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                   2. rntroduction

     The bridge compounds as diborane and trimethylaluminum

have been studied by many authors since their structure and

reactivities are peculiar. The structure of diborane was

once considered to be of an ethane type, but the study by

the electron diffraction has established that two hydrogen

atoms of diborane lie between two boron atoms. This con--

clusion was also confirmed by the studies of vibrational

spectra. Meanwhile the electronic structure of this bridge

was interpreted in various ways as the protonated double

bond, the half-bond, the three center bond etc. The case

of trimethylaluminum is similar to the case of diborane.

The molecular structure of trimethylaluminum was decided to

be a bridged one by the X-ray diffraction study but the

detailed electronic structure has not been fully examined.

     The purpose of the present study is to elucidate the

structure of these molecules more clearly and to interpret

them with electronic theory. The measurements of the

vacuum ultraviolet spectra of diborane and the far infrared

spectra of trimethylaluminurn were carried out. The normal

vibrations and the electronic energies were calculated and

the infrared and ultraviolet spectra were assigned on the

bases of the theoretical calculations.
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               5. General Discussion

5.1. General Descriptions on the Structure of the Bridge
      Compounds

     The research on boron hydride has a long and interest-

ing history. Although the corresponding halides of boron

have monomer structure BX3, the simple substance BH3 has

not been prepared; instead, diborane (B2H6) are found to

be the simplest boron hydride. The fundarnental difficulty

in the structural problem is that there seems to be not

enough valence electrons in the molecules to fill the

molecular orbitals.

     Stock developed the vacuum technique to manipulate

the reactive substances and concluded there were little

doubt that B2H6 had similar structure to C2H6 by the use

of X--ray, near infrared spectra and reactivities (1).

Sidgewick suggested (2) that there were one-electron bonds

in B2H6, and Pauling explained (5) the stability of this

molecule by the resonance theory that several configurations

with different pairs of hydrogen atoms attached by one-

electron bonds were included in the final structure. Mulli-

ken predicted (4) that B2H6 should probably be paramagnetic,

but experimental measurements showed diamagnetism at room

temperature. Mulliken then discussed (5) the electronic

structure for a ethane--like model by the use of MO method.

Electron diffraction of gaseous diborane was studied by

Bauer (6) who interpreted his observations on the basis of
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the ethane model and pointed out a faint inner peak which

could not be explained by the bridge model.

     The bridge model was first proposed by Dilthey in 1921

(7). Longuet-Higgins and Bell advocated (8) the bridge

structure with no direct link between the two boron atoms.

The suggested structure was resonance hybrid among two

covalent structures and two ionic structures (both had two

single bonds and two no bonds). They suggested that Bauer's

curve of the electron diffraction was predicted equally by

the bridge model. The main argument in their paper was

the assignments of the vibrational spectra. The ethane-

like structure failed to explain the number of strong bands.

Pitzer gave (9) the electronic interpretation to the bridge

model in terms of a protonated double bond. Mulliken went

(10) into more detail and gave the MO description for the

bridge model. He showed the electronic structure must be

essentially the same as that in ethylene. Rundle <ll)

interpreted the bridge bonds as half bonds and Longuet-

Higgins (12) as three-center bonds.

     In the case of A12X6, the earlier results of electron

diffraction rneasurements (15) showed that aluminum halides

had the bridge structure and the results of the Raman

spectra gave the same conclusion (14). In the case of

trimethylaluminum, however, the results of electron diffrac-

tion showed it had an ethane-like structure (15), though

the results of the Raman spectrum (14) showed it had a

bridge structure.
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     As is mentioned above, two different structures had

been advocated by various authors; nevertheless convincing

arguments for the bridge structure began to be proposed

from the end of 1940's. Price (i6) investigated the in-

frared spectrum of diborane under greater resolving power

and indicated a striking similarity with the spectrum of

ethylene. He concluded the rotational structure ruled out

the ethane-type structure but agreed very well with the

bridge model. Hedberg and Schomaker re-examined the e.lectron

diffraction of diborane and concluded it had the bridge

structure (17). Lewis and Rundle (18) concluded trirnethyl-

aluminum dimer had a bridge structure with a skeletal sym-

metry of D2h by X-ray diffraction of single crystal'. Since

then, the geometrical structures of diborane, aluminum

trihalide dimers and trimethylaluminum dimer have been

decided to be of the bridge structure and the objects of

research have turned its direction into the interpretation

and the properties of the bridge structure. The present

study is one of such attempts on the problem.

