LEIECTRONEGAIIVITY THEOR%;

by

Norman Colin Balrd
sty

A thesls submitted to the Faculty of
Graduate Studies and Research in
partial fulfilment of the requirements
for the degree of Doctor of Fhilosophy

Department of Chemiatry
McGLLL University
Montreal, Canade

(© Norman Colin Baird 1967



To Nency



ACKNOWLEDGEMENTS

The author would like to expresa his gratitude and appreciation to:
The National Research Council of Canada for the award of a Bursary
and two Studentships.
The McGill University Computing Centre for providing machine tims,
progrexming assistance, and the use of the subroutline programms EVALUE.
Dr. M. A. Whitshead for his guidance and inspiration during this research.
Dr. D, I'; R. Gilson, Mr. M. Kaplansky, and Mr. J. M. Sichel fbr many
helpful discussions. Mr. Sichel is also thanked for providing the

computer programmes COULSN and SCF-l used in Part II of thls work.

The author 1ls grateful to his parents and to his wife for their
unfalling encouragemsnt and assistance, and also to his wife for her help

in prepering this thesis.



TABLE OF CONTENTS

PREFACE 1

PART I:

THE FRINCIPLE OF ELECTRONEGATIVITY EQUALIZATION AND CHARGE DISTRIBUTIONS
IN SATURATED MOLECULES

I. 1. HISTORICAL BACKGROUND ' 4
I. 2. THE THEORY OF ELECTRONEGATIVITY EQUALIZATION 16
I. 2. A, INTRODUCTION 16

I. 2, Bo MOLECULAR ORBITAL THEORY OF ELECTRONEGATIVITY
EQUALIZATION 20

I. 2. Co THE CALCULATION OF MOLECULAR CHARGE DENSITY
DISTRIBUTIONS BY THE ELECTRONEGATIVITY EQUALIZATION

PRINCIPLE 27
General Relationghips 27
Two-Centre Bonds 31
Bond Flectronegativity Functions 36

I. 2, Do COMPARISON OF ELECTRONEGATIVITY EQUALIZATION WITH
MOLECULAR ORBITAL METHODS 42

Extensions of the Bond Electronegativity Punction 47
Conclusions 50

I. 3. ELECTRON DENSITY CALCULATIONS BY THE ELECTRONEGATIVITY

EQUALIZATION METHOD . 51
Lo 3. A. ELECTRONEGATIVITY PARAMETERS AND THE METHOD OF
CALCULATION 52
Bond Electronegativity Function Parameters 52
Calculation Method for Polyatomic Molecules 69
I. 3. Bo THE IONIC CHARACTERS OF SINGLE BONDS 73
I. 3. C. CHARGE DISTRIBUTIONS IN HYDROCARBONS AND HYDROCARBON
' IONS 83
Charge Digtributions in Neutral Alkane Molecules 83
Sigma Bonds in Unsaturated Hydrocarbons 96

Variations in the Electronegativities of Groups 99



Transmission of Inductive Effects Through

Carbon=-Carbon Bonds 104
Inductive Stabilizatlon of Hydrocarbon Ions 109
I. 3. Do CHARGE DISTRIBUTIONS IN SUBSTITUTED ALKANES 113
THE POLARITY OF THE BONDS FORMED BY NITROGEN AND
OXYGEN 115
Nfe"H and G'Nie Bonds 115
NP-H and O—Np Bonds 118
Bage Strength of Amines 120
O'b e-'H and G—Ote Bonds 123
‘OI';"H and O—Op Bonds 126
Summary of Inductive Effects 126
CARBON-HYDROGEN AND CARBON-CARBON BONDS IN AMINES,
ALCCHOLS AND ETHERS 130
C~H Bonds 130
C~C Bondg 136
I. 3. E. CORRELATIONS OF THE CHARGE DENSITIES WITH NoM.R.
CHEMI CAL, SHIF'TS 142
130 N.M.R. Chomicel Shift Correlations 145
J”H NoM.Ro Chemical Shift Correlations 155
Further Discussion 159
I. 4. FURTHER DISCUSSION AND GONCLUSIONS 161
REFERENCES FOR PART I 165

AFPENDIX I: DESCRIPIION OF THE COMPUTER PROGRAMME USED FOR
ELECTRONEGATIVITY EQUALIZATION CALCULATIONS 170

PART IIL:

APPLICATIONS OF BOND ELECTRONEGATIVITY IN THE CALGULATION OF MOLECULAR
ORBITALS FOR FI ELECTRON NETWORKS

PREFACE TO PART II 187

Il. 1. INTRODUCTION: MOLECULAR ORBITAL THEORY FOR PI ELECTRON
NETWORKS 188



Pople's Method for Pi Electrons A9l

The Huckel Method for Pi Electrons 195
II. 2. COULOMB INTEGRAL PARAMETERS FROM BOND ELECTRONEGATIVITY
FUNCTIONS ' 199
Approximation Method A 199
Approximation Method B 213
Comparison of Charge Density Predictions by Molecular
Orbital Methods ”19
II. 3. MOLECULAR ORBITAL CALCULATIONS FOR CONJUGATED MOLECULES
CONTAINING BORON - 224
II. 3. A. INTRODUCTION 224
II. 3. B. METHOD OF CALCULATION 2217
II. 3. Co DISCUSSION AND RESULTS 234
B~-N CONJUGATED CHAINS 234
The P1 Networks BN, and NB, 243
BN Chains with Four Atoms 246
Longer BN Chalns 248
B-N CONJUGATED RINGS 250
Monocyclic Rings 251
Rings with Exocyclic Substituents 259
Fused Ring Systems 262
IONIZATION POTENTIALS 265
CONCLUSIONS - 268
REFERENCES FOR PART II 270

APPENDIX II: COMPUTER PRQGRAMME FOR HUCKEL AND OMEGA METHODS MOLEGULAR
ORBITAL CALCULATIONS 275

CLAIMS TO ORIGINAL RESEARCH : 285



PART I

I-I:

I-IX;

I-X3

I=XT:

I=XI1I:

I-XIITI:

I-XIV:

I-XV:

I=XVI:

LIST OF TABLES

Litle

HWJ Electronegativity Function Parameters for Singly-
Occupied Orbitals

Tonization Potentials and Electron Affinities for Carbon
(tetetete)

Parameters for Ionization Potential and Electron Affinity
Equations

Ionic Characters of Some Diatomic Molecules I~M
"Isolated" Bond Ionic Characters

Carbon-Hydrogen Bond Ionic Charascter in the Alkanes
C H

m 2m2

Charge Distributions and Chemical Shifts in Some Branched
Alkanes

Carbon=Carbon Bond Ionic Characters in the Alkanes

Cn Homn

Carbon Atom Net Charge in the Alkanes Qm H2m+2

Charge Density Data of Soms Unsaturated Hydrocarbons

Transmission of Inductive Effects in Hydrocarbon Chains
and Rings

Net Charges of Atoms in Carbonium Ions and Carbanions

Electron Distribution About Nitrogen (te Bonding Orbitals)
in Some Amines

Electron Distribution About Nitrogen (p Bonding Orbitals)
in Some Amines

Correlation Between Basicity and Electron Density of Soms
Amines

Electron Distribution About Oxygen (te Bonding Orbitals)
in Some Alcohols and Ethers

54

62

66
4
78

87

89

92

97

106
110

116

119

121

125



I=XVII:
I=XVIII:
I-XIX:

I-XX:

I-XXI1:

I-XXIIX:
I-XXIVs
I-XXV:
I-XXVI:

I-XVII:

I-XXVIII:

I-XXTX:

TeXXX

13

PART II
I1=-I:

II-II:

Iitle
Electron Distribution About Oxygen (te Bonding Orbitals)
in Some Alcohols and Ethers

Predicted Inductive Effects of Alkyl Groups Relative to
Hydrogen in Hydrocarbon Derivatives

Carbon-Hydrogen Bond Ionic Characters in Some Amines (te
Hybridization for Nitrogen)

Carbon~Hydrogen Bond Ionlc Characters in Some Amines
(p Hybridization for Nitrogen)

Carbon~Hydrogen Bond Ionic Characters in Some Alcohols and
Ethers (te Hybridization for Oxygen)

Carbon-~Hydrogen Bond Ionic Characters in Some Alcohols and
Ethers (p Hybridization for Oxygen)

Carbon-Carbon Bond Ionic Characters in Amines
Carbon~Carbon Bond Ionic Characters in Alcohols and Ethers
Carbon Atom Net Charges in Some Amines

Carbon Atom Net Charges in Some Alcohols and Ethers

Experimental 3¢ NoM.Ro Chemical Shifts in popo.m. for
the n—Allanes Cm H2m+2

'y NLR. Chemical Shift and G-H Bond Polarity Ranges in

. the Alkenes

Definition of the Symbols Used in the "BEEM" and "PARAMT"
Fortran IV Computer Progremmes

Description of the "BEEM" Computer Programme

Coulomb Integral Parameters for Methods "A" and "B

Effect of Sigma Core Charge on the Coulomb Integrals of a
Carbon Py Orbital ’

127

129

131

133

134

135
137
138
140
141

147

157

171
176

205

212



Iehle

II-III:

II-1V
II-v
II-V1

II-VII
II-VIII

II-IX

II-X
I1-XI
II-XI1
II-XIII
- II-XIV
1I-XV

1I-XVI

II-XVII

Litle

Calculated AFuu and Huckel Charges for Pyridine~Like
Molecule

Bond Orders (Huckel Method) for B~N Cheins
Bond Orders (Omega_Technigue) for B-N Chains

Bond Orders (Pople Method) for Selected B=N Chains and
Rings

Pi Orbital Net Charges (Huckel Method) for B-N Chains
Pl Orbital Net Charges (Qmega Technique) for B-N Chains

P1 Orbital Net Charges (Pople Method) for Selected BN
Cheins and Rings ,

Pi Bonding Energy Data (Huckel Method) for B-N Rings
Bond Orders (Huckel Method) for B-N Rings

Bond Orders (Qmege Technique) for B-N Rings

Pi Orbital Net Charges (Huckel Method) for B~N Rings
Pi Orbital Net Charges (Omege Technique) for B-N Rings
Pi Bonding Energy Date (Hugkel Method) for B-N Rings

Energy of Highest Occupied Pi Molecular Orbital in B~N
Chains and Rings

Symbols Used in the "Huckel-Omega% Computer Programme and

Agsociated Subroutines

221
236
237

238
239
240

241

: o2

252
253
_54
255
256



PART I

I-1

I-3

L4y
I-5

I-6

I-10

I-11

I-12

I-13

I-14
I-15

LIST OF FIGURES

Iitle Dage

DEPENDENCE OF BOND ELECTRONEGATIVITY FUNCTION PARAMETERS ON

s-p CHARACTER OF GCARBON BONDING ORBITAL 59
DEPENDENCE OF IONIZATION POTENTIAL ON CHARGE DENSITY T FOR

A CARBON te ORBITAL 63
DEPENDENCE OF ELECTRON AFFINITY ON CHARGE DENSITY T FOR A

CARBON te ORBITAL 64,
VARIATION OF X (1) WITH n_ 101

VARIATION OF X (1) WITH X (1) FOR MOLECULES R-H AND

R=Ci, 102

CORRELATION OF BASIC STRENGTHS OF AMINES WITH N~H BOND POLARITY

IN THE PROTONATED AMINES 124

PLOT OF “?C N,M.R. CHEMICAL SHIFT AGAINST CARBON ATOM NET

CHARGE FOR THE ALKANES 149

PLOT OF 2C N.M.R. CHEMICAL SHIFT AGAINST CARBON ATOM NET

CHARGE FOR SELECTED CARBON ATOMS IN ALKANE MOLECULES 150

PLOT OF *3C N.M.R. CHEMICAL SHIFT AGAINST CARBON ATOM NET

CHARGE FOR THE SERIES (CH,) CH 152
374=m Tm

PLOT OF 3¢ N.M.R. CHEMICAL SHIFT AGAINST CARBON ATOM NET

CHARGE FOR THE ALGOHOLS (CH, )3_,m CH,_OH 154,

PLOT OF H N.M.R. CHEMICAL SHIFT AGAINST G-H BOND POLARITY

FOR THE SERIES (CHB) S 158

"BEEM" CALCULATION SHEET FOR THE MEIHANOL MOLECULE 173

FORTRAN IV SOURCE LISTING FOR THE “BEEM" MAIN COMPUTER

PROGRAMME _ 181

FORTRAN IV SOURCE LISTING FOR THE "PARAMT" SUBROUTINE 182

COMPUTER FRINT-OUT FROM THE "BEEM" PROGRAMME FOR THE METHANOL
MOLECULE 184



Llgure JTitle Rage
PART II

II~1 VARIATION OF [ J(u)-J(C)] WITH EMPIRICAL h  PARAMGTERS 209
II-2 VARIATION OF ¢ ~WITH h_ FOR FIRST PERIOD ATOMS 215
II-3 BORON-NLTROGEN CHAIN STRUCTURES 231
1I-4 BORON-NITROGEN RING STRUCTURES 232
II-5 SOME EXAMPLES OF SYNTHESIZED MOLECULES WITH B-X PI ELECTRON
SYSTEMS 233
II-6 PI ELECTRON ENERGY LEVELS (HUCKEL METHOD) FOR "CC" AND "BN®
CYCLOBUTADIENE 257
1I-7 FORTRAN IV SOURCE LISTING FOR THE "HUCKEL~OMEGA"™ MAIN COMPUTER
FROGRAMME 276
II-8 FORTRAN IV SOURCE LISTING FOR THE "COULMB" SUBROUTLNE 277
II-9 FORTRAN IV SOURCE LISTING FOR THE "SORT2" SUBROUTINE 279
II~10 FORTRAN IV SOURCE LISTING FOR THE "COULSN" SUBROUTINE 280

II-11 COMPUTER PRINT-OUT FROM THE "HUCKEL--OMEGA" PROGRAMME FOR THE
(BN), PI ELECTRON SYSTEM » 282



Lo

PREFACE

Chemists heve long been interested in the electronic effects which
influence the structural characteristics, stabilitieé, and reactivities of
molecules. In principle, theée electronic effects can be directly calculated
by solving the Schrodinger wave equation for the stationary states of the
molecules concerned. Since exact solutions of the wave equation cannot be
obtained as yet for any but the smallest molecules, the main interest in
modern quantum chemistry lies in the development of methods by which approxi-
mate, but realistic, wave functions and eigenvalues can be calculated for
igsolated molecules. Both wave-meschanical principles and chemlcal "intuition"
are used in the development of the simpler approximate methods.

In this thesis, the use of the chemists® concept of ELECTRONEGATIVITY
in approximate quantumr-chemical techniques is explored, and electronegativity-
baged methods ars used to estimate the distribution of electron density in
the ground states of isolated molecules. In the procedures to be discussed,
the one=electron wave functions of a molecule are expanded as a linear com=
bination of atomic orbitals, and the electron distributions are discussed in
terms of the "electron density" (or "charge density") associated with orbitals
centred on the atoms. Since it will be assumed that the total electron density
in a molecule can be "agsigned" to the various atomic orbitals, the electron
density of an atom can be obtained by a summation over the charge densities
of its etomic orbitals. In some ingtances, it is simpler to express the
electron density of an atom in terms of its het" or "partial' charge; that

is, the elsctron density of an atom in a molecule relative to the electron
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deneglty for the isolated; neutral atom. For non-conjugated molecules, the
electron densities in the chemical bonds are discussed by the "ionic character"
or "polarity" of a bond; these terms denote the extent of electron density
transfer from one atom to the other in the bond.

Part I of this thesis is concerned with the calculation of charge
digtributions in galnrated molecules by "electronegetivity equalization"
methods. In Part II, the concépt of -electronegativity is applied to some
standard quantum-chemical methods which deal with gonjugated pl electron

networks.



PART I

THE PRINCIFLE OF ELECTRONEGATIVITY EQUALIZATION
AND CHARGE DISTRIBUTIONS IN
SATURATED MOLECULES



bo

I. 1 HISTORICAL BACKGROUND

Atamic electronegativity is a condgpt femiliar to most chemists,
It was developed to systematize many empirical obsefvations related to the
electronic effects of atoms in molecules. Pauling provided the first general
definition of the property of electronegativity, and described a practical
proceduie for its evaluation (1,2,3)., He defined electronegativity as "the
power of an atom in a molecule to attract electrons to itselfl! (3), and pro-
posed that atomic electronegativities could be evaluated from the dissociation
energies of chemical bonds (1,2,3). Thé energy of dissociation, D;y of;a‘
- purely covalent bond between two atoms, L and M, was postulated to be equal
to the msan of the dissociation energies of the homonuclear diatomic molecules
IL and M. Although the arithmetic msan wés originally used by Pauling, he
f?und that it was sometimss necessary to ugse the geometric mean (with the
allkali hydrides for exambla)‘in order to obtain realistic covalent disso-
clation energies (3). TFor each bond I-M, a quantity termed the "extra. ionic-
resonance energy" ALM’ wag defined ag: ‘

AIM = Dy = Mean (DLL’ DMM)Q (1)

By anaiysing the variations in the calculated values of AiM for a large number
of.bogdsg it was established that the function (AIM)l/Z could bs represented
as thé difference betusen terms characteristic of the two atoms L and M (3).

These characterigtic atom terms were assumed to bs related to the electro~

negativities, X, of the atams (3) by
/2 _ _ :
QQLM) = K ‘XL Xml (2)

- where K is a consbant.

Only the relative electronegativities of atoms can be calculated by this
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equation. Mulliken (4) was able to establish some theoretical justification
for equation 2; his analysis will be discussed later in this thesis.

Shortly after Pauling proposed his scheme, Mulliken (5) developed
an alternative definition of electronegativity. He considered the three
structures, I, II, and III, included in the simple valence-bond wave function

for a diastomice molecule LM:

e L-M M ,
I I III

Mulliken argued that the two ionic structures; I and III, would have equal
welghts in the wave function containing I and III and the completely covalent
structure II, only under the condition thats

I, = Ay = Iy~ Ay , (3)
that is

IL + AL = IM + AM | (4)

where IL and IM are the ilonizatlion potentials of the atoms L and M, and AL

and AM are the corresponding electron affinities. Under such a condition,
the structures I and III occur in the wave function with equal weight, and
the net polarity of the L~M bond is zero. The a}ectronegativities of the
atoms L and M must, therefore, be identical in such situations. From this
analyais, Mulliken suggested that the term (IL + AL) is a measure of the

electronegativity of atom L, and gave the following definition for

electronegativity (5):

B, = LIthy (5)
2

The 1/2 factor was included so that XL roprosents the averege binding energy

-
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of en electron in the vicinity of atom L. A more rigorous derivation of
equation 5 was later presented by Mulliken (6) and by Moffitt (7). Since the
ionization potential and electron affinit& required in equation 5 are those
associated with the atomic orbitsl forming the bond, "velence state! (5,6)
energies must be used in calculating IL and ALo Since the valence—-state
ionization potentials and electron affinitles are dependent on the nature of
the abomic orbital considered, the term "orbital electronegativity of an
atom" is used for the Mulliken electronegativities (8). An extensive set of
Mulliken electronegativity values has been given by Skinner and Pritchard (9)
and by Hinze and Jaffe (10,11,12). The latter authors established that the
electronegativity of an atomic orbital is linearly dependent on its s

hybridization character (10).

Many other definitions of electronegativity, and schemes by which
electronegativity velues can be computed, have been glven. In some cases,
these methods procesd by assigning a physical meaning to electronegativity
and evelueting it on this basis, whereas other scales are constructed by
establighing & corrslation between some physical or chemical property of atoms.
or molecules and the Pauling or Mulliken electronegativity values. Many of
these techniques have bsen discussed in a review by Pritchard and Skinner (13).

One electronegativity definition of the first type discussed above
is that glven by Sanderson (l4,15)c. He defined the "stability retio," S, of
an abom in terms of its electron density, D, and the electron density ﬁﬁ,of

the hypothetical inert ges element which is iscelectronic with the atom:

s = =L - 6)

The olectron densities are calculated from Z, the numbsr of electrons
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agsociated with the atom, and R, the covalent radius of the atom (15):

D=.."L..Z...3. ) (7)
4 TR

The stability ratios for neutral atoms were found to correlate with the

Pauling electronegativities of the atoms (15):

¥M? = 0218 + 0.77 . (8)
The main use of staldlity ratio electronegativities has been in the calculation
of approximate charge dengity distributions for molscules.

Other electronegativity scales have also been used to calculate
electron distributions. Pauling established a correlation batween the
differsnce in electronegativity of the atoms L and M forming a single bond,
and the ionic character, iLMg of the bond which was assgessed from the

molecular dipole moment (3):

iLM = 1 - exp E]z(XL—XM)_ﬂ 0 (9)

Hannay and Smyth (16) improved the correlation fit for & series of diatomic

molecules by using the formula

Xy, = Xy

Saveral correlations of the ionic character of single bonds with

i = 0016 + 00035

2
LM Xy, = XM' ’ (10)

the elecironegativity diffevence of the atoms forming the bonds have bsen made
by the use of nuclear quadrupole coupling constants for halide molecules,
Gordy (17) assumed that the bonding orbitals used by the halogen atoms in

forming single bonds were pure p, and established the relations

iggg = 05 IXL"'XMI for ,XL""XM LR (11)

- and
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iy = LeO for ,xL-xM, >2 . (12)

Townes and Deiley (18) proposed slightly different relations to fit
the same data. Wilmshurst (19), and Polansky and Derflinger (20), have
derived the ilonlc character equation:

iy = 'MXL " XM' ° (13)

Wilmshurst hes used this expression to analyze quadrupole coupling constants (19).

