by minenilogists. 

The Pauling bond strength is used as an approximate measure of the poten- 
tial of the cation on the anion site in an undistorted coordination site and 
hence in silicates it is related to the bcrnd length of the intramolecular Si-0 
bonds within the anionic groups [66 1. It may be postulated that in the non- 
existing ideally isolated SiUB group the Si-0 bond length should be relatively 
small and it is expected to be Increased by increasing charge and decreasing 
radius of the cation, which for hard metal cations are related to the EPA- 
properties. 

Thus, the 3auling theory expresses the differences in covalency of Si-0 
bonds by varying the cationic species, In other words the intermolecular bond 
strength U-+M should be related to the Lewis acid properties of the metal 
ion M and inversely related to the induced change in covalency of the adjacent 
intermolecular Si-0 (+M) bond. 

In disilicates this effect induces further a decrease in Sk--O--Si bridging 
distances as the result of secondary inductive effects. 

If%m?ZXX? in S-0 bond 
drstances by incr+zasing EPA 
proaertms of M”+ 
lPnmary rnductwe Effect 1 

Decrease in Si-O-Si 

bond distances by rncreastng 
EPA properties of Mn” 
(Secondary Inductrve Effect) 

If tExe metal ions a.W Si4+ , which a& as strung Lewis acids, the EGOa structure 
is completed, where the Si-0 distinces of 1.60 A are considerably shorter 
than in silicate chains, for example 1.65 A in lithium disilicate 1691. 

There is 8 functional relaticnship between bond strength and bond 
length regartilessof structure type [SC] with the constraint that the sum of 
the bond str;?ngths equals the valence as proposed by Pauling. Brawn and 
Shannon [Cfi] analyzed environme& of 884 cations in 417 different struc- 
tures and have shown the agreement between experimental data and the 
Pauling concept for the majority of atoms in the fist half of the periodic 
table. 

Noll 1681 has demonstrated the usefulness of the application of the efec- 
tiunic theory to silicates and organopolysiloxanes. His starting poink is the 
three dimensional network of SO2 . Substitution of Si4” ions by cations ofi 
lower change was found to be reflected in variations of bond lengths and physi- 
cal properties explained in terms of variations of inductive effects due to the 
differences in coordinating interactions between the metal cations and the 
silicate anions. The Si-0 distance is shortest in SiUz _ mmely I&U& because 
-Si+3 groups are coordinated by Si4’” ions. ?+ubstitution of the latter by ions 
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TABLE 9 

Si-0 distances in some silicate structures (A) 168 3 

Sificate Si-u f-m) Si--o f+M) 
(mean value) (mean value) 

Sodium metasilimte 
Enstatite 
Diopside 
Pigeonit+? 
Li-disiticate 
Na-disiiicate 
Sanbarnite 

Naq [SizQC ] 1.675 1.57 
Mgz bZ”6 1 1.60 l-55 
MgCa[Sig06 ] I.62 1.51 
fMg,F%=)z [=@6 3 I-64 1,58 
Liz [Si2qj 3 3.65 1.56 
Na2 CSW, I 1.64 I-51 
Ba4 [Sk %o I I.66 1.60 

of lower charge leads to a decrease in the coordinating interactisn, since the 

EPA pruperties of the metal ions decreased by decrease in charge, e-g. the 0-23 
bond is &ronger than the U-Al bond. With reference to the acidity of Si4+, 
the substituted metal ions are considered as electron donors towards the 
O-Si band and this provokes a decrease in Si-0 bond distance. As a secondary 
effect9 an increase in Si+D-Si band distances is observed, both effects in- 
creasing with increaing electron donor properties, e-g., with decreasing EPA 
properties of the metal ions, The effects are in the opposite direction, when 
metal ions with increasing EPA properties (decreasing donor properties accord- 
ing to NoU) are considered (Table 9). 

The effects are @eater in polymeric structures of elementi of higher charge, 
e.g. in phosphates or sulfates and this is actually found (Table 10). 