5.2. Thermochemical Study on Diborane

     The specific heat of diborane was measured over the

temperature range 100 - 5000K (19). A barrier of the

rotation o.f BH3 groups in a ethane-like structure were

calculated to be about 10,OOO cal/mol, which was considerably

higher than the typical value (5,Ooo caYmol for ethane).
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 But, in the bridge model, the calculated specific heat

 satisfactorily agreed with the observed value (8).

     The resonance energy for diborane was calculated (20)

 to be 25.9 Kcal/mol, since the enthalpy of formation of

BH3 was calculated to be --15.7 Kcal/mol from the equation

of the electronegativities and the observed enthalpy of
formation of B2H6 was -7.5 Kcal/molC25.9 = -7.5-2X(-15.7)].

The heat of dissociation for B2H6(g) = 2BH3(g) was estimated

as 28.5 Kcal/mol (21) by the thermochemical measurement of

the reaction of methylamine with diborane. The value was

also determined (22) as 52N58 Kcal/mol by the analysis

of kinetics of the decomposition of BH3CO.
                 '     However, BH3 itself had never been obgerved e: periment'al-

ly and the above results contained more or less questionable

postulates. On the other hand mass-spectrometric investi-

gation may give a direct value for the dissociation energy.

The result of the low-pressure dissociation of B2H6 gave

a value of dissociation energy Do (BH3-BH3) = 55t8 Kcal/mol

(25)•

     The heat of formation and the energies of diborane

were discussed by Glockler (24). From the heat of 'formati.on

iAHfo (25), the heat of formation from atoms AHao was

obtained from the set of thermochemical equations: (Kcal/mnl)

     2B(s)t 5H2(g) "> B2H6(q. ); AHf.(B2H6) = 11.56

            2B(g) -'> 2B(s); 2aH(sub)ql3(s) = --260.00

            6H(g) - 5H2(g); 5AH(dissoc),H2 = -5e9,.79
                                  --p-- - - -. -;=- .- -

2B( g) + 6H(g) -"`> B2 H6(q. );

                     7
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On the other hand, the heat of formation AHao could be

determined from the sum of bond energies which were correlated

with the internuclear distances:

         E (BB) = 228.10- lo5.65 r(BB),

         E <BH) = 177.92 - 9o.20 r(BH).

The coefficients of the above equations were estimated from

the bond energies of solid boron and B2 radical, BH and BH2

radicals, respectively. The heat of formation from bond

energies AHao(dist) was estimated: (Kcal/mol)

         1 (BB) 1.77A 44.67
                          "        4 (BH) 1.19A 70.58
        4 (BHt) 1.55X 57.95

              A Ha.( dist) = 558 .79

Two values of AHao agreed well with each other. It is

noteworthy that the heat of formation of diborane was

interpreted on the basis of B-B bond.

5.5. Ultraviolet Spectra and Recent Theory on Electronic
      Structure

     Blum and Herzberg <26) measured the ultraviolet spectra

of diborane and found a band at 1820X of weak intensity.

They discussed the band on the basis of Mulliken's theory

on an ethane-iike structure of diborane.

     Price (16) examined the ultraviolet absorption spectra
                                      oof diborane at low pressure down to 1000A using a 1 meter
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normal incidence grating vacuum spectrograph. He found
                                       othe first strong absorption band at 1550A and the second
absorption band of similar strength at 12ooX. Though

 he reported a good experimental result, he gave no discus-

sion on the assignments or on the electronic structure.

     The first of the quantitative theory on the electronic

structure is the work by Hamilton (27). He concentrated

his attention on bridge bonds. He considered the terminal

B-H bonds were sufficiently localized to allow a simplified

treatment of the problem as a four-center, four-electron

problem. He calculated the energies and the charge distribu-

tions by the use of Roothaan's SCF method on the basis of

Slater orbitals. His numerical results were not sat'isfactorys

but his results correspond to the present study in the order

of the orbital energies.