Sanderson (15) developed an approach to the calculation of molecular
charge dénsity distributions by using hls gtability ratio definition of
electronegativity. He noted that since the effective nuclear charge of an
atom which acts upon the valence electrons decreases as the total charge
density associated with the atom increases, the ability of the atom to
attract electrons, ite electronegativity, must also decrease in the sems
manner. The electronegativity of an atom is, therefore, a function of the
amount of electronic charge density on the atom. Although the functional
dependence of electronegativity on atomic charge had bsen noted previously (21),
Sanderson was the first to fully explolt the idea in the calculation of charge
distributions. He edvanced the theory that charge transfer would occur ‘hetween
the atoms in a molecule until the electronegativities of all the atoms were
identical; Sanderson called this the Principle of Electronegativity Equalization
(15)c The intermediate value of electronegativity for the atoms in molecules
wag célculated by telking the geomstric mean of the atability ratios of the
neutral atoms. By thls technique, the partial charges of atoms in a large

3

number of molecules were computed and correlated with many molecular proparties

(15).
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The idea that atom electronegativities were direct functions of the
atomic charges was extended by Pritcherd and Sumner (22), and more fully by
Iozkowskl and Margrave (23). The latter authors decided that, since Pauling's
verbal definition implied that electronegativity is a potential, the electro~
negativity function could be defined as the first derivative of the energy of
an atom with respect to the atom charge density. Iczkowski and Margrave

expressed the total energy, Ei; of an atom as a function of its pgl charge, QL:

EL(QL)zaQL'+bQL2 '!"CQ,LB*!‘uno : (14)

The electronegativity of the atom was then defined as

L(q) = -d@®) = ~(@+2bq+30q°+...) ., (15
a (q)
The parsmsters a; by ¢, . . » were calculated by fitting the experimental
lonization potentials, for removing the valence-shell electrons of the atom,
to equation l4. The charge densities in a few simple molecules were calculated
(23) by using this electronegativity function (equation 15) together with the
Principle of Electronsgativity Equalization.

Feryeira (24) discussed a similar schems in which the electro-
negativity equalization concept was used. The electronegativity was assumed
to be linearly dependent on the net charge of the atom. The paramsters of
the electronsgativity function were evalueted from the screening congtants fer
the atoms (24). bereira estimated the dipole moments, force constants and
dissociation energies of several simple molecules by this technique (24).

Jorgensen (25,26) defined the Differential Ionization Energy, DI,

ag the first derivative of the energy of an atom, E%g with respect to the

naet atomic charge, QL:
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(Pn)y = a (B) = a + a @ + 8,Q° + ... (16)
d (q)

This function; resembling the electronegativity definition of Iczkowski and
Margrave, was also used to estimate the charge transfer in some small molecules
by means of the electronegativity equalization concept (26). It was noted that
the ionic characters calculated by this procedure for bonds which are usually
congidered to be almost completely ionic were much smaller than expected. To
overcome this deficiency, Jorgensen extended the definition of the differen-
tial ionlzation energy to include terms for the energy of attraction of
oppositely-charged atoms (26).

Hinze, Whitehead and Jaffe (8) proposed an electronegativity
function which is gimilar to that of Iczkowski end Margrave, but which

emphagizes the atomic grbital nature of electronegativity. It was assumed

that
1) the charge density associated with an atomic orbital can have

both integral and non-integral values,
2) the energy of an atom can be expressed as & continuous and
differentiable function of the cherge density associated with any of

its atomic orbitals, and

3) the variation in the energy, ELy of an atom L with changes in
the charge density, nj, of’ one of its atomic orbitals, géjp can bs

adequately expressed by the use of a three term series in nJ :
Ep (n,) = a,+ b, n,+c,n 2 (17)
J J J gy o
The congtants ajg bj’ and cj for each atomic orbital were calculated using the

three estimated valence-state energies (27), for nj = 0, L and 2, The
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electronegativity of an atomic ORBITAL of en atom was then defined as the
first derivative of the atom energy with regpect to the charge density of

that orbital (8):

X '(nj) - q (B) = by+20c,n . (18)
d (nj)

The paramsters bj and c. for an atomic orbital are related to the ionization

potential, Ij’ of the orbital, and Aj’ its electron affinity (8,28) by:

; 31 12- A, (19)

b

i

and
. = A, - I 20
The orbital electronegativities of unoccﬁpied9 singly-occupied and doubly-

occupied orbitals were then defined:

X‘_j (n.1 =0) = bj = % (3 Ij - Aj) (21)

X (aj=1) = bj+2c, = %(Ij ~l.-AJ,) (22)
and

Xj (noj =2) = bﬁ + 4 ¢y = % (3 Aj - Ij) . (23)

The electronegativity of & singly-occupied orbital, % (Ij + Aj)g is
identical to the Mulliken definition, equation 5.

Hinze et al.(8) stated that their electronegativity'definitién was
in the form of a POTENTIAL, and that since the potential seen by the elecérons
which form the bond bstween atomic orbitals 953 and gélc must bs equal;, then
the electronegativities of these two orbitals must be identical in the bond:

Xj (nJ-) = Xk'. (n[{) e (24)
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For a two-¢entre, two-electron bond in which each orbital initially
contributes one electron, the condition of orbital electronegativity equali-

zation ig sufficient to determine the ionic character, ijk’ in the bond (8,28);:

Lo X (1) - X, () (25)
2 (cJ + ck)
where ijk = ny - 1 . (26)

Since Hinze et al.were: able to calculate I‘1 and Aj values for orbitals of’
atoms in which the other valence-shell atomic orbitals formed partially ionic
bonds, the electronegativities of GROUPS of atoms could also be assessed.
For example, the electronegativity of the methyl group, HBC9 was determined
by first calculating the ionic characters of the G-H bonds by equation 25,
then determining the ionization potential and electron affinity of the singly-
occupled, non-bonding valence-shell orbital of the carbon atom, and hence the
electronegativity of this orbital by equation 22, By this technique, the
electronegativities of a large number of orgenic functional groups were
determined (8). Huheey (29) has used an approximate form of the method of
Hinze et al.to calculate electronegativity functions for 99 common inorganic
and organic groups.

Attempts have been made to establish values for the effective
electronegativities of groups from various types of experimental data for
molecules (13). For example, Shoolery et al, (30,31) used the proton nuclear

magnetic resonance chemical shift of the hydrogen atoms in the general type

of molecule CﬁBCHZR to determine the electronegativitieé of groups R. By

analyzing the infraved stretching frequencies of the carbonyl group in a

number of molecules, Kagarise (32) attempted to find a relation between the
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effective electronegativity of a group and the electronegativities of the
atoms which form the group, For a substituted methyl group, —CXYZ, he was

able to show empirically that the relation

_ L L
X—CXYZ = 5X, + g (XX+XY+ xz) (27)

held quite well (32).

Whitehead and Jaffe (33) combined the group electronegativity formula
of Kegarise wlth the electronegativity values of Hinze et al. (8,10), the ionic
character expression of Gordy (equation 11) and some nuclear quadrupole coupling
constantg to calculate the charge distributions and halogen atom bonding
orbital hybridizations in a number of group IIL; IV and V halides. The ionic
character formula of Gordy was used since it was believed to approximate
closely to equation 25. In these calculations, the hybridization of the
central atoms in the halides was estimated using the experimental bond angles
in these molecules (33). Gilson (34) repeated some of the calculations by
estimating the carbon atom bonding orbital hybridizations from 13C - 1H N.M.R.
coupling constants rather than the bond angles.,

The concept of electronegativity equalization in molecules has
been discussed in terms of molecular orbital theory by Klopman (35,36)., He
noted that a molecule will achieve maximum gtability when the potentials
around each atom in each atomic orbital are equalized. Klopman defined this
potential as the first derivative of +the energy of a molecule with respect to
the atomic orbital charge dengity. Hence for two orbitals gﬁ 3 and 9% k in

a molecule,
B(Emolecul.a) = IB(Emolecu]e) (28)

dwy) )




where n} and n; are the charge densities due to electron 1 in orbitals
95 j and Sﬁlc (36). Such orbitals were called EQUIPOIENTIAL ORBITALS, and
Klopmen noted that equation 28 agrees with the principle of electronegativity
equalization.

Klopman's use of the electronegativity equalization concept differs
from that of Hinze et al.(8) in several ways. He has insisted (35,36) that
the potential around each atom in each orbitel must be calculated by using a
function which represents the total molecular energy, whereas Hinze et al.
defined this potential by reference to the energy function for the akom con=-
cerned(8). He also objected to Hinze, Whitehead and Jaffe's use of the sams
function relating atom energy with orbital charge density for situations in
vhich the orbital is partially occupied by one electron, and for situations
in which it 1s partially occupied by two electrons (35). Klopman developed
alternative atom energy schemss, and incorporated these into a molecular
orbital method based upon the concept of equipotential orbitals (35,36,37,38) .
In this method, the "neutral electronegativity" of an atomic orbital appears
as a part of the diagonal elements of the Hamiltonian matrix (35,36,37).

Since 1963, the Hinze, Whitehead and Jaffe method of electro-
negativity equalization (8) has been used successfully by several workers to
estimate group electronegativities and to establish correlations of these
electronegativities with molecular properties (39,40,41). The function
relating atom energy to orbital charge has also been uséd as a basis for
empirical calculation schemes in which the molecular emergy function includes
atom energies, electrostatic attraction ensrgles bstween partially charged
atoms (42), and covalent bonding energies (43;44,45). Until now, howsver,

thers have been no atiempts to assess the valldity of the molecular charge
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density distributions which cun be easily calculated using the Hinze, Whitehead

and Jaffe method.
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I, 2 THE THEORY OF ELECIRONEGATIVITY EQUALIZATION

I. 2. A INTRODUCTION

The wave function, ﬂi s for a molecular system is a solution of the

Schrodinger equation, ,

)

H§ = - h é (29)
i Eg t

where ﬁ is the HAMILTONIAN OPERATOR for the molecule, t represents time,

= _h. where h is Planck’s constant, and
2m
DM,

i =
Since, in the systems to be congidered the potential energy is not dependent
upon tims, EE may be written as a product of two wave functions, one of which,
EE o is dependent upon the space co~ordinates, and the second of which,

b is dependent upon time (46)s
E = §C § T o (30)

When this product is substituted for EE in equation 29, the Schrodinger
equation is separable into two wave equations (46)., One such wave equation
represents the behaviour of the molecular system with time., This relationship
is not of primary interest in this study, and attention will be focused on |

the second wave equation, from which the molecular energy, € , may be
obtained:

(o}
) i @c = € @c c (31)
o)
The Hemiltonian opsrator, H , may be expressed in terms of
Laplacian opsrators, *ﬁ’é and ‘t?z 9 Tor the nuclei, a, and the electrons,

a, of the molecule;, and in terms of the potential energy, V. The potential
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energy of the molecule is given by the total Coulomb electrostatic interaction
between all peirs of charged particles. In Cartesian co-ordinates, the

Laplacian operator is defined by:

T* =2 o+ D2+ D2, (32)
x® 357 d2°

If Ma represents the mass of nucleus a, and m, is the electron masg, then the

Hemiltonian ig
o R 2 2 b
H = =~ o (0 - B + vV, (33)
Séi 2Ma <;7a géi 21n ?;7a .

The summetion from a =1 to a =P 4is over all the nuclei, and that from
a=1 to a=Db is over all the electrons.

When molecules are considersd quantum-mechanically, the BORN-
OPPENHEIMER APPROXIMATION is usually used to gimplify the mathematical treat-
ment of the wave equation (47). The time-independent wave equation is then
solved first by assuming that the positions of the nuclei are fixed. Under

this assumption, the electronic wave equation is (47):

["1sz§ :'5'?=E§Pe (34)
0

Both the ELECIRONIC WAVE FUNCTION9 s and the ELECTRONIC ENERGY, E,
are dependent upon the positions of the nuclei. The wave equation for the

nuclear motion is

E% . h+nl Y =€% ., @
=1 2Mﬁ

In this wave equation, ﬂ?n describes the motion of the nuclei, and E is

used as the potential energy function (47).
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The essence of the Born-Oppenheimer approximation is that the energy

EE found by solving equation 35 is a good approximation to the energy € of

the original Schrodinger equation, and that the product of the wave functions

92 andSE; is a good approximation to the actual wave function EE.C:

é_scz?eg‘{n . - (36)

The Born-Oppenheimesr approximation works quite well for isolated molecular

e

gystems, since the nuclear motion is much slower than the motion of the
slectrons (47).

Since, for all but the smallest of molecules, it is extremely
difficult to solve the wave equation exactly even when the simplifying Born-
Oppenheimsy approximation is used, approximate methods are usually employed
to estimate gE; and %5 o One such approximete method is that of MOLECULAR
ORBITALS. In this technique, a one~electron wave function, ’}Lf » called a
MOLECULAR SPIN ORBITAL (MSO), is assigned to each electron a =1, « o o b
in the molecule (48). Each MSO, in turn, 1s the product of a space wave
function,

wf 5 called a MOLECULAR (RBITAL (MO), and an electron spin wave

function, 7 s

Xi=v] e T 6 (37)

where s denotes the spin co-ordinates of the electron.

The electronic wave function, ﬂ?e’ is an antisymmetrized product

of the MSOs (48): N ‘
J - 3 ')C: X © Xy
© b} /.TL /3. . . , ’\C:L
' t)K_ N N
’ ° ’ ’ (38)
o . ’ ‘
N Y
><i e o '}CN
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where b is the number of electrons in the molecule. A linear combination of
determinantal products is used to approximate EPeo Each product represents a
different configuration of occupled molecular orbitals in the molecule. The
ground state of a diamagnetic molecule is usually well represented, however,
by the single configuration in which the b electrons occupy the b molecular
spin orbitals of greatest energetic stability (48). In this study, no
inieraction of this configuration with excited states is considered.

The molecular orbitals Wi are usually obtained by expanding Wi
as a LINEAR COMBINATION OF ATOMIC OREITALS (LCAO) lef

v

Wi = 5 Ciu 96 a k (39)

Y-~

u=l

whers the coefficients, C,pb 8re found by minimization of the electronic
energy with respect to these coefficients. In general, the accuracy of the
MOs increases as more members of the complete bagls set of atomic orbitals
are used, although in the simpler MO methods, only valence-shell and inner -
shell etomic orbitals are considered in the expansion.

In all subsequent discussions, the usual practice of terming both
"molecular spin orbitals" and "molecular orbitels" as, simply, "molecular

orbltals" will be adopted.
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I, 2. B MOLECULAR ORBITAL THEORY OF ELECTRONEGATIVITY EQUALIZATION

Klopman (36) has noted that the minimization of electronic energy
in a molecule leads to the following condition for two atomic orbitals 9611
and gé H

v
DE = dp (40)
dn? dn?
u v
In this equation, ni represents the contribution of electron a to the total
electronic charge density, nos associated with atomic orbital gﬁ u in the
molecule. Klopman has suggested (36) that if the orbital electronegativities
are identified with the terms j§~g_ s then equation 40 is equivalent to
d n?
u
the principle of electronegativity equalization, Unfortunately, it is difficult
to formulate a general electronegativity function on this basis, since the
relationship between the electronic energy and each orbital charge density is
quite complicated.

In order to formulate an electronegativity function which is conveni-
ent for calculations, and vwhich is derived from atomic properties, it is
necegsary to simplify the expression for the molecular - energy. A
convenient definition of electronegativity can be derived if it is possible to
expandﬁ the molecular energy, &, of a molecule as a sum of terms which are
characteristic of the component atoms of the moulecule:

E = L—gj_]? EL (nug © o o a nv) P (4'1)

In this expansion, each term EL is dependent upon the orbital charge densities

3OEThis expansion is analyzed in Part I. 2. D.
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Rlo

nu p o o o o nv of Only the atomic Orbitals ¢u 9 © o o o ¢v assocj.a-ted
with the atom L. If the expanslon in equation 41 can be made, it is poggible
to define an ORBITAL ELECTRONEGATIVITY function, Xuy for each atomlic
orbital ¢f :

Xu(nu) = B(EL (%y o o o o nv) ) . (42)

Y @) in

The electronegativity equalization conditions which result, 1if the
expansion in equation 41 and the definition of equation 42 are used in a
molecular orbitel method, have been discussed recently by Balrd, Sichel, and
Whitehead (49). These authors analyzed the electronegativity equalization
conditions by using the variables noyo the contribution to the orbital
charge density n, from the molecular orbital Wi s and N& s the total

charge density assoclated with the molecular orbital wio Hence,

n, = é;_ 0 for each AQ Q{u 3 (43)
and
N, = Eg; . for each MO 9 (44)

where it has been agsumed in equation 44 that all of the charge density in a
molecule has been completely divided between the atoms. The total molecular
energy, L, may be minimized with respect to each nos (vhich is equivalent
to minimization with respsct to the coefficients of the atomic orbitals in
the occupied molecular orbitals) subject to the restraints in equations 43

and 44 by defining a new function F:

e A
L S [ NS ) (45)

i=1
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The paramesters %1 are undetermined Lagrangien multipliers. If F is

minimized with respect to each noio then for a given no the following

condition results:

0 = (.6 0 = b I - ?\i
.Bnui ' i
Py %ud R idui
- (3 i (Bnu ) “N e 46)
Bnu bnui
i By i%ui

From the expression for n, in equation 43, then

( LN =1 (47)

Bnui
v iNui

and from the expansion of E in terms of EL in equation 41, and from equation
42, then

@), &)
u nvé‘u u

n
1’

By substituting these two relations into equation 46, the energy minimization

condlition can be rewritten:

(.;:fi\ =%, = M o (49)

u
The condition expressed in equation 49, that Xu = %19 applies to all atomic
orbitals and to all molecular orbitals in the moleculs. In general, thersfore,
the electronegativities of all the atomlc orbitals must be identical. Modifica~
tiong of this principle will bs discussed>in the material to be presented later.

In order to calculate molecular charge distributions by this



principle of electronegativity equalization, it is necesssary to specify the
form of the energy functions, EL” associated with each atom Ly, and thereby
to speclify the nature of the electronegativity functions of equation 42. As
a first approximation, the terms EL could be taken to be equal to the
functions which express.the energy of ISOLATED (nonmbonded) atoms in their
valence states as a function of the charge densities of their atomic orbitals.
The orbital electronegativities to be equalized in the molecule are then the
first derivatives of the isolated atom energies with respect to the orbital
charge densities.

There are, however, several objections to the use of such a definition
of elec%ronega$ivity'with the principle that all the orbital electronegativities
in a molecule are equel

i) it is impossible, in general, to achieve numerical equality of the
electronegativities of all the occupied atomic orbitals in a molecule
without violating the condition that each orbital charge density, nos
should lie between the limits

0 £ n, & 2 .
The origin of the difficulty is that the electronegativities of the inner-
shell orhitals are extremely high, and it is impossible in most instances
to find a molescular charge distribution in which the Xu for these
orbitals are equal to those of the valence-shsll orbitalsy
ii) seince the orbital electronegativity functions contain no interatomic
termg, and since the electronegativities of all the atomic orbitals are
constrained to be identical in the molecule, the molecular charge dis—
tribution generated in such schemes is completely independent of the

néture of the bonding in the molecules. Chemically inequivalent atoms



of the sams atomic number in a molecule would be predicted to possess
the sams charge density charactsristics, and all the atomic orbitals of
an atom which are of the same principal and azimuthal quantum number
would necessarily have the seme charge density.

These difficulties may be overcome by placing certein limitations on
the extent to which the orbital electronegativities are equalized in a molecule,
Huheey (39) has used & scheme which effectively equalizes the electronegativi-
ties of only the atomlc orbitals which are considered to be "bonding" in a
molecule. Huheey's method overcomes the first difficulty (although in a
rather erbitrary manner), but does not relleve the second difficulty.

One method by which electronegativity equalization conditions,
compatible with the atom energy based electronegativity functions, may be
obtained is through the concept of the localizad chemical bond. In this
concept, the electron density in a saturated molecule is assumed %o be dig~
tributed between the atoms in such a way that a number of two~centre, two-
électron bonds are formed, and the remainder of the electron dengity is
assigned to one-centrs molecular orbitals which are localized on the various
atoms. Each bond is formed by the combination of two atomic orbitals, one
orbital from each of a pair of atoms which are "neighbours" in the molecule.
Each bonding atamic orbltaly which may be cne of the original s, p, dy o o
orbitals of the atoms, or hybrids thereof, is assumed to participate in only
one occupied molecular orbital. The concept of the two~electron, two-centre
chemical bond has been studied by molecular orbital theory, and has besen
found to be valid to a fair degrse of approximation for various saturated

molecules (50,51).

The localization of the molecular orbitals to give two-centre,
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two~electron chemical bonds may be illustratéd by considering the ammonia
molecule. If it is assumed that the nitrogen atom uses four valence-shell
sp3 (or tetrahedral, termed "te") hybrid orbitals for bonding, and the
hydrogen atoms use ls orbitals, the localization procedure leads to two
one-centre, "lone pair" molecular orbitals (one for the inner shell electrons
of N, and one corresponding to a doubly-occupied te atomic orbital of N) and
three two-centre, two-electron bonds. Each two~centre N=H bond corresponds
to a molecular orbital in which the ls atomic orbital of one H atom, and

one te orbltal of the nitrogen, are paired together.