The differences in bond length are reflected in differences in chemical 
reactivUes* Indeed, small differences in boncI strength may provide remarkable 
differences in chem!cal behaviaur. Weitz [70] has shown that acetic acid 
heteralyses the Si-Q-Si bonds to a greater extent in Wollastonite than it does 
in Hypersthene. Bath compounds are chain structures, but Wollastonite cqn- 
tins Ca2+ ions and Hypersthene Mg*+ and Fe2” ions. The differences in EPA 
properties lead tu differences in Si-O-Si bond strengths, which are weizker 

TABLE 10 

P-0, As-O, S-O (X-0) distances in phosphate, and sulfate lattices (a) f68) 

x-u (‘X) 
(mean vaiue) 

1.62 
1.77 
1.77 
1.63 
1.64 

x-u (+M) 
(mean value) 

1.45 
1.60 
1 Xi7 
1.47 
1.44 
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in Wallastonite than in HyperstheDe. 

Weak secandary 
inductive effect 

Strcng secondary 
inductive effect 
streigthens 
Si-Ct- Si boPds 

The great e;tse af acidsfysis in the case of WcGastonite is due to the follow- 
ing fack the greater ekctron density at the bridging oxygen atoms allows 
stronger ElectrophEic attick by the hydrogen icns, by which the polarity of 
the S+U-Si is increased and eventually leads toi heterolysis 

For these reasons acidolysis leads to low molecular units with Wollastonite, 
and to polysilicates for Hypersthene. 

The bridging oxygen atom in silicates may be compared to that in siloxanes; 
hexarnethyldisiloxane is aticked by the Lewis z&l PF3, N hile hexachforadi- 
siloxane remains unaffected 1683 : in the former the SF-O-Si bonds are more 
strongly polar and hence the bridging oxygen atom more bsic than in the iatter 

The ?eplacement of Si4+ by A13” f K+ reduces the extent uf the inductive 
effects. This is in agreement with the old mineral chemical experience that 
PIagioklase shows increased instability towards acids with in&easing Al can- 
tent [SS] . 

Nofl [68] has also drawn attention -f;o the electronic interpretation of the 
magmatic crysbllizai;iun~ The 8i-43 bond is must stable in SiO, and it is 
inductively labihzed by substitution of Si4+ by cations of lower acidity. In the 
course of the crys~&lizatior, of natural silicatic magmas the formation of 
crystalline phases follows the sequence of increasing inductive weakening of 
&he Si-Cl--Si bonds by metal ions of decreasing Lewis acid properties. 

In silica-rich meEs polyanions are present in agreement wi%h the minf?ra.zogi- 
cal experience that silicate crystals with anions of high degree of coordination 
are more abundant thm isolated groups. No11 [68] considers axganopoly- 
siloxanes as “weakened silicate melts”, which are subject to nucleophilic 
attack by hydroxyl ions. 

+--@ f K+ - 
HOSii 

-OK -A $Si-0-Si$ i KOH 
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Rearrangements are the result of alternating heteralysis and acid-base 
interactions which lead to equilibria between anions of different structures 
depending on the type and relative number of metal ions present. Particularly 
in metasilicate melts in the Si:O ratio 1:3, equilibria between ring and chain 
structures are readily estabfi&ed_ At low temperatures the formation of chain 
like structures is preferred in agreement with Nolls second selection principle. 
Indeed, we shall see from the electronic consideration of association in liquid 
water that the acido-basic properties of the amphoteric water molecules are 
enhanced and in this way higher aggregates are readiiy formed. The acid-base 
interaction between 2 metasificate anions leads to an increase in acidity at the 
silicon atom belonging to the nucleophilic anion, while the basicities of the 
terminal oxygen atoms are enhanced. 

electrophile 

Chain propagation is sterically more likely than ring cl&ure. 

Various hydrides, such as hydrogen fluoride, water, ammonia or the alcohols 
are associated in the liquid state through hydrogen bonding to different ex- 
tents. It has recently been emphasized, that the electrostatic description of 
hydrogen bonding is rather unsatisfactory [5j. There is no relationship be- 
tween the dipole moment of the base and the strength of the hydrugen bond, 
the atoms are found at much smaller dist;utces than would be expected from 
the consideration of the van der Waals radii, and the IR intensities of the H-X 
stretch frequencies as well as the shifts observed in NMR data on hydrogen 
bridges cannot be explained by the electrostatic theory. It is, however, possible 
to treat the delucalization of the electrons in a semiquantitative way by means 
of LCAO-&IO methods and numerous structural questiuns involved in hydro- 
gen bonding are solved by these as well as by other semiempirical methods. 