     The LCAO-SCF calculation for the twelve-electron g.yste,m

was carried out by Yamazaki (26). Exact values for all

one- and two-center integrals of Slater orbitals were used

in his study. The dissociation energy was calculated as

O.29 au. in poor agreement with the experimental value of

O.82 au. The net electronic charge on bridge hydrogen atom

was calculated as -O.24e. The order of the energies of

orbitals again corresponds to the present study. Hoffmann

and Lipscomb (29) calculated the electronic energies and

charge distribution for the whole series of boron hydrides

in an extended Huckel approximation.
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     The most elaborate calculation on the electronic

structure of diborane was carried out by Burnelle and

Kaufman (50) with the nonempirical LCAO-SCF method, taking

all electrons of the molecule into account and calculating

exactly all the integrals on the basis of Gaussian atomic

orbitals. His set of Gaussians contained 54 functions,

9s+5p on each boron and 5s on each hydrogen and was called

to be the largest calculation reported at that time.

     In all treatments hitherto reported, electrons were

treated as or electrons, and the dissociation energy, the

ionization potential and the charge distribution were

calculated. But the transition energies were not satis-

factory for assigning the observed bands.

     In the fourth paper (IV) of the present study, the

vacuum ultraviolet spectrum of diborane was re-examined

and the electronic structure was calculated by the method

of LCAO--SCF. The hyperconjugation effect of the bridge

hydrogen atoms was taken into consideration and the system

was treated as a three-center, two-electron problem. The

integrals were mostly calculated non-empirically, although

some of them were evaluated by making some approximations.

The transition energies were evaluated to be 6.7 (forbidded>
                                   'and IO.5 eV. (allowed), and they correspond well to the

experimental values of 6.9 (weak) and 9.2 eV. (strong),

respectively. The characteristics of the present calcula--

tion as compared with others lie in its '7e electron approxi-
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mation with the use of the hyperconjugation theory and its

assignments of the observed spectrum.

5.4. Infrared Spectra and Intermolecular PotQntial Func-
      tion of Diborane

     The vibrational spectra are useful tools for studying

molecular structures. The Rarnan spectrum of liquid diborane

was studied by Anderson and Burg (51) and the infrared

spectrum of the gas by Stitt (18). Then Lord and Nielsen

(52) measured both the Raman and the infrared spectra of
B211H6, B210H6 and B210D6 and gave the consistent assignments.

Taylor et al. (55), Lehmann et al. (54) and Kaufman et al.
(55) added the experimental data of B211D6 etc. Recently,

after the present study (I) was published, Smith and Mills
                                    '(56) reported a high-resolution infrared spectra of diborane

and analysed the rotational structure and the Coriolis

perturbations. They slightly modified the assignrnents by

Lord and Nielsen.

     The normal vibrations of diborane were treated by Bell

and Longuet-Higgins ,(8), by Sverdlov and Zaitseva (56) and

by Venkateswarlu and Radhakrishnan (57). The latter two

authors calculated with general force fields with twenty-

nine and fifty-six parameters, respectively. The numbers

of parameters in their studies were too many to discuss the

assignments and the molecular structure of diborane.

     The purpose of the study by Bell and Longuet-Hiq.gins

was to clarify the priority of the bridge model to the
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ethane model. They indicated the observed spectrum was

much more complex than that of ethane and gave the assign-

ments for the bridge model. Normal vibrations were calcu-

lated by the use of a valence force field with six quadratic

force constants and two interaction terms (between B-B and

H'-H'; ' bridge). The tendency of the values of force con-

stants in his study is close to that of the present study

and some of the conclusions were intimated in his study.

However, the experimental data cited by him were poor and

the method of calculation was not developed at that tirne.

     In the present study (I), the improved way of calcula-

tion and the electronic computer were available. A statis-

tical method has been formulated for the evaluation of

standard errors of the potential constants which are calcu--

lated from vibrational frequencies. The standard errors

are caused not only by the experimental uncertainties in

the observed frequencies but also by deviations of the

calculated frequencies from the observed ones.

     The normal vibrations of diborane were calculated

with reference to Lord and Nielsen's assignrnents in the

present study. The potential function has seven valence

force constants and four interaction constants, and ten of

them were adjusted by the least square method so as to

yield the best fit for the thirtY-six observed frequencies
of B211H6 and B210D6. The standard errors of these potential

constants were also calculated. The bridge bond stretching
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constant was calculated to be 1.77J O.04 md/B which was about

half as great as the terminal bond stretching constant. A

bond was considered between two boron atoms. The force con-
stant of this boron-boron bond was 2.72kO.21 md/A. In
                                                             'conclusion, owing to the improvements both in the experitnQntal

data and in the method for the calculation, the character-

istics of the molecular structure are clarified more exactly

in the present study.