When the localized bond concept is combined with the electro-
negativity equalization theory given above, equations 43 and 44 are altered.
1f the atomic orbitals involved in these equations represent the hybrid atomic
orbitals which participate in only one localized molecular orbital, then the
summation in equation 4L over all the occupied MOs from Wi to Wj involves

only one term, that for the specific MO in which AO gé]l actually participa'tes°

In addition, the sum over all the AOs used in equation 44 to calculate Ni is
now restricted to either one or two hybrid AOs, since each localized molscular
orbital extends over only one or two orbital centres.

The result of applying the localization approximations to the
electronegativity equalizationr condition expressed in equation 49 is that,

for a given MO V., , only the electronsgativities of the one or two atomic

orbitals which participate in this molecular orbital are required to be

identical and equal to )ﬁ « Sinece no atomic orbital is presumed to parbici-

pate in more than occupled molecular orbital, the terms %i for different Wi

need not be identical according to equation 49, The net effect of treating

the molecular orbitals as being completely independent and localized is that
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a less general condition of electronegativity equalization is established.
This "sub-condition" of the general principle of electronegativity equaliza-
tion is actually the one which was used by Hinze, Whitehead, and Jaffe in
their technique (8), and is the form employed for the charge density
digtributions reported in this gtudy.

In general, the use of the "restricted" electronegativity equaliza—
tion condition in schemes which use electronegativity functions based upon
isolated atom energies is superior to the use of the general equalization
principle for the following reasons:

i) numerical equalization of the electronegativities within each
localized molecular orbital can generally be achieved,

i1) +the chemical concept of the two-electron, two-centre bond is
retained, as are the concepts of the inner-shell and lone-pair electrons,
and

iii) since any localization of the molecular orbitals in LCGAC-MO
calculations is dependent on the intsratomic energy terms, and since no
interatomic energy terms are included in the bond electronegativity
function used, the localization effects must be introduced before the
calculations are made. The use of a "restricted® equalization procedure
achleves this localization.

In summary, it appears that the approximation of localized chemical
bonds must be made in approximate electronegativity'equalization theories in

order to partially compensate for some of the other approximations invoked.
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I. 2. C THE CALCULATION OF MOLECULAR CHARGE DENSITY DISTRIBUTIONS BY
THE ELECTRONEGATIVITY EQUALIZATION PRINCIPLE

One of the mein objectives of this work is to establish the extent
to w&ich molecular charge density distributions calculated by the electro-
negativity equalization method of Hinze, Whitehead, and Jaffe are compatible
with chemical evidence for inductive effects in saturated molecules. For
thisg, it 1s necessary to establish the constraints on the orbital charge
densities which result from electronegetivity equalization conditions. Very
general conditions for the molecular charge density can be established for
any electronegativity equalization scheme in which the electronegativities
of the atoms (or orbitals) are assumed to bs linearly dependent upon the

electronic charge of that atom (or orbital),

General Relétionships

In order to establish molecular charge distributions using the
electronegativity equalization principle, the naturs of the functional
dependence of electronegativity upon charge must be established. Such
relationships will be termed BOND ELECTRONEGATIVITY functions (8). Most of
the bond electronegativity functions which have been proposed to date can be
expressed by the general relation

XL = I * k G Q (50)
whers Xi is the electronegativity of the atom or orbital L, EL and QL
are bond electronsgativity function parameters for L, and Q;, 1s soms msasure

of the electronic density of L. The term QL represents the NET charge of
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d
e the atom or orbital L, or its total electronic dengity. When the magnitudes

of the terms Fi, k  and G~ are calculated, it 1s found that the electro-

negativity of L decreases as the elsctronic charge density of L increages.
By the principle of electronegativity oqualization, the XL in

the aet L=1, o o0+ M are all required to be equal to the same

. value, Xﬁ, in the molecule considered:
X (=) = F,o+ kG Q  forallL=1, ... ., (51
A general formula for Xik may be found by dividing each side of equation 51

by GL

o ﬁ’r (..l...) = i (,.EI_‘_> + k }% Q (52)
i< \To =1 G, I=1
X" > ( ....1:1,_) FkY g

I=1 QL

5 (2)

Since the sum from L = 1 to L =M of the torms QL is always known, the

s and then summing the terms on each side over all L = Ly o o o oM

]

s (53)

2L
summation %Ei QL may be replaced by its known value, Q :

. S (.ﬁm) "k

I=1

I=1
If each Q, represents the net charge of L, and all the atoms (or orbitals)

L in the molecule are included in the summation from 1 to M, then @
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represents the nal charge of the molecule. If each QL repregsents a total
electron density, Q is the total electron density in the molecule.

Provided that the terms Fi and FG have been evaluated for
each L, Xﬂ may be calculated for any molecule by equation 54. Once the
megnitude of Xﬁ is known, each Q; may be calculated, since from equation
50,

q = &= - ro (55)

k GL

In Sanderson's method of electronegativity equalization (15), the

parameters FL and GL are related as:

1/2

G, = (7)) | (56)

and for this cagse, the formulee in equations 54 and 55 for Xﬁ and QL may

be written mors simply:

x*

i

1/2
jii (FL) + k Q
L=l (57)

7z
= (%)

1/2
(...1,..) (xﬁ A (58)
FL B T— :

Q,

k
Sanderson did not derive a general formula for Xg in his work,
but assumed that the geometric mean of all the FL in a molecule wag a good
approximation for Xﬁ (15). The analysis which follows indicates that
the expression for Xﬁ in equation 57 does reduce to the geomotric mean of

the FL when a diatomic molecule is considered, but does not reduce to =
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geometric mean for larger systems:
For a diatomic molecule LM,

x*

1/2 1/2
(F)  + (F)

/2 -, \ 1/2
L + [
(FL> (FM\

1/2 1/2
coxt = m) o+ ()
/2 1/2 ’
(5)" + (®)
(7 %)
. 1/2
e X = (FL EM) 5 the geometric mean of F, and FMo . (59)

The use of the geometric mean, rather than equation 57, leads to only very
small errors in the calculation of Xﬁ for a molecule, since the geomstric
mean is usually a good approximation to the formula in equation 57.

In general, the expressions for Xﬁ and QL in equations 54 and
55 are quite simple whenever the electronegativities of only two atoms or

orbitals are equalized. For such caseas,

= o+ B+ kg
G, . Gy
N R S N
G, . Gy
ory
& = PG + B G + kg o (60)
G, + Gy

and,
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FLGM + EMGL + k Q GLGM - P

- yX - ; L
Q, = X - F = G, * Gy
k G '
L kGL
or,
Q = F,-F +kQg, . (61)
k(GL‘+GM)

Two~Centre Bonds

One of the properties of interest, which can be derived from the
charge distributlion in a diatomic molecule, is the IONIC CHARACTER, iLM’

of the I~M bond. This quantity is defined as the net transfer of electron
density between the atoms or atomic orbitals. In this study, iLM will be

defined as the galn in electron density of L relative to the electron density

of L before bond formetion, QE S

lLM = QL - QL ) (62)

In general, the terms QLp me Qﬁ’ » and Q%f are related to §Q by the equations

- o o _
Q - QL + QM - QL + QM ° (63)

s gs _ o] _ o) .
The electronegativities of L and M for q = QL and Qy = Q (that is
before bond formation) will be denoted as Xi and Xg) respectively,
If the expression for QL in equation 61 is substituted for QL in
equation 62, an expresgion for iLM in terms of the bond electronegativity

function paremsters may be determined ass

. - T -l 0.,.. O
= My - Tt kQG -k G G-k G Qo (64)

k (GL + QM)

1M
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Upon introducing the expression for @ in terms of QE and Q§ (equation

63), the ionic character may be related to the electronegativities of L and

M before bond formation:

. - D - T o} 0_ 0_, (o]
iy = By =P+ kG @ +k G Q) -kG @ -kG @
k(GL+GM)
= Mtk Qo) - B +kg o)
k(GL’-"I-GM)
~ yO _ 4O
= Xy - X (65)
kk (QL~F QM)
1o B o , o]
since X, = F + kG Q , (66)

and similarly for xé)o The lonic character of a two-centre bond is then
proportional to the electronegativity difference of the two centres bsfore
bond formation, and is inversely proportional to the sum of the G parameters.
Since this expression for iLM is valid for a two=centre bond in any of the
electronegativity equalization schemes which use a bond electronegativity
function of the type defined by equation 50, electronegativity equalization
methods are in agreement with the intuitive idea that ionic character is
linked to the difference of electronegetivities of the atoms, but are in
disagreement with empirical. schemes which usually assume that there is a
unique curve relating iLM to the electronegativity difference,

By intuitive reasoning, Wilmshurst (19) has derived an expression
for iLM which is similar in some respects to equation 65, His formula is

expressed in terms of Pauling electronegativities, XP H
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iy F IEEMP - f&.Pi . (67)
AR

This seme formula caen be derived from equation 65 if the following bond

electronegativity function is used:

AR A A (68)

This function requires the equality of all electronegativities at QL = =lo
If Hinze, Whitehead, and Jaffe’s bond electronegativity function,
X, (nu), for an atomic orbital 9611 of charge density n  is used in the

ionic character expression, equation 65, then

w = K T % (69)
2(cu + cv)
since (8)
X n) = b + 2 n ., (70)

u u u u u

For a two-electron bond formed by atomic orbitals which initially have one

electron, then

o _ - 20 —
0= X (nu =n = L) = X, (1) (71)
and i, L8 glven by the formula of Hinze et al. (8),
. —_ \ - :
w T4 (1) X (1) 0 (72)
2(c.. + c)
u v

In addition to expressions for the equilibrated slectronegativities
and charge densities in a molecule, an equation for the extra ionic resonance
energy can be derived from the principle of electronsgativity equalization
for a two-centre bond. If the bond electronegabivity function in equation 50

ig defined as the first derivative of the energy of the atom with respect to
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the charge parameter QL’ then the atom energy function must be of the form

EL(QL)zEL(O)+FLQL+%kGLQL2 (73)

in vhich E (0) represents the atom energy for @, = 0. Since no charge
transfer between the atoms occurs in the homonuclear diatomics LL and MM,
then the charge densities q, in LL and QM in MM are equal to QIO and

%? respectively. The electronic energies of these molecules is, according to

equations 4l and 73,

2
U = 4 { 0 l 0
B, = 2 [EL(O) tRe ot g kG (QL):I (74)
and similarly for ENM’ The electronic energy of LM, on the other hand, is

given by
By = B (0) FBO) £ B+ R Y3 k @yt et . (79)

The EXTRA IONIC RESONANCE ENERGY, ALM’ ig defined ag
By = By -5 By o+ By (76)

Substituting the expressions for ELM’ ELL’ and EMM given above into

equation 76, then

By = P - Q) * Ty~ &) + 3k gGL E‘Lz_ (QE)E:I
TGy @\42‘ () Z:B : | (77)

By substituting the relations

O

g% - (@ = @+ (g - ) (78)

Q Q= 2+ iy (79)
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QM-i"QDO/Iz'.EQI?dwiLM (80)
together with the definition of iLM in equation 62 into the expression for

ALM given above, then

= 3 L - A . . R
ALM = Ay (FL + 5 k Q M5 k QM) + ‘k iy (GL + GM) . (81)
' ' 2
The term ALM may be written in terms of the electronegativities of L and M

by substituting the ilonic character equation 65 into equation 8l;
) o 2
by = = (G = 8) (82)
2k (GL + GM)

The extra ionic resonance energy, Ai&? is predicted by the electronegativity

equalization method to be proportional to the square of the difference in the
electronegativities of L and M before bond formation, and inversely propor~
tional to the sum of the G parameters for L and M. The expression for ALM
in equation 82 is similer to the relation developed by Pauling (3) who
established empirically that ALM is proportional to the square of the
electronegativity difference bstween L and M. The electronegativity equalize~
tion relation for ALM differs from the empirical one in that no unique
relation between ALM and the electronegativity difference exists, A similar
gituation to that found for the ionic charactsr.

TFor the specific case of the Hinze-Whitehead~Jaffe bond orbital
electronegativity function (equation 70), the extra ionic resonance energy
equation 82 becomes

by = =[x - xo]” (&)

A(Cu + cv)
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if the orbitals 2{ u 2nd ;5 v &re occupied in the valence-state of the

free atom by one electron. Equation 83 has been derived praviously by Hinze

(7).

Bond Electronegativity Functions

As indicated by equetion 55, the principle of electronegativity
equalization leads to a unique condition for the molecular charge density

distributions, when a bond electronegativity function of the type in equation

50 1s used. In order to calculate charge distributions on tke basis of

equation 55, the electronegativity function paramsters Fi and QL must
first be numerically evaluated. This evaluation may be achieved, for atomic
orbital definitions of Xi; by considering the functional dependence of the
atom energy upoh the orbital charge densities, and using this dependence to
derive the parameters on the basis of equation 42.

In the scheme proposed by Hinze, Whitehead, and Jaffe (8), the atom
energy EL is related to the electronic charge density n, @associated with
atamic orbital () by the relation

- X 2
E (nge oo on ) = 8 Ty Byt nS o, (84)

The dependence of EL upon the charge densities of the orbitals other than

9511 ig included in the terms a0 bLu? CIu® The paramsters 8109 bLu9

Cry 8re obtained by fitting equation &4 to the three energies, corresponding

to n, = 0, 1, and 2, which were calculated by Hinze et al.for the velence

state of the free atom, By defining the valence-state ionization'potentialg
I, and electron affinity Aup as

W
I, = & (nu= 1) - E (nu = 0) (85)
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A, = Ep (nu = 2) - E (nu.= 1) _ : (86)
then, |
by = 3 OL, 7 &) . (&7)
e = 5 (4, - 1) ()
Ay = B (o, = 0) (89)
and
B (n,) = B (a, =0)+% (31 - A my + L (- 1) B2 (%0)

The bond electronegativity function for orbital Qf a is then given by the

expression
X, = ?5(EL (s oo oen)) = by *o2cp, B
d @)
L %y = 05 (BIu_Au) oA, - 1) % o _ (91)

An alternative relationship between the atom ensrgy and ‘the valence-
shell orbital charge densities has been derived by Klopmen (35). In this
method, the energy of an atom is gpecified by three parameters, BLu’ AL+’

and AL“ defined as follows:

i) BLu represents the energy of attraction betwsen an electron in &
valence=-shell atomic orbital ¢u and the "core" of the atom L, where
this "core" represents the nucleus and completely filled inner shells of
the atomg

ii) AL+ represents the energy of repulsion of two valence=shell orbital
electrons of atom L, provided the electrons have parallel spins, and
iii) A~ represents the repulsion energy of two valence-shell orbital

L
electrons which have opposite spins.

The energy of the atom, relative to the energy of the core, is then given by

(35)
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> LS S oate, +d

E = + + ;

L a=1 Lo , 2 = b(ka)=1 AL' ab 2 =l b(xa)=1
AT (L-0.,) (92)

where 8ab ‘= 1 if electrons a and b have parallel spins

and 8ab = 0 if electrons a and b have opposite spins.

The summatioﬁs from a, b=1 to c¢ run over all the electrons in the
valence~shell orbitals of the atom.

The atom energy expression of Klopman, equation 92, may be used to
derive a relation between the ensrgy of an atom and the charge density of one
of its valence=shell orbitals, gﬁ pe Vhen this orbital participates in a
two~electron, two-centre chemical bond. If BLU# ig defined as the energy of
interaction of an electron in orbital 9511 with the core plus the electrons
in the other valence-shell orbitals of atom L, then the relationship between
EL (nu) and n  becomes

- — X 2, -
E (n) = E (o, =0) + n Bo o+ onSA (93)
‘ 4
for an atomic orbital 9511 which participates in a two=electron, two—-centre
bond. Note that since the two electrons in the bond are necesgsarily of
opposite spin, no term involving Ai% is present in the expression. The

coefficient, n 2 s of the term ALQ is the probabllity (according to

A
molecular orbital theory) that both electrons in the bond occupy orbital
gﬁu simultaneously. The expression for EL given in equation 93 is a
continuous function of the charge density n s and may be differentiated

with respect to n to yleld a bond electronegativity function for orbital

Py
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X, = MEE)) = BF o+ oaa (9%)
d (nu) 2

t should be noted that it is necessary to specify that orbital ¢u ig in a
condition of bonding before a continuous function between EL and n, can
be written.

Klopman maintaing that EL cannot be differentiated with respect
ton if E = represents the energy of an atom L which is not bonded (35).

The paramsters BLuﬂ and AL— of equations 93 and 94 may be
evaluated from the known energies of an isolated, non—bonded atom L. For
such an atom, the difference in atom energy between the states with one
electron in Qﬁu’ and that with zero electrons in this orbital is the loni~

zatlon potential of the orbital, and is equal to BLuﬁ °

L
B, = I, ., (95)

Since the energy of a doubly—occupied orbital ¢u is equal to the sum
B (nu = 0) + I, * 4, » vbere A~ 1is the electron affinity, then
%- Py A bl I [} (96)

The expressions for the atom energy (equation 93) and the bond electronegativity
of the orbital (equation 94) may be rewritten in terms of the ionization

potential and electron affinity:

; = T = L2 _
EL (nu) = EL (nu = 0) + n, Iu * on ﬁﬁgﬂ__fuz (97)
4
and
£, = L+ . (Au B Iu) ¢ (98)
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Since Klopmen derived his atom energy scheme for use in molecular orbital
theory, the expression in equation 98 for Xu will be termsd the MOLECULAR
ORBITAL (MO) BOND ELECTRONEGATIVITY FUNCTION.

The quantitative difference between the atom energy function and

bond electronsgativity function of Hinze, Whitehead, and Jaffe and that given

above may be found by defining two new functions AEL and Axu :

am,
ax,

vhere the suvscript. HWJ refers to the Hinze-Whitehead-Jaffe expressions, and

E, (W) - E (¥0) (99)

i

X, (H5) - X (00) (100)

MO refers to the expressions given in equations 97 and 98. Then from equations

90 and 97

AEL = o¢,5nu (Iu - Au) - o°5nu) (1o1)

and from equations 91 and 98,
Amh = 0.5 (Iu - Au) (L - nu) o (102)

Both terms, AEL and AML, increage in magqitude as the difference between
the lonization potential and the electron affinity increase. The energy
difference is zero at the polnts n, = 0 and n, = 2y 18 maximm at n, = Ly
and is gsymmetric about n = l. The electronegativity difference is zero at
n = 1, where both bond electronegetivity functions are equivalent to
Mulliken's electronegativity formula (equetion 5).

The physical gignificance of the differences between the HWJ and MO
atom energy and electronegativity functions may be pointed up by considering

the values of EL for n = 1l. For the MO definition, EL at n_ =1 is
u : u
equal to (B/Z I, * 1/4 A;} while for the HWJ defjinition it is simply Lo
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The MO energy at B = 1l is equivalent to that for two electrons each spending

one~half the time in orbital 961? vwith no correlation between the motions of

the electrons.ﬁ The HWJ energy at n, = 1, on the other hand, corresponds to

the same situation but with a comr

such that if the first electron occupies gélf the second electron must be

present in the cther bonding orbital, and vice-versa. Jhe MO atom enercy

partially correlated (47). .

In the calculation of the ionic characters of two~centre, two-
electron chemical bonds, the formula given .in equation 72 may be used with
both the HWJ and MO bond electronegativity function. Since the Xﬁ(nu = 1)
of both definitions.are identical, and since from equations 88 and 98 the

¢ terms are related ag

n
c, (HWI) = 2 ¢, (0) (103)
then the ionic characters are related:
i, (HUT) = %iw (Mo) , (104)

The magnitudes of the ionic characters caleulated by the HWJ and MO bond
electronegativities are then quite different, but are always in a congtant

ratio of 1l:2.

That is, no correlation of the motion hetyeen the 4o orbitals.
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I. 2. D COMPARISON OF ELECIRONEGATIVITY EQUALIZATION WITH MOLECULAR

ORBITAL METHODS

Various integrals involving the atomlc orbitals qﬁu, gﬁ'v °o o &
must be defined before the relationships for lonic character and ionic
resonance energy obtained by the electronsgativity equalization method can be
compared to those obtained from semi-empirical LCAO-MO methods.

"Coulomb" Integrals @
* o
o =f ¢, H ¢u at (105)

"Regonance" Integrals Buv:

Euv = J\ gﬁuﬁ ; st AT (1.06)

"Overlap" Integrals S

uv:
S,y =f géuﬁ ¢v ar (107)

where the integrations hf-dﬁf are over all space, and 96 X ‘represents the
complex conjugate of Qé o

The first attempt toxfind & correspondence between the electronega-
tivity concept of Pauling and the moleculaer orbital method was made by
Mulliken in 1935 (4). By using a simple LCAO-MO scheme which did not neglect
overlap integrals, but which did not treat electron repulsion explicitly,
Mulliken found that the extra ionic resonance energy Ahv aggociated with a
gingle bond between atomic orbitals gé u and 96'v could be expressed in

termg of the difference in Coulomb integrals between the atomic orbitals 4):
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_ - 2 - 4 - 2 N \
Ahv = (au av) + (au qv) (L=8 ")eme o ® (108)
4 yﬁv ' 64 YﬁVB

In this equetion,

—

YI.JLV' Buv

- 8, (e ta) . (109)
2 .
Mulliken also showed that the ionic character of the bond could be written in

terms of the difference in Coulomb integralss
= - - - 3 . .
iy = (o a) 4+ 0 (av au) + 6o e e (110)
2 Xﬁv
From these relationships between Ahv and iuv with (av - au), Mulliken

associated the Pauling electronegativity XP with the Coulomb integral as

follows:
P _ a
XU. TSN, ¢ N o (lll)
2 (ox )72
uv

In terms of an LCAO-MO schems which doss not explicitly include overlap

integrals, Mulliken's relations for Auv and i may be written, for

uv

small differences between the Coulomb integrals, as

. - 2
Ahv -7 (av au) 5 (112)
4By
i".,lV = o;r s O:Ll, . (1132
2B -
uv

Similar relations can be derived from Klopman's (38) bonding energy expression,

Euvp for a single bond:



- 2 -
('nu - nz) (Bu:‘x - Bv#) * 31:_ (Au ¥ l-_‘uv) * N (Av + r‘uv)
R b 4

+2Buv\] nunv .