The dynamic features in the liquid state may be described in terms of 
proton transfer 1711. For the aake of including these interactions in the uni- 
fied approach, the changes involved in electron distributions may be consider- 
ed as being initiated by the exercise of the EPA function at the hydrugen 
atom and by the exercise of the EPD function at the functional group of the 
base. The final, electronic arrangement is considered a result of the inductive 
effects caused by this primary interaction. In chains of I-IF molecules the 
energy of the hydrogen bond increases with increasing number n of IIF- 
molecules in the chain: higher aggregates are energetically favoured f 5j _ 

Dimerizatiun leads to an increase both in acidic character of the terminal 
hydrogen atom and in basic chmcter of the terminal fluorine as a result of 
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the charge-transfer occurring in the process of dimerization. In this way the 
formaticm of chains is favored. 

Incresse 
in acidity 

The electronic rearrmgement takes place throughout the chain in the same 
direction, and in this way the actual net charges at the atoms terminating the 
chain ale increased, According to CND0/2 calculations 151 the zig-zag struc- 
ture of the HF chain offers an additional gain in energy. Such cooperative 
effects are also present in cyclic polymers which are also known to be present 
in the gas phase. The features are analogous to those in charge-transfer com- 
plexes, 

Experimental evidence is available fur water, the donicity for single water 
molecules being considerably lower than that of associated molecules, while 
the donicity of single water molecules is 18, the bulk donicity of liquid water 
is zbout 32 [35,44,72]. 

The association of water is presented in the followirig way [321. 

EPD EPA EPD 

acceptof 

Nucleophilic attack of a water molecule (oxygen atom 0t2) ) at hydrogen atom 
Htl, af another water moiecule induces polarization of the adjacent bonds and 

m hence increasing acidities of the hydrogen atoms HC3) and HC4) as well as 
increasing the base strength of oxygen atom O,, ) _ EPD-EPA interactions be- 
tween the hydrogen atoms Qr ut HC4) (which are more acidic than Ht2)) and 
the oxygen atom Ut3) of a water molecule will further increase both the acidity 
of the terminal hydrogen atoms HI,, and Ht6) and the EPD strength of the 
terminal oxygen atom O,,). With increasing chain length thrr; process may 
finally resuit in a proton transfer af an acidic hydrogen atom of one aggregate 
to the basic terminal oxygen atom of another aggregate and this process is 
known as autuprutulysis or self-ionization, 

Recent quantum mechanical c&A&ions strongly suppart this mod& 
CNDO/2 calculations on linear chains of I-I& and _HF molecules reveal (Table 
ll), that the mean energy AE of t;be hydrogen bonds is increasing with increas- 
ing chain length (%Ooperative effect”) [5]. Even more significant is the 
energy A&,-I)+?3 for additiun of the ccIa&*’ solvent molecule, which is ;ilways 
higher than AE and clearly reflects f;he increasing acidi& (basicity) of the 
terminal hydrogen and oxygen atoms, respecti.!ely (see Table 11). 
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Msan hydrogen bond energies for linear chains of Hz0 and HF molecules as a functiorl of 
chain length 

Number of 
moIecuIes 

AE (kcal) Number of AI?, (kcall U(rI-1)’ II 

molecules (kcal) 

2 8.68 8-68 
3 9.63 10.59 
4 IO.12 11.11 
5 rcC43 11.34 
6 10.61 11.44 
7 10-78 11.50 
8 10.95s 11.54 

2 9.50 9.50 
3 70.88 x2.25 
4 11.62 13.12 
5 12.08 X3.45 
6 12.38 , 13.60 
7 12.60 13.68 
8 12-76 13.72 

Calculations for associated units with tetra_hedraI geometry which present 
a moTe realistic model for the structure of liquid water show similar trends 
although the effects are somewhat smaller [ 51. It should perhaps be mentioned 
that elemenm electrostatic models cannot account for the structure of 
hydrogen bonded associates: The elecbc>static theory predicts a linear arrange- 
ment of H-F molecules as the most st=&le structure of the HI? dimer, in 
contrast to quantum mechanical cakuktions 151 from which a bent struc- 
ture is predicted in agreement with spectroscopic evidence. 