5.5. The N. rvl. R. Spectra and the Reactivity of Diborane

     The nuclear magnetic resonance spectra of diborane in

the liquid nitrogen temperature were reported by Ogg (J9)

and were discussed by Shoolery (40). The major feature was

the laek of symmetry af the proton resonance spectra which

showed the existence of more than one bonding sites for the

protons in the molecule. The proton resonance spectra
                        . •. 11                                      nucleus which madeshowed well-resolved splitting by B

the clear assignments possible for each spectrum. The

resonance of the bridge protons was found at higher magnetic

field, which indicated a more hydride-ion like character of
                                                      11the bridge proton. To verify these conclusions, the B

spin orientations were stirred for observing both of the

proton resonance spectrum separately or the splitting, by

proton, of the B'' resonance spectrum was observed. Both

results were explained correctly by the bridge model. The

theoretical discussion of the chemical shift of the bridge

proton relative to the terminal proton was given in several
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approximations based on Pople's and Ramsey's theories of

magnetic shielding (41). The analysis gave the result

that the bridge protons showed resonance at higher fields

than do the BH2 terminal protons in accordance with the

experimental results. Recent experimental results in the

higher resolution confirmQd the above interpretation (42).

     The important reactions of diborane are the substitu-

tion of the terminal hydrogen with the halides and the

alkyls, the cleavage into BH3 with the nucleophilic reagents,

the cleavage into BH4 with the electrophilic reagents and

the polymerization into higher boron hydrides. In any case,

however, the acidic character of the bridge hydregen was

not observed.(45).

5.6. The Structure of Tria!kylaluminum

     Although B(CH3)3 is in a monomer state at room temper-

ature, it has been proved trialkylaluminum are in a dimer

state. However, trialkylaluminum has been found to dis-

sociate at higher temperatures. The dissociation constants

and the dissociation energies were measured by Laubengayer

and Gilliam (44) by the determination of the molecular

weight of the vapor at various temperatures. The degree

of dissociation of trimethylaluminum was found to be O.075

at 1ooOC and O.540 at 1560C, and the molar heat of dissocia-

tion was found to be 20.2 t1.0 Kcal. No measurements were

made above 1560C because t".'•rimethylaluminum decomposed at
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 higher temperatures. Triethyaluminurn was found to dissoci-

ate more than trimethylaluminum; O.88 at 1510C. The heat

of combustion of A12(CH3)6 was es,timated (45) to be IO.55

Kcal/g. The heat of formation of trimethylaluminum monomer

in the liquid state was estimated as -56.1 Kcal/mol by the

heat of reaction with acetic acid (46).

     As is mentioned before, the X-ray investigation of

single crystal settled the structural problem of trimethyl-

aluminum. Lewis and Rundle (18) analysed a low-temperature

diagram by the Weissenberg method and determined the atomic

positions. M)ey tried to calculate the dimerization energy

by a simplified LCAO method and concluded Al-Al interactions

were not negligible in this molecule.

     Among several moden physical methods, nuclear magnetic

resonance and infrared spectrum are especially important

for studying the configurations of various alkylaluminums

and their derivatives. Remarkable charactenstics among

these compounds are:

    a) In order to have the dimer structure, at least one

      --CH2R- group is necessary between aluminum atoms.

      In other words, only the -CH2R- groups may occupy

     both of the two bridge positions in a molecule.

    a) The alkyl group exchangeSamong various positions

      at room temperature, but is held at each position

      at the dry-ice temperature. The nuclear magnetic

      resonance spectrum of diborane was measured but no

     exchange of hydrogen atoms was reported.

15



     The ultraviolet spectrum of the trimethylaluminum has

not been reported, but no absorption band was found up to

2oooA in the present study (47).

5.7. Vibrational Spectra and Intermolecular Potential of
      Trimethylaluminum

     The vibrational spectra of alkylaluminum was reported

by various authors (14, 48-50). Hoffmann (51) measured

both the Raman and infrared spectra of various aluminum

compounds and gave the comprehensive assignments to those

cornpounds. Although methy!, ethyl, n-propyl and n-butyl
aluminum is dimer, i-butyl
aluminum is monomer and he explained this finding by a

steric effect, The observed infrared region in his studyv

however, was eonfined above 400 em-i and no calculation on

normal vibrations was given in his paper.