In this equationy the terms Buﬂ‘ and Au- correspond to BLuﬂ and AL‘Q

I =
uv

(114)

which have been discussed in the previous section, and ﬁuv is the resonance
integral defined relative to the core Hamiltonian. The term rluv represents
the negative of the energy of repulsion between one electron in orbital ¢u
and one in orbital ¢ v (38).

Expressions relating the ionic character predicted by this scheme to
the electronegativity difference can be derived by re-writing the equation
for Euv in terms of iuv’ the ionic character of the two-elesctron bond

between ¢ u and v If the ionic character is defined as

iy = m, = 1 (115)
then
n,o= i, *t 1 (116)
and
n. = L - iuv o (117)
Substituting these definitions into equation 114, then
E_ = i (B e ") +i ? (1x"+ AT }
uv uv \"u v i | A uv 0 v uy
2 2 4 2
- - . 2
+ (Au A I_: v 2Buv 1 av , (118)
4 2

An expression for . iuv

i :
uv

may be obtained by minimizing Eu‘} with respect to
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d(t,,) 2 2
- 2B i (119)
I
A
1~ 1w
Hence,
L N T A
iw = (Bv +:AJL..) (Bu +fu._>
2 2 . (120)

.Ja:._._J: * mv".z_ﬁw.__

2 \
\/ l- Lov

. L. K, -
As indicated by equation 9%, the terms (fu - fg_\) and (év + fzu
2

correapond to Xu(l) and Xv(l) for the MO bond electronegativity function.

The terms fg_ s fi;. correspond to v Sy of the MO bond electro-
4 4

negativity function, Hence, equation 120 may be re-written as:

iw = Q) - x (1) . (121)
2(cu + Cv)'+ ( [—Lv -2 Bgz
| 1=-i
uv

This ionic character expression is very similar to thet obtained when the bond
el@cﬁronegatiﬁity'function i1s used with the principle of electronegativity

equalization (equation 72). The i,; eauations differ only in the term

[_L = 2 le . - present in the denominator of equation 12i. For low
1= 1%
uv —_

velues of iuvg the term 1l - iuv2 differs very little from unity, so

that to a good approximation, the two equations for iuv differ by the term
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( [:w,- 2 Bwv) when i, 18 low. Since the parameters f¥w, Buv

are both of opposite sign to the parameters c? Gy end since generally

(38)
e[ >

the iuv of Klopman's scheme will be greater in magnitude than those calculated

5uv p
by the MO bond electronegativity function and the equalization principle.

Ir Ahv’ the extra ionic resonance energy, is defined as the
difference in bonding energy between the cases where iuv has the valus given
by equation 121 and where iuv = 0, then an expression for Auv in termg of

the electronegativity difference may bes derlved from the expression for Euv

in eguation 1ll4:

Il

I N 2 - Lo 2
(B, =B+ (2 + 1 A 0+ ["uv) oS- A )

4 b

i
uv uv

(a,~ + I—:'w) +2p ( 1-4 % 1) (122)

or; by using X(1) instead of the (B + AT ) +terms, then
| 2

by =y B @) =%, w12 @Ten w2 [T )
.

+ zﬁuv(,/l-iuvz-l) , (123)

Substituting the iuv expression of equation 121 into equation 123, then

A bac
v omes

2
A, = - (Xv(l) = Xu(l)> 2B ( /1 = iuv2 = ) (124)
F

uv

where
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FL” = cu+cv+0o5l-—, - (B SV %) . (125)
w (e, *+ o )+ qy - (zﬁuv/ v )

1s then directly proportional to

The extra ionic resonance energy, Ahv’
the square of the electronegativity difference when the ionic character is

low, since in t%?s case the terms (/1 - iuv2 - 1) is almost zero, and all
the /1 - iuv2 factors in the paramster Fuv are.approximately equal to

L.

From the above discussion, it can be concluded that both the electro-
negativity equalization method and simple LCAO-MO schemss lead to expresgiong

for iuv and Aﬁv of the form

fw = Xv(l) - xu(l) (126)
fl (u, v) k ’
w T (X 1) - Xu(l))z (127)
£, (uy, v)

for two-electron, two-centre bonds; where the functions fl (v, v) and

£, (u, v) depend upon the neture of the orbitals 96 , &nd géxr and, in
the case of the equations from LGCAO-MO theory, upon the nature of the bond
formed by the orbitals. Ferreira has shown (44) that his semi~empirical
technique for chemical bonds also leads to an ionic character equation which

has the form of equation 126 above.

Extensions of the Bond Electronegativity Function

One approach that can be followed in attempting to extend the bond
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eloctronegativity function so as to account for the interatomic terms included
in LOAO-MO treatments is to break the LCAO-MO expreésion for molecular energy
into two parts, such that each part is an "atomic" term in that 1t is a
function only of the charge dgnsity of the atomic orbital associated with it.
If this is possible, then the improved bond electronegativity functions,
together with the principle of electronegativity equalization, will lead to
expresgions for iuv and Ahv vhich retuin the general form of these in
equations 126 and 127,

For the simple LCAO-MO method which does not consider overlap
integfals of electron repulsions oxplicitly, the molecular energy E for a
two~centre MO case may be written

B 2 R
I = Zcu au + ch av + 4o ¢

u v pu.v (128)

where C, and c, are the coefficlents of atomic orbitals }5 0 and 95 v in

the doubly-occupied bonding molecular orbital, and are related to the orbital

charge densities n, and n by

and similarly for n,e Hence E may be rewritten

E = n @, tn a + Zﬁuv,,/nu n . (129)
This relation for E mey be divided into two symmetrical "atomic!" parts, each

part being dependent upon only one orbital cherge density

no oo + n n
u u u ﬁuv u v

X 2
noa + puv VA n, (130)
2
and E, = n a, + puv VAR, - n, (131)

B

I

il

it
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8ince the sum of n, and n, is two. A bond electronegativity function

ney be defined from "atomic" energy terms:

Xu‘"'.‘.i_.((_%;)z=au+&m_(.1.:fg.)_ o (132)
d (n S 2
v 2nu &

A bond electronegativity function can also be derived from Klopmanfs
LCGAO-MO method which includes electron repulsions explicitly. His molecular
energy expression is (38) .
_— b4 T X 2 - ) 2 -
E = n B +n B, +ﬁ;. (Au +- rlllv) *-.I.IL (AV + [_'uv)

4 4

.+ B B, B, (133)

from which the following "atomic" terms may bs obbained:

- Y, 2 - o R
E, = n B™+ 8.~ _(Au + Fjw) + puv 20, n, (134)
4
and
E = n BY¥4pg? (A"+,—')+p Jon ~-n? (135)
v v v . v uv uv v s o
4 »
The bond electronegativity function derived from these sxpressions is
— - gk, - -
W as) = nfen 07 osp, a-n) (136)
d(nu) 2 _ 2n, _‘nu2 :

and simllarly for X,o Pritchard (52) has noted that, at the point of energy
min;mization in the LCAO-MO method which includes regonance integrals, the
electronegativities are not equalized if the term Buv is not present in

the bond electronegativity definition, -

It 1s possible, then, to include inter-atomic terms in the molecular
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energy expression for a dliatomic molecule, and still be able to defing a
gensral bond electronegativity function. There are several difficulties in
using such a function, however:
1) the ca;pulation of the inter-atomic parameters ﬁuv’ r}@ is a
difficult matter at present, |
ii) the bond electronegativity function becomes very compllcated when
polyatomic molecules are considered,
111) the bond electronegativity'function can no longer be defined from
conglderations of the energy of the isolated atom. In general, the
functions i_Lv” ‘and puv depend sﬁrongly upon both the nature of
Qf w? and ¢ v and upon the u=v bond length, and
iv) ‘the linear dependence of electronegativity upon orbital éharge

density 1s destroyed by the inclusion of the term involving puv

Coneclugionsg

The above analysis has indicated that the concept of electronegativity
equalization can be preserved when inter—atomic energy terms are explicitly
considered in a LCAO-MO schems. This conclusion is general for many semi=-
empirigal schemes, since other workers have indicated how it is possible to
add various interatomic parameters to other bond electronegativity functions
(:26942)° In the present study, however, charge distributions will bs calculated
by using bond electronegativity functions which can be defined solely from the
energy function of the isolated atoms, both for the reasons (i) to (iv) given
above, and because one of the objects of this thesis is to determine the extent
to which such isolated atom electronegativity functions are useful in predicting

molecular charge distributions.
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I. 3  ELECTRON DENSITY CALCULATIONS BY THE ELECTRO GATIVITY EQUALIZATION
METHOD ‘

In Paxt I, 2 of this gtudy, the theory of bond electronegativity
functions and the Principle of Electronegativity Equalization have been
outlineds In this section, Part I. 35 the bond electronsgativity equalization
method 1s applied to the calculation of electron densities in'a large number

of saturated molecules.
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ELECTRONEGATIVITY PARAMETERS AND THE METHOD OF CALCULATION

Bond Electronegativity Function Paremsters

Whitehead-Jaffe (HWJ) bond orbital electronegativity function can be evaluated

As discussed in the previous section, the parameters of the Hinze-

from the valence-state ionization potential and electron affinity for the

orbital,

Hinze (27) has celculated valence-state energy data for four sets

of hybrid atomic orbitals for the elements from Li to Ar:

1)

ii)

11)

Sppp
where these atomic orbitals correspond to the valence~shell orbitals
S5 Py Pyv P, o«
di di wr
where the digonal (di) hybrid orbitals are defined by
¢di(l) = L (¢s+ gép’c\)
Tﬁ“ p
dei(z) = _A_(¢S~ ¢p\
x
z
and the two m orbitals correspond to the original py; P, orbitals.
tr tr tr

.where the trigonal (tr) hybrids are

9é tr(l) ~ “l" 96 g Jﬁﬂa 96

3

r@ = L P - + L
B se(2) = \’?¢px \B.,Sépy

P () =7......;... P g““" P, “\F;: b,
and 95 =@ D
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iv) te te te te
where the tetrshedral (te) hybrids are

Py = 3 (Bt dp* 8y + F,)
Py = 1(F.4 0y -0, -3,
Brai) = 3(Bo- B, * Qspy-sjpz\
Pty = 2(F 8, -0, +9,) .

When integral charge densities are assigned to these orbitals, the densities
are denoted by superscripts--for exanmple, 52 p2 pl plo The four valence=shell
orbitals of each atom will be denoted generally as ¢ - ¢ v ¢ W and ¢ =
The ionization potentials, Iu9 end electron affinities, Au9 are
avallable (53) for hybrid atomic orbltals, 96 " of the types listed above
for states with integral charge densities Do Mo and n o Hence the HWJ

bond electronegativity perameters, bu and Cyo for such states can be evaluated:

X, = by * 2 0. (137)
b, = %(BIU-Au) 5 (138)
c, = %,(Au - I) s (139)

The values of b and ¢, for the atoms from H to Cl (except for the inert
gases) and for Br and I are listed in Table I~-I. The charge dehsities uged in
this table for the valence-shell orbitals are such that the atoms are elec—
trically neutral when n, = lo The electronsgativitiecs ¢ orbital Qf u have

also bsen listed in Table I~I for n,=0, 1 and 2 (see equations 21, 22, and

23)0



TABLE I-I:

Atom Orb-
ital

Li 8

tr

54

HWJ Electronegativity Function Parameters for Singly~Ocoupied

Orbitals

Valence
State
of Atom

1
8

gt

11
8 F
!
aitail
Szpl
111
S PP

11l
8P Pl

trltrltrl

telteltel
211

3 pp
11

s p Plpl

L1111
Sppp

aitas Lot
aitas bty
trltrltrlﬂl

trltrltrlﬁl

I
(GQVo)
13.60
5.39

9.92
5.96

8,58

8,30
14.91

8.42
11.29

10.43
10,93

21,01
11,27

17.42
11.19

15.62

11.16

A
u

(eove.)

0.75

0.82

3.18
0.1l1

0.99

""0050

5470

0.32

1.38

1.53
“004‘4

80 91
0.34

334
0.10

L.95

0.03

by
(eav.)
209025

70675

13,92

80885

120375

12,70
199515

12.47
160245

14.88
16.61,
)

27,06
160735

Rbob6

220455

160725

(8ova)

-6042
-20 28

=337
2092

3795

"4040
"‘4060

=4005
“40955

= oly5
~-5.68

=6, 05
'"'5 0465

="'7004'
m50545

“60 835

"50565

X, (1)
(8ova)

70175

3olO5

6.55
30035

4o 78

3.90

100305

beo37
60335

5,98
5024'5

14,96

50805

10.38
5064y

80‘785

50595

x. ()
(eove)

“50675
"'10465

"‘Oo 19

“20 815

"'ll»-o 90
10095

=373
‘-3 o 575

=20 92

"‘60 125

2,86

"59125

"'3970
@5 04‘45

“40885

“50535
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TABLE I-I continued

Atom Orb- Valence I, A b, oy xu(l) Xu(z)
ital State . ( ) ( ) ( )
of Atom (9°V°) (eovo) (eovs) €oVo BoVo BoVo

te  tortetteltel 14.61  1.34 2Lo2hs  =6.63, .9, =5.29

N op s pop 14,05 131 20042 =6.37  7.68  ~5.06
o ePpiptpt 13.95 0,78 20,52 6,58  7.36  =5.80
tr trtrrtrtrt 20,60 5014 28,33 =7.73 12,87  =2.59
T trtrttrtrt 14012 178 20029 =617 7.95 =439
vt trttrler™® 10072 4092 2712 <740 12.32 2,48
to  teteTteltel  18.93  4ul5 26032 =7.39  1L.54 =3.24
0o p sppp 17,28 2,00 24.9L; 70635  9.bhy  =5.62

tr brrtr T 26065 7.49 36423 =9.58  17.07  =2.09
T ATTRTTE 17070 2447 25031 =T.6l; 10,08, -5.lkg

trt trtrttetn? 26014 7.32 35055 =0u4l 16,73  =2.09
te e te“teTtel 24,39 6.1l  33.53 =0l 15.25 =3.03

P p  s%0p 20,86  3.50  29.54  =8.68  12.18 <5.18
Na s ot 514 0T TkTg =233 2,80, -L.g6,
Mg g slpl 8095 20 80 120025 ""30075 50875 "00275
p Slpl 4052 0006 6075 ""2023 2029 ""'2017

ai aitait 7,10 1,08 10,11  =3.0L  4.09  =1.93

AL p a<pT 5,98  =0.08 9,01  =3,03  2.95  ~3.1L

o Glptpt 12027 o9 15.9%;  ~3.675 8,595 L2,



TARLE I~-I continued

Atom Orb-
ital

tr
te

di

br

tr

Valence
State
of Atom

Slplpl

trltrltrl

telte tel

2
8 Plpl

1
slplp pl

1111
S PpPpPpP

aitaitatat
aitas bt

ettt

tr tr trlﬂl

teltelte

22 1

. 8PP

21 1
8 p P P

tr tr trlnl

trotrtirtt
bbb

1 l ok

te te to

R 2
5P P:LP:L

tr tr trl 1

L, 1
te

(ove)

6.47
8.83
8,17

7.67
17.31
9.19
l[po 06

9.18
12,61

9. 17

11.82
10.78
10.73
15.59

11.64
15.18
Lo 57

12.39

16,33

A
L

CR'M

L1.37
2.1l
R.58

0.87
60 9%

2,82
4ys 07
2,20
3620
2,00

2.78
Ll.22
1.39
3.74

1.80
3,76
3.24

2.38

5043

b
u

(eov.)

9,02,
12,19
100965

11.07
RR:49,

120375

190055

12,67
170315

120755

16.34
15.56
15040

210515

16.56
20,89
200235

170395

R1.78

u
(6 oVo)

=~2.55
-3 036
"20795

-3 040
-5018

Ut

"'3 018
“40995

~3049
-'4-°705

-30585

~4o52
~4o78
=4, 67
=5.92

"'40 92
"5071
"5066

“50005

=5045

X, (1)

" (eove)

3.92
5.47
5=375

bol7

120125

60005

90065

5.69
70905

50585

7.30
6000
6.06

90 665

6,72

56,

xu(z)
(8evs)

-1018
"’1025

-00215

“2053
10755

=O°365

““Oo 925

_1029

"'....0505

“‘10585

-'lu74
"3056
“"31:28

"’3012
"’1095

‘“20425

“20625

""’On 02
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TABLE I-I continued

~ Atom Orb- Valence Iu A, b, ¢, Xﬁ(l) Xu(z)
ital o§m2§2m (eev.) (6:ve) (eove)  (o.v.) (eeve)  (eov.)

Tttt 12,0 207 17.67 497 773 -2.21
trf trftrltelr 16,07 50649  21.66  =5.39  10.88  0.10
te  te“te te tel 15,50  4.77  20.86 ~5.365  10.13, ~0.59

5
2221
cl P s“p“p“p 15,08  3.73 200755 "50675 9e405 —lo945
Br  p g% ppt 13.10 3,70 17,80 =470 8,40  ~1.00
I p SR 12,67 3.5 V7.2 =575 8,09, -L.0s,
Notes:

a) I, and A ~data from Table 14 of reference 27,

b) All paramsters and electronegativities are for the Hinze-Whitehead-

Jaffe function,



Several trends are evident in the data listed in Table I-I:
1) Since Iu?> Au in all cases, the parameters bu are all positive, and
the paremeters c, 8re all negative.
ii) All the electronegativities for n =0 and for n, = Ll are positive,
and in most cases the electronegativities for n, = 2 are negative.
iii) The parameter bu and the electronegativities generally increase as
the ratio of 8 to p character of the orbital g6 a increases for a given
atom. The values of c, are much less dependent upon the s/p ratio
than are bu and the electronegativities. These trends are illustrated
in Figure I-l for carbon.
iv) Tor an orbital 96 u of given hybrid character, the absolute values
of'bu and o and of the electronegativities, generally increase from
left to right in each row of the periodic table.

In the "molecular orbital" bond electronegativity function discussed

previously, bu and ¢, are related to Iu and Au by:

bu = Iu ) (MO)
c, = %(Au_lu) R (141)

The values of bu in this case are the Iu listed in Table I-I, and the Cu for

this function are equal to one~half of the Cu listed for the HWJ function.
Since the bond electronegativity parameters are readily evaluated,

the ionic chaeracter of bonds formed by atoms, with valence states corresponding

to those listed in Table I-I, may be calculated by the electronegativity

equalization principle. In polyatomic molecules, however, the bonds formed

by the orbi?als gé_vg gé W ?6 L can be polar. For such cases, the bu and c,

calculated for neutral atoms cannot be used, and it is necessary to evaluate



Figure I-l:
DEPENDENCE OF BOND ELECTRONEGATIVITY FUNCTION PARAMETERS ON
g=~p CHARACTER OF CARBON BONDING ORBI TAIL

Notes: O representg bu
represents N
8 represents g character of

g=p hybrid orbital
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bu and cu as functions of the orbital charge densities nos B and n o
Hinze, Whitehead and Jaffe (8) developed a scheme whereby Iu and Au oan be
calculated for non~integral values of Dos Dos and o In their schems, a
large number of curves were drawn which connect the points at which the
valence-state atom energy isvknowns that is, for integral ms Do D and n e
The energies of atates with non-integral orbital charge densities were
obtained by extrapolation of these curves to the points of interest.
Unfortunately, the extrapolation procedure 1s quite complicated when D Do
n s and n, vary independently. Even for the gimple case of carbon in the
te valence state, about twenty extrapolated curves are required to obtain the
valence~state energy data for electronegativity equalization calculations
(Figure 4, reference 8),

To simplify the graphical extrapolation procedure, an approximate
methed of determining Iu and Au as a function of the charge densities N, N,
and n has been developed in the present study. The basis of this approxi-
mation is that, for three orbitals 95'v’ 55 W and 95 - of the same hybrid
character, both Iu and Au are meinly dependent on the gum, Ty of the charge
dengities of the other three orbitals

T = nv + nw + n.x (142)

and only slightly dependent upon the manner in which the total charge density
1s divided among the orbitals. Both Iu and Au can therefore be explicitly
expressed in terms of T, and the need for the graphical extrapolation procedure
is eliminated. The functional dependence of both Iu and Au on T can be

expresged as a three-term serieg in T

~ 2
I, = @ + BT+ (L43)
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2
A, = b+ €uT+§'uT , (144)

u
If the scheme dlscussed above is to be used in place of the graphical
extrapolation procedure, two requirements must be met:
i) The valuss of Iu and Au must be dependent upon the gum of the
charge densities Doy N, and n s but must be virtually independent of the
individual values of each charge density.
ii) The variation of Iu and Au with T must be given accurately by a
three-term series in I, at least in the range of T which is to be used
in the calculations. The degree to which requirements (i) and (ii) are
met cen be illustrated by the example of the (te te te te) valence gstate
of carbon.
The ionization potentials and electron affinities for the tetrahedral
orbltals of carbon have been calculated from the valence~state energy data (53)
for all possible integral values of Do 0o and n s and are listed in Table
I-II. From the data for the three values of T(T = 2,3,4) for which more
than one inequivalent combination of Ny s and n, is possible, it can be
concluded that the dependence of both Iu and Au on the manner in which the T
electrons are split up among the three orbitals is small (0.2 to 0.9 €oVo)y
compared to the changes of 5 to 12 e.v., in Iu and Au which occur when T is
altered by one electron. Since similer results are obtained for other atoms,
requirement (1) above is met to a good degree of approximation. in general,
however, requiremsnt (i) is met only when the orbitals whose charge densities
are included in T are of the game hybrid character.
The second requiremsnt can be discussed by considering the plots of

Iu and Au against T given by the full curves in Figures I~2 and I-3 respsctively.
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TABLE I-II: Ionization Potentials and Electron Affinities for Carbon

(tetetete)
Value Orbita} gharge Iu Au
gf c Densi:1es o (eov.) (6ovs)
v W x

0 0 0 0 58047 36,70
1 0 0 1 41.64 22,67
2 0 1 1 26,70 11.38
2 0 0 2 27.62 12,18
3 1 L 1 14,61 Lo34
3 . 0 1 2 15.41 1.60
4 1 1 2 4o57 =036
4 0 2 2 4083 -3,68
5 L 2 2 ~1.39 ~4o"T7
6 2 2 2 ~2049 ~3.51

Note:

a) Data from Table 18 of reference 27.