The existence of hydrogen bonds is not a necessary condition for association. . 

The association in Iiquid hydrogen fluoride may be described either by hydro- 
gen bridges between fluorine atoms or by fluorine bridges between hydrogen 
atoms f733. In aprutic sotvents, such as in bromine(XiI)fluuride, fluorine 
bridging is involved in associated solvent molecules. By the charge transfer 
taking place in the association process1 the properties of the terminal atoms 
are changed: the fluorine atoms become more basic while khe bromine atoms 
are increased in acidity as a consequence of the polarizatiun of the bromine+ 
fluorine bonds, These effects are expected to increase by increasing association, 
so that the interaction of highly associated units may produce ions (self- 
ionization). 
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Association and self-ionization may be described in an analogous manner 
for liquid iodine(I)-chloride, !odine(I)-bromide, antimony(III)-chloride, arsenic- 
(1II)chloride or mercury(H)-bromide (35, 743 _ 

ft may be concluded that weak interactions between sufficiently amphoteric 
molecules may lead to strong interactions due to caoper&ive charge-transfer 
effects, This may be illustr&ted by the following example: 

(SeO& reacts with arsenic(II1) chloride to give an insoluble polymer 1751 
while no reaction occurs with SO*, which is not sufficiently arnphoteric, Raman 
spectrographic resulti indicate the presence o- f AEG-U-S~ bonds, According 
to the functional presentation the formation of the coordinate bond between 
an oxygen atom of a selenium trioxide molecule and an arsenic atom induces a 
corresponding increase in EPD properties at the chlcrine atoms bonded to 
arsenic and as well as an increase in EPA properties at the selenium atoms. 

These changes favour the formation of coordinate bonds -Se+-Cl-, and these 
amplify the electron changes achieved so far, yielding a further increase in bond 
strength of both As--Q and Se-Cl bonds. This type of interaction is not re- 
&i&d to ar,e dimensian, as indicated in the forlmulation. The bonds between 
&Cl3 and SeOs would be weaker, if the amphuteric properties of the mole- 
cules were developed ta a lesser extent. 

G. CONCLUSIONS 

It has been shown elsewhere, that the function& approach is useful in 
&ning a unified description for the influence of solvents and af ligands on 
redox pruperties 1441, the kinetics of substitution and redox reactions f7 ] 
as well as solvation phenomena 1721 and the thermodynamics of ionic equi- 
libria in different solvents [32, 351 c The extension of this approach to mole- 
cular titeractions based cn Qndqvist’;; theory for donor-acceptor interacticms 
[X] allows a uni&d understanding of various phenomena, which tie usually 
treated by entirely different approaches. Strong adducts, charge-transfer 
complexes, chemisorption, physisorption, association phenomena in the 
liquid phase as well as pheno_mena in the crystalline state have hem shown 
to have much in common, in that in the course of the intermolecular inter- 
actions the adjacent intramolecular bonds are weakened and further electronic 
changes induced- Malecufar properties, such as ionization potential of the 
donor and charge transfer energy of the complex cannot be regarded as a 
measure of the relative complex stability when dsferent groups of compounds 
are considered. F’unctional parameters, such as donicity or basicity constants 
take their place. 

It appears that “welI-baIanced” interactions aze required to give a stable 
adduct, e.g. the e&rgy provided by formation of the coordinate bond sfiouZd 
not be considerably greater than the energy required to heterolyse the weakest 
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bond in the system. Since the Sb--cl bonds are rather strong, strong adducts 
can be formed between SbC& and strung Lewis bases. The weaker iodine- 
iodine bond is heterolyzed by excess pyridine and un-ionized molecular adducts 
are formed only when weak donors are provided. It is likely that analogous 
considerations may hold fur very weak interactions, such as adhesion and 
&her phenomena at interfaces. 

Mare systematic research is required in order to establish these relationships 
more quantitatively and for a greater number of different types of adducts as 
well as to relate empirical parameters to complex stability and tc changes in 
bond properties effected by adduct formation. ft shuuld then be possible to 
develop more precise theoretical interpretations and to allow semiquantitative 
predictions. 
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