     The present author et al. (52) reported the far trnfrnr'ed

spectra of trimethylaluminum in the region from 4oo to 120

cm"i and a preliminary result on the calculations of the

normal vibrations. Gray (55) measured the infrared spectrum

down to 500 cm"i and also reported the infrared spectrum of

deuterated trimethylaluminum. He modified the assignments

of Hoffmann by the analysis of the spectral shift on deutera-

tlon.

     Onishi and Shimanouchi (54) observed the infrared

spectrum of trimethylaluminum in the 700.v280 cm-i region.

They calculated the normal vibrations of trimethylaluminum

on refering to trichloroaluminum. Their calculations are

16



for the skeletal vibrations on the basis of the Urey-Bradley

force field modified with a resonance term. Their potential

function has fourteen force constants and ten of them were

adjusted by a least-square method. The assignments used

in their calcul,ation were those by Hoffmann.

     The far infrared spectra of trimethylaluminum in the

region from 700 to 65 cm-i were reported in the second

paper (II) of the present study. Trimethylaluminum was

purified by vacuum distillation and then transferred into

a iiquid cell rnade of two polyethylene films O.5 mm thick.

The spectra in the region above 400 cm-i were similar to

those described in the literature. Two absorption bands

were found at 567 and 175 cm"i in the obsGrved far infrared

reglon.

     The normal vibrations of trimethylaluminum were calcu-

lated and vibrational assignments of this molecule were

carried out in the third paper (III) of the present study.

The methyl group of trimethylaluminum was treated as a

single dynamic unit. The observed spectra were assigned

on the basis of the result of the calculation. The refined

treatment of the norma! vibrations has 9 parameters which

were adjusted by a least-square method and the standard

errors of potential constants were calcuiated. The bands

at 567 and 175 cm-i found in the far infrared region were

assigned to Vi7, and 9is and 9i4, respectively. The

present assignments are different from Onishi and Shimano-
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uchi (54) for the V3, V4, Ji2 and Jis bands. The poten-

tial function of this molecule was found to be similar to

that of diborane and similar conclusions on the bond struc-

ture were obtained.

     The characteristic of the present calculations common

to diborane and trimethylaluminum is the postulate of the

B-B and Al-Al bonds.

5.8. The Structure of Trichloroaluminurn and Related
      Compounds

     The aluminum halides were determined to have a dimer

structure (15, 14) and their dissociation was studied by

Fischer and Rahlfs (55) by the determination of the vapor

pressure and the vapor density. The degree of dissociation
             'at the sublimation temperature (1800C) and the molar heat of

dissociation of A12Cl6 were found to be O.OO02 and 29.0 Kcal,

respectively. The trichloroaluminum dimer dissociates into

the monomers completely at 9000C (56). In the solid state,

the Raman spectrum (57), the X-ray data (58) and the

electrical conductivity (59) showed that only trichloro

compound among aluminum halides had the ionic lattice,

though tribromoaluninum kept its dimer structure.

     In any way, trichloroaluminum forms dimer molecules in

the liquid state and in the vapor state at not a high

temperature. The similarity in its bridge structure with

trimethylaluminum may suggest many common charactenstics
        'for both molecules. However, the angle of bridge is con-

siderably different between them. In the case of trimethyl--
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aluminum LC--Al-C (bridge) = 1100 (18) and in the case of

trichloroaluminum liCl-Al-Cl (bridge) = 800 (15). As a
                                           '                                                oresult, the AI -Al distance for the former is 2.57 A- which ig

approximately equal to the sum of Pauling's tetrahedral
covalent radii (18, 20), while that for the latter is 5.58 A

which is too long to form a bond between them. The longer

distance of Al-Al may not allow the postulate of Al--Al bond

as in the case of diborane and trimethylaluminum. In con-

clusion, though apparently the structure is similar, the

normal. vibrations of A12C16 could not be treated as those

of B2H6 and A12(CH3)6•

     The assignments of the Raman spectra of aluminum

halides dimer were given by Bell and Longuet-Higgins (8),

together with a preliminary result of the calculations of

the normal vibrations. Then, Klemperer (56) measured the

infrared spectrum o,f the vapor of trichlQro aluminum dimer

and gave a rough picture of its force field by the use of

a valence force field with eight parameters. Onishi and

Shimanouchi (54) calculated the normal vibrations with a

niodified Urey-Bradley field. They assumed the Urey-Bradley

repulsive potential term for the pair of aluminum atoms of

the bridge and introduced a resonance interaction term in

the potential function of the bridge.