Tigure I-2:

DEFENDENCE OI' IONIZATION POTENTIAL ON CHARGE DENSITY T

Note:

FOR A CARBON te ORBITAL

The charge density T, in electrons, represents the sum of

the charges of the other three valence~shell orbitals.

63.






Figure I-3:
DEPENDENCE OF ELECTRON AFFINITY ON CHARCE DENSITY T

FOR A CARBON te ORBITAL
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These graphs have been constructed by using the Iu and Au data in Table I-II,
For T = 2,3, and 4, the Iu and Au were chosen for the configuration in which
the charge density is spread most evenly among the three orbitals, since
this represents a mors realistic distribution of the electron density which is
encountered in the molecules to be considered. The dashed lines in Figures I-2
and I-3 illustrate the dependence of Iu and Aﬁ on T which is predicted by the
use of equations 143 and 144, when the paramsters a0 Bu, °o o o x’u are
evaluated by using Iu and Au for T= 2, 3, and 4. The curves based on
equaetions 143 and 144 fit the empirical variations of Iu and Au with T very
well between T = 2 and T = 4. The fit is less exact outside of this region.
Similar results are obtained for other atoms and valence states. Requirement
(i1) is met, therefore, provided that the paramsters o , Bu, o o o‘f,u are
evaluated for the range of T which is to be used in the electronegativity
equalization calculations.

The parameters @, to ST u OF equations 143 and 144 have been cal-
culated for the valence states and atoms of interest by use of the velence-
state atom energy data (53), and arve given in Table I~III. In several of the
atomic valence states listed in this table, the charge densities summed in T
are restricted to one or two orbitals of the set gé_vy Q6 o and 96:x in
order that the charge density calculations can be simplified. The electron
densities of orbitals which are not used in the summation are indicated by
superscripts in the valence state listings.

All the parameters Bu and € y Listed in Table I~III are negative,
and in general lBu, > ,Yul and Ieu'>> lfu ’ o Hence both Iu and

Au decrease as T increases. This variation in the ionization potential and



TARLE I-III:

Atom

N

N

Valence
State
of Atom

te te_te te
u vV W X

tr tr tr w'l
uwv WX

tr tr_tr o °
u v WX

T _tr _tr tr
u v v

ai di ﬂilﬂ’l
U Vv 7w X

1. .-
Ty dludlz

s 2
PuPyPi®x

2
teuﬁvvﬁewtex

teutevtewtex
25 2
pupva =

te te_te Zte 2
wv oW X

te, _te_te te
u v W Ox

Orb=
ital

te
u

tr
v u

te
u

te.

Atomic
Orbitals
Included
in T

te te te
vV uw X

tr tr
vow

tr tr
v ow

tr_tr tr
v W X

di
v

di_di
W X

pva

te_te
v o

Ionization Potential

te_te te_ 100,057

by
te
v

te_te te
Vv ow X

Parameters in e.v.
570067 -17024»0 10029
40.853 -1403865 0.885,
60 6373 —190081 16482
56.622 -l9e1095 le3185
280153 _110282 06554'
380481 —160107 lo 230
48,229 =21,101 1.977
53,752 —2200735 203295

-289 1695 lo 971
5 5
34,284 -1809065 109005
409798 "'1794515 lo 0!45
32e 822 -607785 -000745

Parameters for Ionization Potential and Electron Affinity Equations

Electron Affinity
Parameters in e.v.

)

u

Ll oL65

26,049

37.478
454392
12,965
26.161
29.017
29.853
70.500
15,207
20.427

26.566

€

u

-'16.226

“1104555
=17.724
-'1706995
~25.395
-14.8685

$a

2°1685

2.089

1.1515

2‘,3445
1.8355
2.348

2.9015
2.4245
2.202

1,6635
2.0445

O°3145

*99



TABLE I-IITI continued

Atem Valence Orb-
State ital
of Atonm
g 2S 2
pupva bie Py
2, 2
S teutev‘bew teX teu
Note:

Atomie
Orbitals
Included
in T

Py

te
v

" Ionization Potential
Paramesters in eo.v.

% gu Ty

23.052 ~11.661 1.002

5 5
29.248 =16.154 2,403

a) Based on data from Table 18 of reference 27.

Electron Affinity
Parameters in e.v.

8’iJ. eu (u

13 0715 -89 826 -00119

>

°L9
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electron affinity as the total charge density of the atom incresses is due
to the decrease in the gffective nuclear charge experienced by electrons in
orbital ¢ u 88 the number of valence-shell electrons increases.

Shortly efter the method described above was published in the
literature (54), Cusachs and Reynolds (55) described & similar scheme which
relates Iu and Au to the total charge density of the atem. These authors
attempted to fit Iu and Au to the atom charge density by a number of different
polynomialg, and“concluded that & three term series such as that used in the
present study was sufficient to accurately represent '“t.he dependence of Iu

and Au on T,
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Calculation Method for Polyatomlic Molecules

The ionic character associeted with a two~electron, two-centre
bond can be calculated, according to the HWJ electronegativity equalization

method, by the equation:

i = @) -x@0) (245)
2(cu + cr)

The parameters X(l) and ¢ ere determined from the lonization potuntial and
electron affinity by equations 22 and 139 for the pair of atomic orbitals

96 p &nd géu_which'are singly-occupied in the valence state of the free
atoms. If, howsver, 96 r and 96 u 8re atomic orbitals in a polyatomic
molecule, Iu and Au cannot be evaluated until the ionic characters of all
the other bonds in the molecule are known. These other ionic characters,
however, cannot be determined wntil iur has heen evaluated,

Under these circumstances, the charge dengity distribution in a

molecule must be determined by the SELF~CONSISTENT FIELD (SCF) procedure, a
technique which is often used in moleculer orbital problems. In the SCF
methed of determining the ionic characters in a polyatomic molscule, an initial
value for the polarity of each bond is calculated by assuming that the ionic
character of all the other bonds is zero. In the second set of calculations,
the lonlc character of each bond is calculated by agsuming that the ionic
character of each ghther bond in the molecule is equal “to thét determined in
the first set of calculations. The procegs is continued until the agsumption,
that the ionic character of each bond is identical to that found in the
previous set of calculations, is correcte. These‘ionic characters are then
consistent with each other, and the charge distribution in the molecule is

self~consistent.,
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The iterative technique of the SCF calculation can be illustrated by
the example of the water molecule. Assuming that the oxygen atom ig tetra—
hedrally hybridized, the ionic characters of each O~H bond may first be
calculated by assuming the other 0-H bond to have zero ionic character, whence
iOH = 25,9%, the oxygen atom being negatively charged. The ionic character of
the first O-H bond is then recalculated by assuming that the ionic character
of the other 0-H bond ig R5.9%%. The calculations are continued until the
lonic character of the first 0-H bond is equal to that obtained in the previous
step in the calculation. The self-consistent iOH 1s 18.3% that is, if the
second O~H bond is assumed to have iOH = 18.3%, the ionic character of the
first bond will also be 18.3%.

Since.i) a large numbsr of molecules are to be congidered,

ii) each molecule has, on the average, about five different bonds, and
iii) the number of iterative calculations required to achieve a self-
consistent field is fairly large,

a computer programme was devised to do the computations for a given
molecule, once certain information regarding the bonding in the molecule ig
available,

The main steps ia the computer programme, which ig written in Foftran
IV language for the McGLll IBM 7044 computer, are discussed below., Further
details of the programme are discussed in Appendix I,

. The steps in the computer programme are ag follows:
1) Data giving the code nunbsr, atomic number, atomic orbital nmbers,
and initial charge density of the valence-state atomic orbitals, for each
chemically inequivalent atom in the molecule, ig punched on IBM cards and

read in to the computer,
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i1) Paramsters @, through &Q u 8re defined for the bonding orbitals
of each atom. The agsignment of parameters is based on the atomic

number &assigned to the atom.

iii) 'The ionic character of each two-centre bond in the molecule ig
calculated, the required ionization potential and electron affinity for
each orbitel being calculated wusing charge densities of the previous
iteration.

iv) The orbital charge densities, calculated from the ionic characters
in (iii), are checked for self-consistency against the corresponding
densities of the previous iteration.

v) If the orbital charge densities are found to be self-congistent,

these densities are printed out by the computer, and the next molecule is
then considered. If the orbital charge densities are not self-consistent,
the program returns to step (iii), and continues to execute steps (iii),
(iv); and (v) until self-consistent charge densities are obtained. The
orbital charge densities are agsumed to be self-consistent when each is
within £0.000002 electron of the orbital electron density calculated in -
the previous itsration.

A typical set of results printed out for a molecule ig given in
Appendix I. All the orbital charge density distributions for polyatomic
molecules discussed in the present study have been generated by the programms
described above. The computer programme has been devised go that the following
atoms and valence states may be considered: H(s); C(tetetete), C(trtrtrm),
C(didimm), N(sppp), N(tetetete), O(sppp), O(tetetete), Si (tetetete),
S(eppp), S(tetetete).



The o = &pll parameters used in the calculations are those listed in

Table I—III,‘ The charge density distributions calculated in this manner

will be termed "B,E.E.msthod" results (Bond Electronegativity Equalization

Msthod).

726



3.

I. 3. B. THE IONIC CHARACTERS OF SINGLE BONDS

The ionlc character of single bonds between atomic orbitals 95 u
and Q{v can be calculated for diatomic molecules directly by use of the
bond electronegativity function parameters (Table I-I) and the ionic character
equation: |

Ly = %@ - x@) (146)
2(cu + cv)

The ionic characters of the bonds in a common set of diatomlic molecules have
been calculated in this menner, and are listed in matrix form in Table I-IV,
The halogen atoms considered are assumsd to employ pure p orbitals in these
bonds, whereas the alkali atoms and hydrogen ‘are considered to use s orbitals,
The sign convention used in Table I~IV is that the lonic character of the bond
between atoms L and M in the dietomic molecule IM is pogltive if the bond
polerity is LE)+ MB_ » and 1s negative if the polarity is LB“ M§+e

The ionic characters listed in Table I~IV were calculated by use of
the Hinze-Whitehead-Jaffe bond electronegativity function., The corresponding
lonic characters calculated by the molscular orbital bond electronegativity
function are exactly twice those listed., For both bond electronegativity
gchemss, all the ionic characiers considered are less than 100%.

The chemicel bond between the atoms in an allkali halide molecule is
usually considered to bs almost completely ionic (35 56) The ionic characters
listed in Table I~IV for these molecules are larger than for any other mole-
cules congidered in the present study. The ionic characters for these

molecules lie bstween 36 and 43 per cent, whereas the molecular orbitsl bond

elgctronegativity function ionic characters range from 73 to 85 per cent., The



TABLE I-IV:

Atom M
Atom L

Li
Ne

Ccl
Br

Notés:

Ionic Characters of Some Diatomic Molecules I~M

Ionic Character (in Per Cent)

H Li

0.0 =234
R3e4 0.0
2.9 3.3
-16.6 ~4ledy
=9.2 ~39.6
=5¢5 ~37.9
~4o2 =36.4

F

16.6
blod
4R.6

0.0

9.7
4.1
L5.4

Cl

9.2
39.6
4l.2
~9.7

0.0

4.8

6.4,

Br

5.5
37.9
39.8

~1.1
o
0.0

1.6

4ol
36.4
38.3

=154
-6.4
-1.6

0.0

4o

a) Ionic characters in thig and all subsequent tables were calculated

by the HWJ electronegativity function,

8-
b) i > 0 for M0,

tables are reported in per cent.,

¢) ‘'he H, ILi,

bonding orbitals are r-tyre.

and Na atomic bonding orbitals are g-type;

lonic characters in this and in subsequent

the halogen
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corresponding range of bond polarities calculated by Pauling's method for
this series of molecules igs 43 to 91 per cent (3). The ilonic characters of
the lithium and sodium halides considered by Klopman and Ferreira by their
semi-empirical methods generally clustered at about 8, per cent (38, 44).

The ionic characters calcplated by all the methods mentioned above
predict that the ionic characters of the alkali~-halogen bonds formed by a
given alkali atom decrease in the order of decreasing halogen atom electro-
negativity:

F > 0 >» B >» I o
The sodium-helogen bonds are slightly more ionic than the corresponding
lithium-halogen bonds. '

The ionic characters of IiH and NaH (in the sense HB“) of 23.4%
and 24.9% respectively, are lower then those of the alkali halides, and are
much closer Go those predicted by Pauling's method (26 and 30%), than to the
results obtained from the M.O. bond electronegativity function (47 and 50%),
or from Klopman's method (58,9 and 59.6%).

The ionic characters of the four hydrogen halides, HF, HCl, HBr,
and HI, are in the sense H8+g as expected from the trend in electronegativity
of the atoms. The bond polarities listed for HF (16.6%), HCL (9.2%),
and HBr (5.5%), are substantially smaller than those calculated by Pauling's,
Klopmen's and Ferreira's methods. The M.0. electronegativity function ionic
characters for these systems lie about midway between the two extremes. The
bond electronegativity methods predict a lower ionic character in hydrogen
fluoride then in lithium hydride, whereas the schemss of Klopman and Pauling
predict the reverse. It is interesting to note that Bader end Henneker (57)

‘have established, on the basis of a detailed study of the Hartree-Fock wave
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functions, thaet the HF bond is less ionic than that of LiH,

The ilonic characters of the hydrogep‘halides and alkall halides would
be greater than those listed if any s orbital cheracter were attributed to the
helogen atom bonding orbitals. It is difficult to esgtablish the hybridization
of the bonding orbitals in dlatomic molecules, since no bond angle data is
available.

The remaining molecules listed in Table I~IV are the inter—halogen
compounds FCl, FBr, FI, ClBr, ClI and BrI. The order of decreasing bond
polarity is

FI > TFBr > FCL > ClI > ClBr > BrI
This order is in complete agreement with that established by Ferreirals
calculetions, and is in disagreement with that predicted by Pauling's and
Klopman's methods only in the relative ordering of ClBr and Brl., In all
cases, the halogen atom of higher atomic number forms the positive end of the
bond. Although little-agreement exists between any of the caleculation methods
regarding the size of the ionic characters in these bonds; the molecular
orbital electronegativity function bond polarities are fairly close to those
calculated by Pauling's scheme for FCl, FBr, and FI, whereas the HWJ electro—
negativity function results for the remaining three molecules in the series
are close to Pauling's results.

As discussed previously, the lonic characters of bonds in polyatomic
molecules must bs calculated by a self-consistent field procedurs. When the
bonds in such molecules are not very ionic, it is possible to estimate the
approwimate polarity of each bond by assuming that all the other bonds in the
molecule are completely covalent. The ionic character of such bonds, which are

isolated from the polarity effects of the neighbouring bonds, can bs simply
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calculated by the method used for diatomic molecules. Such dats will be
referred to as being for "isolated bonds."

| Although the ionic character of & large number of such "isolated
bonds" may be easily calculated by means of the ionic character equation and
the electronegativity parameters in Table I=I, the present discussion will be
restricted to the bonds of most interest in organic chemistry; that is, the
single bonds formed by carbon in its digonaly, trigonal and tetrahedral valencef
states, and by the hydrogen atom, with the atoms of the first and gsecond
periods, and with the halogen atoms bromine and iodine. The ionic characters
of such bonds have been calculated by the HWJ method, and are listed in matrix
form in Teble I-V. The sign convention used in Table I~V ig the same as that
for Table I-IV. The atoms involved in each gigma bond are listed with a sub-
script denoting the valence state of Table I~-I whlch has besen uged in the
calculations.

Four different types of orbitals corresponding to the atoms M are
considered in Table I~V, with the orbital electronegativities X(1) increasing
from left to right in the table:

CHORIEORE MNCORIEHEY

In all the bonds I~M, the charge density associated with a given atom L
decreases from left to right in the table, since XM(l) increases in thisg
direction. For example, the ionic character of the bonds formed by Nie ars
all polaer in the sense N6g, and the lonicity of these bonds decreases from
15.8% in N£enH, to 4.0% in Nﬁencdi°

The increase in XM(l) from hydrogen to C4q 1s responsible for the

chenge in the gsign of the ionic character iniseveral rowg of Table IV,
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TABLE I-V: "Isolated" Bond Ionic Characters

Ionlc Character (in Per Cent) of Bonds L~M

Mo M H G, C, . Gy
Aton L
H_ 0.0 3.1 6.1 11.9
Li_ 23.4, 27.3 31.1 39.0
Bog 11.7 15.3 18.8 25.8
B, 3.7 7.1 10.4 16.9
Cyy ~11.9 8.8 5,8 0.0
Gy ~6,1 =3.0 0.0 5.8
Gy ~3.1 0.0 3.0 8.8
Npﬂ ~0.7 2.3 5.3 11.1
N, ~20.1 ~17.0 ~14.0 8.4,
w, * ~18.6 ~15.5 ~12.4 6.7
N, ~15.8 ~12.7 9.7 ~t,s0
0, ~8.8 “5.9 ~3.0 2.5
O'bI‘ =30.9 «28.0 2502 =-20..1
0, ~30.2 ~27.3 ~2hyods ~19.3
0, ~25.9 ~23.1 ~20.2 ~15.1
r, ~16.6 ~13.7 ~10.9 5,7
N 2449 28.8 32,6 40.4
Mg 44 1604 20,1 23.8 31.3
AL 8.7 12.5 16.3 23.6
Si -0.6 3.0 6.5 13.3
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TABLE I~V continued

lonic Character (in Per Cent) of Bonds L~M

Atom M Hs Cte Qtr Cdi
Atom I .
&
Pp 5.0 8.5 1l.4 18.4
Pte ""792 "'3.8 -005 5.8
Sp '-0.9 2-5 509 1204
S;tr “'1506 -1230 -805 -’2.0
S." -15.7  -l2.1 8.6 ~2.0
Ste —1296 "'9oo "'505 leo
Clp ""902 "'508 "'2a5 ' 398
Brp "595 "‘109 le? 854-
Ip -402 -055 390 908

Note:

a) Valence states of the atoms correspond to those listed in Table I-I.



The atoms L are listed down the table in order of increasing atomlic number
within each period, and are listed therefore in the approximate order of
increasing electronegativity within each period. The bonds formed by hydrogen

and the Group 1, 2, and 3 atoms (and P ) are all polar in the sense H
+

whereas the rest of the hydrogen bonds have Hs'o Since the value of XC (1)
te

is slightly greater than XH(l), all the atoms forming hydrogen bonds with
HB— form Cte bonds with CteB-° In additlon, there are several atoms

(Npﬂ, Site’ S ) which form the negative end of their bonds with hydrogen, but
form the positive end of their bonds to Ct s Since the electronegativities of
these three atoms lie between those of H and Cteo Similer trends occur in
the bonds formed by Ctr and Cdi

On the basis of both empirical studies of inductive effects in
orgenic molecules (58), and semi=emplrical quantum chemistry calculations
(3, 38), it is usually supposed that the single bonds formed by Gy
and H with nitrogen; oxygen, fluorine, chlorine, and bromine are
polar in the sense Ct Bf and }{5fl These observations are confirmed by
the results in Table I~V for such bonds. The only exception lies in the cal-
culated results for the Nﬁﬂ - Cte bond, in which there is a small charge
transfer of 2.3% of an electron from the nitrogen to the carbon. The bonds
0-N, C=0y N~H and O=-H will be considered further in the analysis of self-
consistent field electronegativity'equalization calculations on hydrocarbon
derivatives (Part I, 3. D),

According to Paulingts electronegativity gchems; -3 and O-I bonds
are expscted to have zero ionic character. The data in Table I-V indicate
that, according to the electronegativity'equalization method, these bonds
- 35+ st 5=

possess sgmall ionic characters in the sense C5 and C I if pure
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p orbitals are used by sulphur and iodine in bonding to te hybridized carbon
atoms. Self-consistent field electronegativity calculations on the molecule
&= +

CHBSH indicate that the Gte Sbb. polarity is retained in thioalcohols, s

but the lonic character of the bond is reduced fram 2.5% to about l.3%. Both
+

the "isolated" Sp—H bond, and that in CHBSH, have HBV, with the lonic character
in the isolated S-H bond, 0.9%, increasing to 1l.4% in CHBSH.

In Pauling's electronegativity schems, gilicon-hydrogen bonds are
expected to have 3% ionic.character in the direction Hb-. The isolated bond
ionic character listed for a 81, —H bond is ~0.6%, and is in the opposite |
sense to that predicted by Pauling. SCF electronegativity calculations on the
molecule Siﬂé indicate that the Si~H bond polarity is smaller than that of
the isolated bond, decreasing from 0.6% to 0.3%. The electronegativity equali~
zétion results agree with Pauling's schems regarding the direction of the
charge trangfer in the Site--C_te bond, with Ctesma The ionic character for
this bond as predicted by the Pauling, "isolatedh bond, and SCF electronegativity
methods are 12, 3.0, and 0.5% respectively.

Since it is difficult to determine the ionic character of a bond
experimentally, attempts to establish the validity of the electronegativity
equalization method by comparing lsolated bond polarities with empirical |
observations are limited. Much more experimental data is available concerning
the transmission of inductive effects within a molecule, relative acidities
and basicities of different series of molecules, the changes in the polarity
of a given bond in different molecular environments, and the inductive stabili-
zation of ions, etc. than is known about the absolute magnitudes of the
polarities of different chemical bondg,

For this reagson, the charge distribubtions in a large series of
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organic molecules have been computed by the self--consistent field bond
electronegativity equalization method. These charge distributions will be
listed and discussed ln the next sections. All the SCF electronegativity
equalization calculations to be discussed have been generated by using the
HWJ method. This method, rather than thebﬁolecular orbital bond electro~
negativity function, was used because:
i) For bonds of low ionic character, such as those %o be considered, the
analysis given above has not been able to show which of the two calcula—
tion methods is superior.
ii) The lonic characters of the two methods will parallel each other,
sgince the jgolated bond ionic characters differ by a factor of two in
all cases.
iii) "The HWJ scheme has been used by several workers in previous
inductive effect gtudies, whereas the molecular orbital version has not
yot been employed. It is one of the main purposes of this work to
egtablish the validity of the HWJ method in chemical systems.

The charge distributions in various hydrocarbon molecules and their
ions are reported in the next section, and the inductive effects in substituted
alkanes are discugsed in the section following it. Correlations of the cal-
culated atom charge densities with nuclear magnetic resonance chemical shifts,
and some conclusions concerning the electronegativity equalization method are

discussed in later sectiona.
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1. 3. C  CHARGE DISTRIBUTIONS IN HYDROCARBONS AND HYDROCARBON IONS

The ionic characters listed in Table I~V for carbon-hydrogen and

carbon-carbon bonds are consistent with the electronegativity order

Xcdi(l)> x%r(l)> xcte(1)> X, (1) .

All the 0-C and O~H bond polarities are small, but definite and regular varia-
tlons in these quantities are found for different molecules when self-consistent
field charge densities are establighed by the B.E.E. method. These variations

are discussed and anslyzed in this section of the thesig.

Charge Distributions in Neutral Alkane Molecules

Many common organic molecules are derivatives of the series of
saturated hydrocarbons termed the alkanss. In both branched and unbranched
alkane chains, and in many alkane derivatives, the H~(Q-H, 0-C~H, and C-C~C
bond angles are very close to tetrahedral (109950), and the carbon atoms in
such molecules are usually assumsd to use four valence-shell tetrahedral (te)
orbitals for bonding. Due to the lack of precise information concerning
deviations from tetrahedral bond angles in the alkanes, the B.E.E. method
calculations reported herein have been accomplished by assuming that each
bonding orbital of carbon in the alkanes and allane derivatives is exactly
te in character. ALl the hydrogen atoms are assumed to use ls atomic orbitals

for bonding,
The charge distributions calculated by the bond electronegativity

- equalization method for the neutral n-alkanes CH4 through GlOH22’ and for soms

branched alkanes, are listed in Tables I-~VI through I-IX. The nunmbsring



scheme used in these tables has the bonds associated with the terminal methyl
groups in the n-alkanes denoted ag Cl’ those associated with the adjoining
methylens group as 02, and similarly along the chain,

The C-H bond lonic characters in these alkanes range from L.4% to
2:3% (Table I-VI), all in the sense Cb- H8+. The C-H bond polarity is
generally lower than that calculated for an isolated Cpo~H bond‘(3.1%), since
the electronegativity of each carbon te hybrid orbital is lowered by the
increase in the total electronic charge density of the other carbon orbitals.
Thus the average pel positive charge on each hydrogen atom is approximately
+0.02 electron, rather than 4+0.03 electron predicted by the isolated bond date

Although the calculated 0~H bond polarities in the n-alkanes are very
small, definite variations in iCH are found vhen chemically inequivalent C-H
bonds in the seme molecule, or in different alkane molecules, are compared. In
each n-alkane, the C-H bond ionic characters increase as the numbgr of carbon
atoms between the one considered, and that at the end of the molecule,
increases (Table I~VI). For example, the C~H bond polarities in n-decane
(m = 10 in the table) increase in the order 1290, 215, 2,23, 2.25, and 2.25%
toward the "centre" of the molecule. Within each n-allane, the difference in
iCH between successive atoms along the chain decreases toward the centre of
‘the molecule.

A comparison of the iCH between different n-alkanes for a given
position (e.g. Cl) shows that the CO=-H bond polarity generally increases as the
length of the chain increases, the magnitude of thig increase between successive
n-alkanes décreasing as the chain length increases (Table I-VI), Since an
increase in the chain length by one unit is equivalent to replacing a terminal

hydrogen atom by a methyl group, and since by this replacement all the C-H



TABLE I-VI:
Crtlomo
Value i
of ClH
n
1 1,478
2 1.786
3 1.868
A 1l.892
5 1.899
6 L.S0L
7 1.901
8 L1.902
9 1.90L
10 1.902
Note:

a) In this and subsequent tables, all iCHZ>' 0 for H8+; and i

is reported as a percentage.

C.H

2,048

2,123

2o LUd,
R..151
20152
2.153
R.153
20153

CH

2,196
2,218
2,224,
2,226
2,226

2,226

‘G, H

R.239
Re245
R 247
R.248

Carbon-Hydrogen Bond Ionic Characters in the n—Alkanes

‘C.H

R.251
2,253



bond ionlc characters in the molecule are increased, the methyl group effectively

YITHDBAWS electron density relative to hydrogen in the n-alkanes. This with-
drawal of charge density occurs because, for this series of molecules,

3

X (1) > X, (1) Thus, for H and CH, bonded to a methyl group,
3
}(H(l) = 79175 QoVe whereas XCHB (l) = 7.473 CaVe

The electronegativity of a methyl group is also greater than that of
hydrogen in the branched alkanes, including the methylated methane series,
(CHB)A—m CH e A decrease in m by one unit is equivalent to replacing one
hydrogen atom in the GHm unit by a methyl group, and leads to an increase in
the net positive charge on the hydrogen atoms of the central carbon atom
(Table I~VII). There is also a smaller corregponding increase in the net
positive charge of the H atoms of the methyl groups.

A study of the self-consistent field electronegativities in the

neutral allanes considered indicates that, in general:

Xtertiary C(l) > Xsecondary C(J‘) > Xprixrm.:;:'y C('.L> > XH(l) °
The ionic characters of O-H bonds for tertiary carbon atoms are then greater
than those for hydrogen atoms bonded to secondary carbon atoms, which in turn
are greater than iCH for hydrogen atoms on a pripary carbon atom. This trend
in iCH for the alkanes is identical to that established in‘earlier electro=
negativity equalization calculations by Ferreira (59) .

For the "igolated" carbon-carbon bond formed by two tetrahedrally-
hybridized carbon atomic orbitals, iCC = 0. &ince the carbon atoms in the
n-alkanes are not all equivalent, the ionic characters of the 0-C bonds are
usually non-zero. The calculated range of iCC for these molecules is 0.0 to

0.6% (Table I-VIII). Within an n=-alkane, 1gg decreases gradually toward the



TABLE I-VII:

Alkane

Methane
Ethane

Propane

1L 2

C—C—C

Isobutane

l__2/,C

G C\\
C

Neopentane
12§
C——'n—C

C

2=Methylbutane

L 2 3 4
C—f—C—c

C

2~Msthylpentane

l 2 3 4 5
c— Z—c-——c— c

Charge Distributions and Chemical Shifts in Some Branched

Alkanes

Pogi-
tion

on

1.478
1.786
1.868

2,048
1.940

1.961
Ro342
2.187
1,912

1.967
R.362
2,260
2,163
1.905

4 N.MR.
Chemical,
Shift in

p.p.m.
6.95(P)
6.32(P)
6.27

5084
6.27

5043

6.25

6,28
5.8

6.00
6.29

6.29
5.8
6.0
6.0
6.30

Carbon Atom
Net Charge
in
Electrong
-0.05358

-Oo 05210

-0.04887
-'Oo 05083

=0, 0-4-44.83

=0. 04971

"Oo 04130

=0, 05044
-0, 04361
~0.04638
-0,05132

-0.05033
~0.04325
~0,04508
=0. 04681
=0.05145

3¢ NoM.R.
Chemical
Shift in

PePollla
130.8
122.8
113.10

112,62
104035

103.52
97.23

100.8

106.67
98,80
%6.88

117.18

106,17
100.9
86.9
108,0
L14.57



TABLE I-VII continusd
Alkane Posi- 1 % N.m.R.
tion ‘ Chemical
% Shift in
popomn
2,2—Dimethy1butane 1 2,021 6,32
12 3 4 & o -
C-—?~—C—C 3 20243 5.93
C 4 1.930 6.33
3=Methylpentans 1 1.918 6.29
1L 2 3 2 2,207 6.0
00 —0—C~C 3 20409 5.8
C
3a 3g 1.982 6,29 .
29 BmDimthylbutf.me J- lo 9’79 6032
) .
o——g— 2 2.4,00 5.8
C
Notes:

a) All N.M.R. chemical shifts are relative to benzene. Unle

Carbon Atom

Net Charge
in

Electrons

~0.04936
~0,04019
=0.04538
~0.05100

""O ° 05120
~0,04603

-Oo OA«QA‘O
""Oo 05006

""0005011
=0, 04255

indicated, all N.M.R. data is from reference &0,

b) Calculated from N.M.R. data in reference &,

88,

136 noLR,
Chemical
Shift in

DPeDoelle

99.77
98.26
92.02
120.03

L17.43
9904
92.0

110,10

109.35

%+6

58 otherwige
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TABLE I-~VIII: Carbon~Carbon Bond Ionic Characters in the n-Alkanes

CH

m2m2
e “6,6,
" %
2 0,000
3 0.39
4 0.508
5 0.541
6 0.550
7 0,553
8 00554
9 00554
10 0.554

Note:

0,000
0.114
0.148
0.158
0.160
0,161
0.161

0,000
0.033
0.043
0.046

0,047

0.000
0.010

0.013

a) In each C~C bond, 'iCC'>- 0 1if the carbon atom nearest the centre

of the chain is the negative end of the CO~C bond.
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centre of the chain, as does the difference in iCC between successive carbon
atoms. The negative (®7) end of each carbon-carbon bond is the carbon atom
nearest the middle of the chain, The trends noted above may be illustrated
using n-hexane (m = 6) ag an example. Here, the terminal carbon-carbon bond
(C:L"Cz) has i,, = 0.55% (C, is 87); the igg Of the C;=C; bond is 0.15%

(QB is 87 ); the isc of the 03~q4 bond is 0.00%. The changes betwsen successive
bonds are 0.40% for the G,~C, and CZ-QB pair, and 0.15% for the 02-03 and
QB—Q4 pair,

Replacing a terminal hydrogen atom by a methyl group in an n—-alkane
extends the hydrocarbon chain by one unit, and thig change is expscted to
withdraw electron density toward the point of substitution, since XCHB(l)'>
Xﬁ(l) in the alkanes. This is confirmed by the 1o results listed in Table
I-VIII, and it may be i1llustrated by the following example. The charge trans-

fer directions for the ¢-C bonds in propane are

/\P\K\
Cl 02 93 H °

If the terminal H atom is replaced by CHB’ electron density is withdrawn

toward the point of substitution, and electron density shifts illustrated

below are superimposed on those shown above:

c/\cmc/\c
1 R 3 % '

The two effects are in the same direction for the 01—02 bond, and ic -C
1l 2
increases from propane to n~butans (Table I~VIII). The effects are opposed

for the 02"93 bond, and exactly cancel each other. In the q3~H bond, which
is converted to Q3~q4 in n-butane, the change due to the second effect is not

sufficlent to overcome the firgt, since 93 forms the negative end of ‘the
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93"Q4 bond.

The ionle characters of the C~H and 0~C bonds in the n-glkanes can
be combined to give the net charge for each carbon atom (Table I-IX).
According to the electronegativity equalization calculations, all the carbon
atoms in the n-alkanes bear small net NEGATIVE charges of the order of =0,05
electron. The net negative charge of a carbon atom at a given position
(eogo Cl) decreases as the chain length increases, since the methyl group which
is added to lengthen the chain withdraws electron density relative to the
hydrogen atom which is replaced. In an n-alkane molecule, the carbon atom
net charges decrease as the chain centre is approached, in contrast to the
changes in O-H bond polarity. Although the contribution to the electron
density of each carbon atom from eéch C-H bond increases as the chain centre
is approached, this trend is oppoged by the larger chanses in 0~C bond polarities
in the same sequence., The change in carbon atom net charge between successive
atoms decreases toward the middle of the hydrocarbon chain (Table I-IX).

The carbon atom net negative charges for some branched alkanes,
including the methylated methanes series (CHB)Amm CHl , are listed in Table
I-VII. In the methylated methanes, the central carbon atom charges decrease
when m is decreased by one unit. Similar, but smaller, charge density changes
are found for the carbon atoms of the methyl group.

It is interesting to compare the n-allane charge distributions which
are calculated by the B.E.E. method with those determined by molecular orbital
methods. Sandorfy (60) developed three appraximate LCAO-MO techniques for
treating the bonds in saturated hydrocarbons:

1) In his "cn approximation, only the carbon~carbon bonds are considersd.

The carbon atoms in neutral n-alkanes are found to have zero net charge
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TABLE I-IX: Carbon Atom Net Charges in the Alkanes QmH2m$2

Value Net Charge (in Electrons) of the Carbon Atoms
n o , ¢ , C
1 =0.05912
2 ~.05358
3 =.05210 ~0.04887
b -.05168 =0 04754
5 05156 = 04715 ~0004622
6 =.05152 004703 ~204583
7 =.05151 =0 04700 =0 04572 =0.04545
8 =.05151 =0 04699 =0 04569 004534,

.9 =.05150 =+ 04699 =0 04568 ~.04530  =0.04522

10 ~,05151 =0 04699 -, 04567 o 04529 -+ 04519




93

in this approxination.

11) In the "CHM approximation, each te hybrid orbitel of carbon is
oonsldersd explioltly if 1t 1s bonded to ancther carbon orbltal, whereas
each bond betwoen a omrbon to orbital and & hydrogen atom is treated by
congldering 1t es & group orbltal. Sandorfy caleulated the charge dls=-
tributions for propane, n~butans, n-pentane, and 2=methylbutane by this
Appraximntion (60). The total charge associated with each C~H

bord was found to be slightly less than 2 electrons, and thet mssociated
with each 0-C bond slightly more than 2 eloctrons. The torminal C«C
‘bonds were slightly polar, with the carbon atom nearost the molecular
centro baing the neguative end of the bond, in agreemsnt with the BoB.B.
rosults. The obther C«~C bonds in propane, n-butane and n-pontans were
found to have zero net polarity (60).

111) In the tge approximation, all the valence-shell orbitals of the
oarbon and hydrogen atoms are considered explicitly in a molecular
orbital method that doos not neglect overlap integrals. The "local®
charges calculated by Sandorfy using this approximstion were such that
each C-H bond is polar in the sense Cﬁm H8+p the central C~H bonds being
more polar than the terminal O~H bonds. The 0-C bond in propane wag
found to be polar with the central atom being the negative end of the
bonde It is remarkable that these propane molecule charge density trends,
which were calculated by an MO method which does not treat electron
repulsions explicitly but which doos allow for delocelization of the
molecular orbitals, agree so well with thosge found by using the B.E.L.
mothod, which treats intra~stomlc electron repulslons but makes no

allowance for any delocalization effects.
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Hoffmann(61) has devised an "Extended Huckel Theory"(EHT) Method
for sigma and pi electron systems. The EHT method charge dengity results for
saturated hydrocarbons agree with those of the present study in the following
respscts:
i) All the carbon atoms.in the n~alkanes possess partial NEGATIVE charges.
ii) Within each n-alkane molecule, the TERMINAL carbon atom has the
largest negative charge.
iii) The carbon atom in methane is the most negatively charged of all the
carbon atoms in the n—alkanes.
iv) The electronic density of the central carbon atom in the methylated
methanes series decreases as the number of methyl groups increases.
The charge density distributions in the alkanes calculated by the
EHT method disagree with the B.E.E. method results in the following respects:
i) The magnitude of the carbon atom partial negative charges calculated
by EHT are about four to ten times as large as the corresponding B.E.E.
method net charges.
ii) There is little correspondence between the trends in carbon charge
within each molecule calculated by the two methods, except for that noted
in (ii) above.
Pople, Santry and Segal (62) have also developed an approximate
LCAO-MO method for saturated molecules. This technique includes electron
repulsions explicitly, and should therefore represent an improvement over the
mothods of Sandorfy and Hoffmann. Pople and Segal (63) recently applied the
"CNDO" version of the technique of Pople et al.(62) to a variety of saturated
methane and ethane derivatives including the two parent hydrocarbons themselves.

The magnitude of the hydrogen atom net charges calculated by the CNDO msthod
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(about: +0. 034 electron) are about twice as large as those from B.E.E. method
(about +0.017 electron), and the direction of the change in the hy@rogen charge
from methane to ethane predicted by the two methods disagree. Both methods
predict the same sign for the net chérges of the carbon atoms in these mole-
cules, and the same direction of change in the C net charge from methane to
ethane.,

It will be interesting to compare the trends in C and H atom net
charges calculated by the B.E.E. method with those from the CNDO procedurs

when more results from the latter mathod are available,
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3igma Bonds in Unsaturated Hydrocarbons

Since the electronegativity of a gingly-occupied s-p hybrid atomic

orbital of carbon increases linearly with the s character of the orbital (27),

then

x:digonal C(l)> X:‘trigonal C(l) > Xfetrahedral C(l) ?

Hence the polarities of C~H bonds in which the hydrogen atoms are bonded to
unsaturated carbon atoms are usually greater than those of saturated G~H bonds,

and C, ~C bonds are much more polar than the C-C bonds in

di “te tr “te
the alkanes. TFor example, the "isolated" bond polarities for Cdi o and

end the C_,~C
Gy Ci, are 8.8 % and 3.0% respectively compared to 0.0% for Ct t s and the
isolated Cy44~H and C,x~H bond ionic characters are 11.9% and 6.1% compared to
3.1% for Cte-H° The direction of charge transfer in these bonds is toward the
orbital of the more electronegative carbon atom.

The charge distributions for several unsaturated hydrocarbons have been
calculated by the B.E.E. method and are listed in Table I~-X. Since the H_Ctr-H’
Cte Ct ~H and Ct tr Ct bond angles in the alkenes congidered are close to
120° (64), pure tr hybrid orbitals have been assumed for the sigma orbitals of
the unsaturated carbon atoms in these molecules, The H—Cdi--Cdi and Cte_Cdi-Cdi
bond angles are close to 180° (64), and pure di hybridization has been assumed
for the sigma~bonded orbitals of the unsaturated carbon atoms in the allkynes.

In all the unsaturated neutral molecules congidered, ‘the Py orbital charge
densities are equal to one electron due to the molecular gymmetry.

The Ctr~H bond polarities in the ethylenes and benzenes renge from
bob5% to 6.1% according to the B.E.B., method calculations, whereasg the ionic
character of the Cdi-H bond in acetylene is 11,92% (Table I~X). The order of

G-H bond polarities for the "isolated" bond is then unaltered when self-consistent

field calculations are used:



TABLE I~-X:

Molecule

H20=CH2

GHBCH=CHCH3

(CH3)20=C(CH3)2

(c) (b)

GﬁBGH20H=GHCH20§3

Bengzene

Hexamethylbenzene

Molecule

HC=CH

CHBC:=CCH3

(c)(®)
CﬂBGH20==CCH2GH3

Notes: a) ‘The H-

Ctr’

iGH of

H—Ctr Bond
in %

4520

4o 604

4,688

6.081

&

H---Cdi Bond

in %

11.920

anan

H=Cyy0

iCC of
CyrCe
Bond in %

4277

4377

4.032

6.306

iCC of

41" Cte
Bond in %

13.779

13.73L

iCH of

H-Qte Bonds
in %

2.678
2.699

2.883 (b)
2.132 (c)

3.102

4. 665

4o715 (Db)
2,710 (c)

97.