     The ultraviolet spectrum of trichloroaluminum was not

found in the literature, but there is no conspicuous bands
                        ein the region up to 1550 A (60).
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5.9. N. M. R. Study of Aluminum Compounds

     The nuclear magnetic resonance is a powerful tool to

determine the strUcture of boron and aluminum compounds.

Considering the bridge structure of trimethylaluminum, it

was surprising that the proton magnetic resonance spectrum

of the liquid at room temperature consisted of a single

peak rather than a pair of signals corresponding to two

positions of hydrogen atoms. After the rneasurernents in

lower temperatures were carried out, the above finding was

found to indicate that all the protons were magnetically

equivalent at room temperature. Muller and Pritchard (61)

measured the proton magnetic resonance of trimethylaluminum

in cyclopentane at -750C, and found a pair of signals with

relative intensities 1:2 corresponding to protons in bridg-

ing and in terminal methy! groups, respectively. They

detected no further splitting of resonance lines which

showed that the protons in each methyl group were equivalent

at -750C. The chemical shifts for the protons of the bridg-

inq. and the terminal methyl groups were determined to be

9.S'3 p.p.m. and IV.67 p.p.m., respectively. As the tempera-

ture is raised, the peaks first broaden and then coalesced

into a sharp single peak attO.Z9 p.p.m. This behavior was

considered to be characteristic of an exchange process and

the activation energy was determined to be between 6 and 14

Kcal/mol. Since the heat of dissociation was 20.2 Kcal/mol

(44), this finding showed trimethylaluminum dimer did not

20



split into monomer during the exchange reaction. AIIred

and McCoy (62) obtained the similar conclusion.

     The proton resonance of aluminum methyl chlorides was

observed in order to determine whether methyl groups or

chlorine atoms oecupied the bridge position (65, 64).

Hoffmann (65) measured the proton magnetic resonance of

various aluminum compounds to study the exchange betvveen

the bridge and the terminal positions. He concluded the

order of strength to occupy the bridge position were:

       Cl, CH3, i-butyl.

The rate of exchange is slow in ether solution (66).
                     '

5.10. The Reactivity of Aluminum Compound

     The aluminum cornpounds mentioned above are reactive

and not stable in the air. Their reactivity are useful

in the organic synthesis and in the polymerization. !n-

vestigations on this subjects are carried out by many

researchers, including the present author (Appendix (2, 5)),

and his colleaques (67). The infrared spectrum and the

nuclear magnetic resonance spectrum are useful tools for

such purpose.

     Trimethylaluminum forms complexes as an electron acceptor

with electron donating reagents. The structure of the

complex formed by trirnethylaluminum and diphenylamine was

studied by Kawai, Ogawa and Hirota (Appendix (2, 5)) under

high vacuum. The ultraviolet spectrum of diphenylamine in
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the complex showed a blue shift and vibrational structures

characteristic of weakly-perturbed benzene rings, which

indicated phenyl rings in the complex were not appreciably

conjugated. The proton magnetic resonance spectrum of the

complex showed a pair of peaks at 2.90 p.p.m. and 10.58

p.p.m. with relative intensities 5:5 corresponding to p.rotons

in the phenyl groups and in terminal methyl groups. The

spectra of the mixture of the complex and trimethylaluminum

at various ratios and their dependence on the temperature

were measured. The structure of the complex was concluded
to be a dimer of the formula [(C6Hs)2NAI(CH3)2]2•

     The role of aluminum compounds in the polymerization

of olefins are cornplicated and many investigations are now

golng on.
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                    4. Summary

     The vacuum ultraviolet spectrum of diborane and the

far infrared spectra of trimethylaluminum were measured and

two new bands of trimethylaluminum were observed in the far

infrared regions. The observed bands both in the ultra-

violet and in the infrared regions were assigned with the

help of theoretical treatments.

     Through the analysis of normal vibrations and el?ctronic

energies, the author obtained the following conclusions;

(1> The infrared and ultraviolet spectra are assigned on

   the basis of the postulate of B-B and Al-Al bonds.

(2> The bridge B-H and Al-C bonds are weaker than the

   normal bonds and they have little directional properties.

   These findings correspond well to ny. character of bridge

   bonds.

(5) The hyperconjugation effect takes important role in the

   bridge.
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