Charge Density Data for Some Unsaturated Hydrocarbons

Unsaturated
Carbon Atom
Net Charge in
Electrons

=0.09041
"'0 ° 08881

"'0008754

a"'Oc 08721
=0.06081

-0.06306

Unsaturated
Carbon Atom

Net Charge in

Electrons

"'Oo 11920
=0.13779

~-0.13731

Cte_ctr’ Cte—Cdi bonds are polar in the

senge that the unsaturated carbon atom forms the negative end of

s 8-{-

the bond. The CtenH bonds are all polar in the sense CB H .

b) "Mothylene" unit C~H bond.

c) "Methyl" unit O-H bond.
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ie g D dp o D> i, L
Cas~H CopH Cpo~H

The C-H bond ionic characters increase in the sequence ethane, ethylens,
acetylene, in agreement with the experimental order of hydrogen atom acidity
(65)s The partial charges on hydrogen in these three molecules (+0.018,
10,045, and +0.119 respectively) are in good agreement with those calculated
by the CNDO method (+0.033, +0.046, +0,107 respectively) (63).

The relative inductive effects of CEB and H in the mono-alkenes is
similar to that found for the alkanes, since replacemsnt of H in Hzc = CH2
by CHB groups decreases the negative charge of the unsaturated carbon atomg
and increases the Cip~H bond polarity (Table I-X). Methyl groups are,
however, electron releasing relative to hydrogen in the bengzenes and acebylenes,
gince the calculated net charges of the unsaturated carbon atoms in
hexemsthylbsnzene and dimethylacetylene are greater than those in benzene and
acetylene respectively (Table I-X), The reversal of inductive effects of
alkyl groups and hydrogen atoms in these molecules will bs analyzed later.

The C "Cte and Ct“"Cte bond ionic characters in the substituted

o

di
ethylenes, benzenss and acetylenes are listed in Table I~X. As expected from
the isolsted bond polarities, these C~C bonds are more ionic than saturated
-G bonds, and Cte Torms the positive end in each case. The effect of the
unsaturated atoms is transmitted to the Cte-H bonds, which are more ionic in

+
the sense Ha than those of the alkanes,
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Variations in the Electronegativities of Groups

In electronegativity equalization calculations, the ionic character
of & hond botween orbitals B  and (¥  is determined by the DIFFERENGE
between Xu(l) and Xv(l), and by the SUM of the paramsters ¢, and ¢ o For
an alkyl group, Xu(l) and c, ére a function of T, the total electronic charge
of the other valence-shell orhitals of the same atom as 96 u® From the data
in Table I-III for C., orbitals and from the definitions of Xu(l) and ¢, in
equations 137 and 139 , the dependence of Xu(l) and ¢ on T.may be obtained
for a te orbital of carbon:

xu(l) 504766 = 19,060 T + 1,599 T 9 (147)

i

~6,30L = 1.820 T + 0.570 T° (148)

1}

y (1)

The rate of change of Xu(l) and Cu(l) with T for a "neutral" carbon atom

(1o80 T = 3) can be established by differentiation of the functions above with

regpect to T at T = 3;:

(L.ﬁﬁl_) = =97 (149)

aT =3

(f _____‘fu_> = +1.60 . (150)
arT =3

The net effect of the variation of Xu(l) and ¢, With T is that the electronic
charge density, nugof orbital }5 u will decresse as the total charge density,
T; in the other orbitals of the sams atom increases. Since this effect is due
mainly to the dependence of Xu(l) on T, the inductive effects of groups can
bs analyzed by considering their Xu(l) values.

Congider the group RBO* which is bonded to an identical group —CRBe
Since the groups are identical, iCC = 0, and n s the electronic density of the

bonding orbital of RBO»9 is one. If RBGm is bonded to é group-CR§ of
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HIGER electronegativity, then nu<:]m Thg‘electronegativity'df the central
C toward the groups R in this case is then lower than in RBO-CRB, and
electron density shifts will occur in each R=C bond toward the central C.
This charge transfer will increase T, and hence Xu(l) will be decreased (see
equation 149), If -CR% has a LOWER electronegativity then RBC-, nuj> 1
and electron density is shifted away from the central C of RBC toward each R.
These electron density changes decrease T, and increage Xu(l).
Thus the electronegativity Xu(l) of a group is dependent upon the
nature of the radical or atom to which it is bonded:
i) Xu(l) increases ag n  increases ,
ii) Xﬁ(l) decreagses as the electronegativity, Xv(l), of the group to
which it is bonded increases.
These effects are graphically illustrated for alkyl groups in Figures I~/
and I-5,
The electronegativities Xu(l) for the groups --CH3 and -CH(GH3)29
and for the hydrogen atom, are plotted egainst n, in Figure I~4. Since H
is a monovalent atom, its electronegativity Xu(l) is invariant with regpect

to nuo

The curve for --CH20H3 would lie between that of -CH3 and that of
-CH(G§3)2, and the curve for ~C(CHB)3 would lie to the side of --GH(GHB)2
opposite to that of —GHB if there were sufficient gpace in Figure I-4 to
plot Xu(l) versus n for these two groups.

For small n,» then

WO gy 0> g 00> Kame, ) > Loy @)

If these groups are bonded to + highly electronegative radicals or atomsy then
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Figure I-/4:

VARIATION OF X (1) WITH n_

Notes: Curve A represents the group ~CH3 .

Curve B represents the group -CH(CH3)2 °

Curve H represents Hydrogen .
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Figure I-5:
VARIATION OF Xﬁ(l) WITH XR(l) FOR
MOLECULES R~H AND R~CH

3
Legend for groups R:

a) - CHé" b) - CHMe~
c) - CH20H2 d) -H
e) =~ CH = CHMe £) - C6M65

+ —
g) - &bﬂ% h) -~ C =0k
1) - oMo’ j) - ot
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nhf< l and the normal order of inductive effects for hydrogen atoms and
alkyl groups 1s obtained. However, for nu}p l; the electronegativity order
above is exactly reversed, and substitution of & hydrogen atom by a methyl
group results in a withdrawal of electron density from the rest of the
molecule.

The electrenegativities of the methyl group and of the hydrogen atom
are plotted against the electronegativity, XR(l), of the group R in Figure
I-5 for a serles of molecules R-H and R~CHB° When the self-consistent field
xﬂ(l) 1s low, then XGEB(l) > Xﬁ(l), whereas for high velues of X’R(l)y
XH(l)j> Xoy (1) When R corresponds to the group -CH = CHCH3 (Figure I~5,
point e), tgen XGHB(l) is slightly larger than XH(l) but the reverse is true
vhen R corresponds to the benzene ring (Figure I-5, polnt f£). Hence, the
Oo~Cgy bond polarity in CH-CH = Gi-CHy is emallor than the H~C, . bond
polarity in CH2 = GH2, but the reverse is true in the molecules Cé(GH3)5
and Cglg o

The electronegativity equalization methody theny, predicts that the
relative inductive effects of groups of atoms are dependent upon the nature
of the atom or group to which they are bonded. Huheey (39) has also arrived

at this conclusion by enalyzing the variations in group electronegativity

which were calculated by a different electronegativity equalization method.
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Transmission of Inductive Effects Through Carbon-Carbon Bonds

In saturated molecules, inductive effects produced by the substitution
of one atom or group by another are usually considered to be attenuated along
the chain. The inductive effect ig considered to be transmitted from the
polnt of substitution to different atoms in the molecule by two mechanisms (58):

i) Trensmission through the localized bonds.
ii) Transmission directly through space between non-bonded atoms

("field" effects).

Since non-bonded interactions are neglected in the B,E.E. method, only effect
(i) is analyzed in this atudy.
The transmission of inductive effects through carbon-carbon bonds

in hydrocarbon chains and rings can be studied by considering the changes in
electronic density in the atomic orbitals of these systems when an artificial,
standard perturbation of electron density is made in one orbital, The
standard per%urbation used is a change in electron density of one atomic
orbital of carbon froem 1 electron to 0 electrons. The carbon atom so psrturbed
is «denoted by Cl’ and the carbon atoms directly bonded to Cl are denoted 029
etce The CHANGE in the total electron density at each hydrogen and carbon
atom can be obtained from the BoEoE. method atom charges calculated for the
molecule BEEFORE and AFTER the perturbation at Gl is made. For an atom at
position m, a quantity'Am can be defined:

A

m=

Change in electron density at m due to perturbation (151)
Electron density at m before perturbation '

For example, the inductive effects in CH3 are compared by calculating the C

and H atom charges when the hon~bonded carbon te orbital hag an electron
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dengity of 1.0 and 0.0. The hydrogen atom total charge densities are 0.9821
and 0.7689 respectively, and the change in charge density is 0.2132 electron.
Then the tern A] equals 0.2132/0.9821 or A = 0.217. (The H superscript
denotes that the atom concerned is hydrogen. )

The values of A& for the hydrogen atoms in alkane chains with
length one to five carbon atoms are listed in Table I-XI. The perturbation
is made in a te orbital of the terminal carbon atom in these molecules. In
each chain, Aﬁ decreases as m increases, since the inductive effect is
attenuated along the chein. For a given position along the chain (e.g. m = 2),
Aﬁ decreases slightly with increasing chaln length.

‘The transmisgion of inductive effects from one carbon atom to the
next in a chain can be studied by defining k, the IRANSMISSION GCORFFLGIENT

of the inductive effecl, by:

H O
k(=1 m) "__Al}gf_ . (152)
Aa-1)

Transmission coefficients for the hydrocarbon chains are listed in Table I~-XI.
When m is a methylene unit ( -GHZw )s kH = 0,300 & 0.007, and when m is a
terminal methyl group, kH = 0,320 t 0,008, These averege transmission
coefficients agree well with those (0.29, 0.34 respectively) found by Smith
and Eyring by means of an empirical calculation based upon dipole moment
variations (66). In both methods, k is found to be almost independent of
“the magnitude of the inductive effect at Gt ®

Quantities Ag and k° mey be defined from the changes in carbon
atom charges for the hydrocarbon chaings., For each molecule listed in Table

I-XI, the transmission coefficients kc are identical within #0.0l to the



TAELE I-XI: Transmission of Inductive Effects in Hydrocarbon Chains and Rings

Hyd;ocarbon
((I::-l zno];::i:: 5 08 £ 4 4 f23 Ky Ky
Name)
1 0217
2 <194 - 06, °328
3 0192 059 «017 o306 o316
4 0192' 00585 <017 +005 o305 9295 e3l4
5 0192 00585 «017 «005 .002 c304 02?4 .2?4 .313
Cyclchexane o173 .053 <017 -009 0304 0316 °538
Benzene - -079 .028 -016 - *35, .533

Hote:

a) See the text for definitions of A and of k.

0901'
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corresponding kHo Since the inductive effect parameters for hydrogen and
carbon are so simllar, the data for carbon has not been listed.

inductive'effect data is given in Table I~XI for two monocyclic
rings; cyclohexane and benzens. The coefficients 1(13{4 and chC4 for cyclo~
hexane are substentially higher than the transmigsion coefficients in the
hydrocarbon chains gince two bonded pathways, one "clockwise" and the other
"anti~clockwlse," exist by which inductive effects can be transmitted between
two carbon atoms in the ring. If the inductive effect is agsumed to be trang=~
mitted independently in both directions according to a transmissgion
coefficient K, the sum of the independent contributions at each carbon atom
in cyclohexane will be AI(K + K5) at Cos Al(K2 -+ Ké) at 93’ and

0,0 +K%) et . Hemce Ik, = K(L+ K9, k. =k/1sK° and
1 s 12 23 7
1o

ICBA =K (.___g“__z_)o
L+ K

If the value of K is taken to be 0.3 (L.e. that found in the hydrocarbon
chaing), then k12 = 0,30, k23 = 0032 and lc34 = 0.55; in good agreement with
the coefficlents listed for cyclohexane in Table I-XI. Thus the BoI.E.
method predicts that inductive effects are transniitted independently in both
directions in monocyclic rings,

If the transmission coefficients listed for benzene in Table I-XI
are considered in the same manner ag those for cyclohexane, then it ig found
that K = 0,34 for Ctrmctr bonds, compared to K = 0,30 for Ctewcte bonds. If
no electron density changes occur in the pi electron systems, then, unsaturated
G-C bonds are predicted to bs more efficilent in transmitting inductive effects
than are saturated bonds.

The transmigsion coefficients discusssd above for gaturated O~C
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bonds (0.30 to 0.32) are in good agreement with the experimental value of
0.36 established by Branch and Calvin (67) from a study of the relative
acidities of substituted carboxylic acids. In addition, the relative trang-
mission coefficlents for Cte—Cte and ’th~ctr bonds are in the same order as

that found by Bowden (68) from a statistical analysis of some reactivity data

for aromatic systems.
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Inductive Stabilization of Hydrocarbon Iong

It has besen established experimentally (58) that the gtability of
carbonium ions produced from saturated hydrocarbons is greatly influenced by

the "nature" of the central carbon atoms
+ + +
Ctertiary Csecondary > Cprimary

°
Carbonium ions are stabilized by delocalization of the unit positive charge
from the central atom. Thus when the central carbon atom uses tr hybrid
orbitals to form three coplanar sigma bonds in the ion, the positive charge
associated with the unoccupied Py atomic orbital can be delocalized from ‘the
central carbon by two mechanisms:
i) Hyperconjugation: The unoccupied Py orbital of the central atom
enters into a delocalized molecular orbital with occupied atomic orbitals
(or group orbitals) of the surrounding groups.
ii) Inductive Stabilization: The polarity of the sigma bonds of the
central carbon increase in the sense Ct; s since the electronegativity
of the positively charged carbon atom is large,
Only the second effect is considered in this study, due to
difficulties in applying the B.E.E, method to multicentre bonds.
The first set of hydrocarbon ionsg considered are (R1R2R30tr)+’
where Rly Rz, and R3 are alkyl groups or hydrogen atoms, and Ctr is a
trigonally~hybridized carbon atom having zero electron density in its Py
orbital. The parameters in Table I~III for the C(tr tr tr 7°) valence
state were used in the calculations for the central carbon atom,

The net partial charges of the central carbon atom and of the

hydrogen atoms bonded to it are listed in Table I-XII for a series of



TABRLE I=-XII:
Rl R2 R3
H H H
H H e
H e M
Me Mz Mo
EE Et Et
Notes:

b)

Net Charges of Atoms in Carbonium Ions and Carbanions

Net Ctr

Charge in
+
(RIRZRBCtr)

+0.23438
4;0°1985
+0.1690
+0. 1444

+0.1413

From reference 69,

Net H Atom
Charge in

(ByR Ry Ctr)ﬂ_k

+0.2551
+0.2351

+0.2191

Extended Huckel
Method (a) Net
Ctr Charge in

(RlRZRBCte)+
+00609 )
+0.571
+0.611

+0.692

Mz denotes a methyl group, and Et denotes an ethyl group.

Net cte

Charge in

(B R RAC, M

+0.3068
+0.2752
+0.2504,
40,2303

+0.2279

Net C

te

Charge in

(RyRJRCy )

=0.4335
-0.3897
=0.3544
=0.3251

“0 03143

°0TT
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carbonium ions (RlRZRBCtr)+° The positive charges on these carbog and
hydrogen atoms decrease as the hydrogen atoms in CH; are replaced by methyl
groups. The methyl group is a more efficient‘electron donor to the central
carbon than is hydrogen because the electronegativity of the central carbon
is very large, and therefore XH(l) > Xoy (1) (see Figure I-5).

The partial positive charges of tﬁe central carbon atoms in these
carbonium ions were calculated by Hoffmann (69) using his Extended Huckel
Theory Method. These charges have been listed in Table I-XII for comparison
with the B.E.E. method results. Since electron repulsions are not considered
explicitly in the EHT method, most of the delocalization of the positive
charge from the central carbon atom occurs by the hyperconjugation mechanism
in these calculations. The net positive'charges of the central carbon atom
calculated by the B.E.E. method are substantially smaller than those obtained
by the EHT method.

Since it is energetically favorable to delocalize the positive
charge from the central carbon atom, the trend of the partial charges correlates
with the experimental stability order if the partial positive charges on the
central carbons decrease in the order

primery > secondary > tertiary .
By reférence to Table I-XII, it can be concluded that the B.E.E. method charges
do correlate with the experimental order of stability, but that the EHT charges
do not correlate.

The partial charges of the central carbon atoms in the ions
(R1R2R30te)+ and (RlRZRBCte)Q have also been calculated by the BoE.E.

method, and are listed in Table I=~XII. The unit positive or negative charge

in these carbonium ions and carbanions was localized in = te hybrid orbital
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of the central carbon atom.

The B.E.E. method charges for the carbonium ions indicsate that more
extensive delocallzation of the positive charge is obtained when the central
carbon atom uses tr hybrids in the sigme bonds than when te hybridization is
employed. The greater delocalization of positive cherge in (R1R233Ctr)+
compared to (RlRZRBCte)+ represents one factor which favors a planar geometry
for the central carbon sigma bonds in carbonium ions. The Extended Huckel
Method positive charges for the central carbon atoms are grester for planar
geometries than for tetreahedral geometries (69).

Since the electronegativity of the gigma bond orbitals of the Cte
carbon are quite low in the carbaniong (RlRQRBCte); then XCHB(l) > XH(l)
(see Figure I~5), and the replacemsnt of the hydrogen atoms in (CHB)" by
methyl groups results in a DECREASE in the partial negative charge of the
central carbon atom (Table I~XII). In both carbonium ions and carbanions,
then, substitution of hydrogen atoms directly bonded to the central carbon
leads to a reduction in the net partial charge (either positive or negative)
of the central atom. A much smaller reduction in the net charge is predicted
to occur when a hydrogen atom in one of the mothyl groups is replaced by an
alkyl group. For example, the decrease in the positive charge of the central

+ +
carbon from (HBCtr) to (MBBCtr) 18 0.090 electron, campared to a change

. + +
of £,003 elsctron in going from (MQBCtr)_ to (EtBC tr) (Table I-XII),
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I. 30 Do  CHARGE DISTRIBUTIONS IN SUBSTITUTED ALKANES

The inductive effects predicted by the B.E.E. mothod for saturated
derivatives of alkanes are well 1llustrated by the charge distributions for
aliphatic amines, alcohols, and ethers. Electron densities for such molecules
are reported in this section. The alkyl halides form another set of hydro~
carbon derivatives which can bé.analyzed by the B.E.E. method. In these mole~
cules, the hybridization of the halogen atom bonding orbitals cannot be asgessed
from bond angles. An alternative technique for establishing chlorine and
bromine atom hybridizationg has been developed (49). This technique, which
employs nuclear quadrupole resonance spectra, has been applied to a series of
organic and inorganic halides by Keplansky and Whitehead (70).

The electronsgativities of the bonding orbitals of nitrogen and
oxygen atoms are markedly dependent on the S=p hybridization of the orbitals,
The ionic characters of the bonds formed by nitrogen and oXygen, and the gigze
of the inductive effectg produced by the presence of these atomg in a molecule,
are therefore depsndent on the choice of valence states for nitrogen and
oXygZen.

The hybrid character of the three bonding orbitalg of trivalent,
saturated nitrogen atoms ig usually considered to lie between tetrahedral
(te) and pure p. Since the H-N-H bond angle in emmonia and in methylamine
is approximately 106° (64), and since the O-N-H and O=N~C bond angles in
saturated amines are approximately 111° (64), the hybrid character of the
bonding orbitals of nitrogen in these molecules should be cloge to tetrahedral,
if it is assumed that theae orbitals are directed at the bonded carbon and

hydrogen atoms.,
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Similarly, the bond angles in the water molecule, and in saturated
alcohols and ethers, indicate that the hybrid character of the bonding
orbitals of the oxygen atom in such molecules lies between te and p (56, 64).

The electron density distributions in some simple saturated amines,
alcohols, and ethers have been calculated by the B.E.E. method for both te and
p bonding orbitals of nitrogen and oxygen, and are listed in Tables I-X¥III to
I-XXVI. These results will be discussed by considering the effect of alkyl
substitution on the polarities of the bonds formed by nitrogen and oxygen, and
by considering the inductive effects produced by substituting nitrogen and

oxygen atoms into alkane molecules.
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THE POLARITY OF THE BONDS FORMED BY NITROGEN AND OXYGEN

N

temH and O—N’te Bonda

The ionic character of an "isolated" Nfe—H bond is 15.8%, in the
sense Hafo The N~H bond polarity calculated by the self-consistent field
B.E.E. method is 9.36%, and is lower than that for the isolated bond due to
the presence of three polar bonds at nitrogen. If the hydrogen atoms in NH3
are substituted by alkyl groups, the ionic characters of the remaining N-H
bonds are reduced slightly, since alkyl groups bonded to N{e are electron-
releasing relative to hydrogen. The effects of the different alkyl groups on
the Nfe"H bond are not large, however, since the range of Nfe"H bond polarities
in the amines is only 8.6 to 9.2% (Table I-XIII).

The electron-releasing character of alkyl groups bonded to tetra=
hedrally hybridized nitrogen atoms is also illustrated by the trénds in the
G~N bond polarities and the nitrogen atom net charges listed in Table I-XIII,
The ionic character of the G-N, bond in CHBNH2 of 10.82% (in the sense Cb+)
is lower than that of 12.7% for an isolated OmN'te bond, and ig further reduced
as the hydrogen atoms bonded to nitrogen are replaced by alkyl groups.
Similarly, the net charge on the nitrogen atom in NH3 of =0.28l electrons is
increased to =0,290 & 0.009 electrons in the amines listed in Table I-XIII,

Since the émino group, ~NH29 is electron\withdrawing relative to
hydrogen, the polarities of the Nie“H and G—N’te bonds are increased when more
than one amino group is present in the molecule.

Although alkyl groups are predicted to be electron-releasing relative

to hydrogen when they are substituted for hydrogen atoms bonded Lo nitivoren,
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TABLE I~XIII: Electron Distribution About Nitrogen (te Bonding Orbitals)

in Some Amines

Molecule iNH iCN Ne; qxgrge of
% % om
in Klectrons

NH3 9.36 — -0.2809
CI'IBNHZ 86 99 lOc 82 '"092881
(CHB)ZN}I 8069 10936 "00294-1
(GH3 )3N fr— 9998 —002993
CHBGHZNH2 9.03 10,70 -0.2875
(CHBCH2)2NH 8,75 : 10.27 ~0,2929
(C&-IB)QGHNHZ 9005 10059 "'002870
( CH3 )3 CNH,, 9.08 10.50 ~0,2865
((CH3)30)2NH 8,85 10.13 =0.2910
CHBCH20H2NH2 9.05 10.62 -0.2871
Average (emines) 8.9%0.3 10.4%0.5 -0.290%0,009
"Isolated" Bond 15,80 12.71 ——
NHchzNHz 9077 7077 "'092730
NHZCH20H2NH2 9,26 9.78 ~0.2829

NH20H20H20H2NH2 9.12 10,35 ~0.2857
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TABLE I=-XIII continued

Notes:

a)

b)

The sign conventions used for the ionic characters reported in
Tables I-XIII to I-XXVIII are discussed in the text.

Note that the "averages" given in the tables are for amines,
alcohols, and ethers with only one functional nitrogen or oxygen
heteroatom. Iﬁe range of values for the quantities are given after
the averages. |

Since the charge density changes, from molecule to molecule, around
nitrogen and oxygen are larger than those around carbony, the charge
data for nitrogen and oxygen in all tables is given to one decimal

place lesg than that for carbon.
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they are found to be electron-withdrawing when substituted for hydrogen atoms
bonded o carbon in the amines. For exsmple, if one of the hydrogen atoms in
the methyl group of CHBNH2 is replaced by another methyl group to give

CH CH,NH2y the N£G~H bond polarity increases, and both the G-Nte bond polarity

372
and the net negative charge on the nitrogen atom decrease (Table I-XIII).

N ~H d O~N_ Bonds
p . 0 p

The polarities of the N~H and C-N bonds calculated by agsuming pure
p bonding orbitals on nitrogen are listed in Table I=XIV for the eamines. Since
the electronegativity of a nitrogen atom p orbital is greater than that of
hydrogen but is less then that of a te orbital of carbon, the polarities of
these bonds are in the sense NB“EHSf and CS“_NBfo The N~H bond ionic characters
in the amines, 1.3 2 0.7%; are larger than that of 0.71% for the isolated
bond. The O=—Np bond‘polarity varies over a larger range, from =0.27% to
~2073%.

Since the electronegativity of a p orbital of nitrogen is only
1kyl(l) > XH(l)’

and alkyl groups are found to be elactron~withdraving relative to hydrogen

slightly less than that of a te carbon orbital, then Xﬁ
in the amines. TFor exemple, the replacement of either type of hydrogen atom
in CHBNH2 by a methyl group leads to & decrease in the electron density of
the nitrogen atom. The calculated inductive effects of alkyl groups in amines
ars; therefore, very dependent on the nature of the hybridization which is

agsumed for the bonding orbitals of the nitrogen atom,
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TABLE I-XIV: Electron Distribution About Nitrogen (p Bonding Orbitals)

in Some Amines

Molscule iNH iCN Ne§ Ckirge of
% % o

in Electrons
NH3 0039 e =0, 0116
CH31\1}12 0,9 ~L.57 ~0,0035
(CH3)2NH 1014'1 ""0085 "'000029
(CHB)BN e ~0,27 +0.008).
CHBCHZNH2 1.09 2001 -0.0016
(CH3 CH2) SN 1.63 =lol2 +0. 0061
(CHB)ZCHNH2 1,20 =240 -0,0001
(CHB)BCNHZ 1.30 ~2,73 +0.0013
((CHB)BC)ZNI{ 1.98 =Lo54 +0,0111
CHBCHQCHQNH2 1012. =2013 =0,001L
Average (amines) 1.3%0,7 ~1.6%1,3 +0,003%0, 008
"Isolated" Bond 0,71 K —
NHZCH.QNHZ 0095 “"105»4» "“000036
NH20H20H2NH2 1,08 =1.99 ~0.0017
NH,,CH,,CH,CH, NH 1.12 =2013 ~0.0012

R72TRT2T2
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Base Strength of Amines

The basic strength of saturated amines in aqueous solution is
affected by the electronic structure of these molecules (71). For an amine

R,Ny.in which R, represents three different atoms or groups of atoms, the

3 3
bagse strength is measured by the simplified equilibrium constant, Kb s of the

reaction
RN+ Hy0 = (RBNH)'*‘“ + OH
K, = [(Rgmi)*':[ [os™ ] . (153)
(9]

The constant Kb is usually expressed in terms of prs

pr = h lOglO (Kb) [°] (154)

Brown et al.(71) have noted that the bage strength of amines ig
increased by a large amount of electron density at the nitrogen atom, and is’
decreased by bulky groups bonded to nitrogen which sterically interfere with
each other.

The~pr values for a number of simple amines are listed in Table
I-XV. The amines are classified in the table according to the number of
carbon afoms bonded to nitrogsn?jand within each group the amines are listed
in order of increaging base strength. Charge density data for the free and
protonated awlnes is, slso listed in Table I=-XV. The electron densities in the
free amines were calculated for the (tegtetete) valence state of nitrogen,
while those for the protonated amines were genefated from the (tetetete)
nitrogen valence state (Table I~III),

Within each of the three series of amines listed in Table I-XV,

ﬂNH and HONH2 ars also included in the "primary" amine classification.

3
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Correlation Between Basicity and Electron Density of Some Amines

TABLE I-~XV:
Amine pr
at
25°%
(a)
Primary
HONH2 74,9
/
NH3 bold
M&@&@&M& 3,89
CHBCH20H2NH2 2.99
CHBNH2 2,88
a%m%mb 2,77
Secondary
(CHB)ZNH 2,99
(0}1301120112)21\11{ 2.70
(CHBCHQ)QNH 2.60
Jexrtiary
(CHB)BN 4028
(CH30H20H2)3N 3.35
3625

(GHBCHQ)BN

iNH in
Proton=
ated

Amine (%)

28,95
24,70
23.32
23,14
23420

23.13

21,93
R21.83
21.81

20,83
20,71

20,69

14,08
15034
13.56
L4.09
L4 .21
Ao Ll

13.34
13,04
13,06

Cwer

Net, Charge
of N in
Frese Base
(in
electrons)

=0.1754
=0,2809
«0.2729
=0.2871
~0,2881
~0.2875

':"Oo 294.2
«002922

=0,2929

Net Charge
of N in

Protonated
Amine (in
electrons)

+0.0902
+0,0119
~0,0139
-0,0173
-0,0161
~0,0175

=0, 0402
""O o 0420

=000423

e Oo 0610
=0 ° 0632

~0,0637

Change in

Net Charge
of N (in
electrons)

0.2656
0,2928
0.2590
0.2698
0.2720

0.2700

0.2540
0.2502

0.2506
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TABLE I-XV continusd

Notes:

The pr are the statistically-corrected valuss given in Table 16~/
of Fo E. Condon and H. Meislich "Introduction to Organic Chemistry"

Holt, Rinehart and Winston. New York. 1960.
AiNH = (protonated amine) - i (free amine)
Change in net charge on N = Net charge in free base ~ Net charge

in protonated amine.
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both the N-H bond polarity, and the N atom charge, in the protonated amines
correlate with the pr. The base strength increases as the positive charge

of N and H decreases. Since these correlations are superior to those uging

the Lree amine charges, the bagicity of an amine is probably determined primarily
by the properties of the protonated form. The correlation of pr with N-H

bond polarity in the protonated emines ig illustrated in Figure I-6. The
existence of different correlation lines (A, B, C) for the different N atom
types is probably a steric effect.

Ote-H and O-aOte Bonds

The electron density distributions of the 0~H and C-0 bonds of soms
simple, saturated alcohols and ethers, in which the oxygen atom is assumed to
use te hybrid orbitals for bonding, are given in Table I-XVI. Since the
electronegativity of oxygen te orbitals is high, the 0O-H and C~0 bonds are
quite polar in the sense 05“, and the net negative charges of the oxygen
atoms are quite large. The ionic characters of the O-H bonds in alcohols,
about 16.6%, are slightly lower than that of 18.3% in water, and are substan~
tially less then that (25.9%) predicted for an isolated O-H bond., The C~0
bond polarities in the alcohols of 22.5 * 0,29 differ only slightly from that
of 23.06% predicted for an isolated o»oté bond. The polarities (20.5 % 0.1%)
of the (-0 bonds in the ethers are somewhat lower than those in the alcochols.
The net negative charge of the oxygen atoms in the ethers is about 0,02

electron greater than that in the alcchols (Table I~-XVI),

The B.E.E. method charge distributions listed in Table I~XVI for



Notes:

Figure I-6:

CORRELATION OF BASIC STRENGTHS OF AMINES WITH

N-H BOND POLARITY IN THE PROTONATED AMINES

Curve A represents "primary" N atoms »
Curve B represents "secondary" N atoms,

Curve C represents "tertiary" N atoms.
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TABLE I-XVI: Electron Distribution About Oxygen (te Bonding Orbitals)

in Some Alcohols and Ethers

Molecule

H20

CHBOH

(CH3)20

G GHL,0H
(CH30H2)20
(CHB)ZCHOH
(CHB)BCOH
((CH;)56),0

GHBGH20H20H‘

Average (alcohols)

Average (ethers)
"Isolated" Bond

CH,, (OH),,

CH20HGH20H

CH20H0H20H20H

18.32
16.64

16,60

16,56
16.53

160 62

16,6%0.1

250 9%

18.83
17.24
16,81

R2.40
2044,
22.51
20.4.8
22,60
22.68
20653
R2.45

22.5%0,2

20.5%0.1
23,06

17.09
2094
21.99

Net Chargs of
0 Atom
in Electrons
~0.3665
~0.3904
-0.4088
=0.3910
~0.4095
-0.3916
=0.3920
~0.4106

'_003 %7

-0.391%0,001

-0,410%0.002

=0.3593
~0.3818
~0.3880
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molecules with tetrahedrally-hybridized oxygen atoms indicate that alkyl
groups are more effective electron-releasing agents than is hydrogen when the
alkyl group replaces a hydrogen atom bonded to either the oxygen atom or to a
carbon atom directly bonded to oxygen; replacement of & hydrogen atom bonded

to any other typs of carbon atom leads to a withdrawal of electron density.

0 ~H and -0 Bonds
P P

Elsctron digtributions for the O~H and 0-0 bonds in alcohols and
ethers, in which the oxygen atom bonding orbitals are asgumed to be pure p,
are ligted in Table I-XVII., Since the polarity of all the C-0 and O~H bonds
listed is in the sense 05_, the oxygen atoms carry a net negative charge.
The average O ~H bond polarity of 6.0 £ 0.2% is lower than that of the
igolated bond (8.78%), whereas the O~0§ bond ionic characters of 6.0 £ 0,4%
are very close to that (5.85%) caleulated for an isolaeted O—Op bond. The
clear differentiation between the polarities of the O-H (and C~0) bond in
alcohols and in ethers,established for te hybridization of the oxygen,is not
found in the electron distributions for OéwH and G~Op bonds, The relative
inductive effects of alkyl groups and hydrogen atoms in alcohols and ethers
in which p orbitals are used for bonding on oxygen are the same as those
found fer amines with tetrahiedral nitrogen, since methyl groups are electron-

releasing only when they substitute hydrogen atoms bonded to the oxygen aboms

(Table I~-XVII).

Summaery of Inductive Effects

The inductive effects of alkyl groups relative to hydrogen predicted



N
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TABLE I-XVII: Electron Distribution About Oxygen (p Bonding Orbitals)

in Some Alcohols end Ethers

Molecule

HZO

CHBOH

(CHB)ZO

GH,, CH_,,0H
(GH3CH2)2O
(CH, ) , CHOH
(GH, ), cetl
((CH3)30)20
CH.; GH, CH, O

Average
(alcohols, ethers)

"Isolated" Bond

CH2(OH)2

CH.,OHCH,,0H

2 2

OHCH.,CH,,OH

CH,OHCH,, CH,,

5:99
5.87

5.98

6,07
6.14

6,02

6,0t0,2

8,78

6076

6024
6.10

6.25
6.11
6.03
6.01
5.84
5.67
5.85
5.9

6.0%0.4

5.85

4033
5045
577

Net Charge of
0 Atom
in Electrons
~0.1199
~0.1212
~0,1222
-0.1200
~0.1202
=0.1190
~0,1181
~0,1170
~0.1196

=0,120%0,003

"O o 1109
"'Oo 1169
""Oo 1186
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by the B.E.E. method calculations for hydrocarbons and their derivatives are
summarized in Table I-XVII. In this table, "R" denotes that alkyl groups
release electron density when substituted for a hydrogen atom bonded to the
atom indicated, whereas "W" represents & withdrawal of electron density when
the substitution is made. The predicted inductive effects in nitrogen and
oxygen derlvatives are in same confllict with experimental data, since alkyl
groups are usually considered to be more effective electron-releasing agents
than hydrogen when substituted at any point in a saturated alkane derivetive
contalning an atom of greater electronegativity then carbon (58). This topic

i discusged further in Part I. 4.
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TABLE I-XVIII: Predicted Inductive Effects of Alkyl Groups Reletive to

Hydrogen in Hydrocarbon Derivatives

Polnt of Substitution ®)

Nature of At At Carbon Atom At other
Heteroatom Heteqbatom Bonded to Carbon Atoms
Heteroatom

Cte W W W

.. r, (P W W

Cai R - W

Nte R W W

Np W W W

Ote R R W

Op R W W

Notes:
(2) As explained in text.

(b) R for G, 1in benzemes, W for C; 1n ethylenes.
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CARBON~HYDROGEN AND CARBON-CARBON BONDS IN AMINES, ALCCHOLS AND ETHERS

The presence of a nitrogen or oxygen atom in a chain of carbon
atoms produces changes in the C=H and C~C bond polarities. These inductive
effects are best discussed by considering both the C and H atom charge
density distributions in substituted alkane derivatives, and the CHANGES in
the charge distributions of the alkanes which occur when one carbon atom is j

replaced by a nitrogen or oxygen atom.

C-H Bonds

The ionic characters of the carbon-hydrogen bonds in the amines,
aléﬁhols.and ethers previously discussed are listed in Tables I-XIX to I-»XXIi°
A quantity AiCH is also listed in these tables for every C-H bond, and is
defined as the INCREASE in iCH in the alkane derivative over that in the
corresponding alkane which is-formed by replacing each nitrogen or oxygen
atom in the molecule by a saturated carbon atom. It should be noted that only
thé C, N and O atom frameworks of the molecules are listed in these and subse-~
quent tables, and that the atom numbering scheme differs from that used for
hydrocarbons and hydrocarbon ions.

The polarity of all the G~H bonds listed in Tables I~XIX to I~XXII
are in the sense Csm HB{*° Since the electronegativity of the te orbitals of
nitrogen, and of both te and p orbitals of oxygen, are greater than the
eloctronegativity of the carbon atoms which they replace, the C-H bond ionic
characters listed in Tables I-~XIX, I-XXI, and I-XXII are larger than those
in the alkanes (i.e. AiCH » 0 here). The electronegativity of a nitrogen

atom p orbital is less than that of carbon, and the AdCH in Table I-XX



TABLE I-XIX:

Molecular
Framework

1
C—N

2 1
C—C—N

1
C—N—C

3 21
C—C—~C~—N

2 1
C—C—N—C—C

L

Y
!

T

C

Carbon~Hydrogen Bond Ionic Characters in Some Amines
(te Hybridization for Nitrogen)

i
ClH

%
4,046

bol42

© 3.950

4 s 204

45061

3.869

4.223

6.369
4o 841

40410

20529

R.734

20503

20555

2,577

2,085

20260

2,09

2,082

2,081

L.917

1.929

1.949

40321

2.718

20266

AiCZH

0,661

0.611

00604

0,615

0.576

1,220

AiC H

3

0.193
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TABLE I-XIX continued

Note:
a) In this and in subsequent tables

AiGH = iy (in amine or alcchol) - 1oy (in alklans) e

132,
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TABLE I-XX: Carbon-Hydrogen Bond Ionic Characters in Amines (p Hybridization

for Nitrogen)

Molecular i i iy Al CAL JAVIERY
Framework ClH GIZH CBk‘I ' C].'}f CZH CB\I_{
& % %
1 .
C"—"‘N lolp59 ""00327
2 1
C—C—N 1074-3 10773 -0n305 "0.095
L
C—N—C 1.608 «0,260
3 21
G_"C'—G‘“‘N 10819 20034 10864 ""00304 ""09089 ""00028
2 1
G—C “N—C—C Lo 9.12 L. 825 “‘"09232 "00074
1
C"i\f 1.730 =0,210
C
2
G
l
l?-N 1,988 1,850 ~0,286  ~0.090
C
2
C
1!
C*?_N bl 10 917 = “"Oo 084
C
1
N—C—x Loddd - =0,604
1
N—C—(C—N L.73L =0.392
L 2

N—C—C~ C—N L.8l5 2,019 =0.329 =0.177



TABLE I-XXI:

Molecular
Framework

134

Carbon-Hydrogen Bond Ionic Characters in Some Alcohols and

Ethers (te Hybridization for Oxygen)

1 i 1 Ad A\ Al
c,H CH G,H c,H cH 0, H
% % %

60474 4,688

6.375  3.237 4e327 1.369

6,062 ko 19%

6.423 3390 2,291 46300 1.267 0.399

5,991 3.115 30847 1,216
6.291 3,210 4,017 1,270
- 3,188 — 1.187
11,366 9,318
7.811 5,688

6.844 4oT31 4,700 26535



TABLE I-XXII:

c—0

2 1
C—C—0
C—0—C

3 2 1
C—C—GC—0

G—C—0—C—C

L
0—C—0

L
0—C—C—0

L 2
0~~C—C—C—0

Carbon~Hydrogen Bond Ionic Characters in Alcohols and

Ethers (p Hybridization for Oxygen)

3.0901

3,260

3,062

3.328

3,256

30405

deo 545

30,696

30456

R.250

RodT7

202—49

2,296

2,336

2,902

2,003

1.305

L.212

L0194

1.205

L.112

1.131

2497

1.573

1,312

C,ll

0.382

0.354

0.350

0.356

0.335

0.706

C,H

0,111

135,
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are negative., The AiCH within each molecule decrease rapidly as the number
of C-C bonds between the N or O atom and the O-H bond of interest increases.
The transmission coefficients for the inductive effect are similar to those
established for hydrocarbon chains in Part I. 3. Co For the amines, alcohols,
and ethers in which te hybridization is used for the bonding orbitals of the
nitrogen and oxygen atoms, the AiCH values for the amines (Table I-XIX) are
approximately one-helf of the corresponding AiCH in the alcohols and ethers
(Table I-XXI). The B.E.E. method predicts, then, that the inductive effect
produced by ote is twice as greaf as that of N;eo

Since, in each of Tables I-XIX to I~-XXII, the AiCH for a given
position (e.g. Cl) -are almost independent of the structure of the molecule
containing one N or O atom, it can be concluded that the B.E.E. method predicts
that the inductive effect produced at a given point by either nitrogen or
cxygen substitution is virtually independent of the structure of the rest of
the hydrocarbon chain., For example, the inductive effect produced by Nte at
the Cl-H bond is AiCH =2,1% 0.2%. The Ai data for the disubstituted

CH
alkanes listed in Tables I-XIX to I-XXII indicates that the inductive effect

=~
produced by multiple substitution in the alkanss is approximately additive,
in agreement with experimental chemical and physical evidence regarding the

effect of polysubstitution (72).

G~-C Bonds

The 0~C bond ionic characters for the amines, alcohols and ethers are
listed in Table I~XXIII (for nitrogen derivatives) and Table I-XXIV (for

oxypgen derivatives). The sign convention used here is that iCC is positive
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TABLE I-XXTII:

Molecular
Fremework

2 1
C—C—N

3 2 1
C~—-C—C—N

2 1
C—C—N—C—C

N—€—C—N

L 2
N—C~C—C--N

Note:

Carbon=Carbon Bond Ionic Characters in Amines

te Orbitals for N

i
0102

g

3.561

36244

30439

3.684

3.791

0.000

2,195

i
0203

’

L.432

Al
G Gy

3 0165

36244

2,898

2,848

2,758

0,000

2.08L

a) In this table and the next,

GG

p Orbitals for N

i
G, 65

%

-0.065

"‘O 0472

0.189

0.305

0,627

0.000

"00450

i
02Q3

%

0.374

A
Gy Gy

"00331

_00352

-00431

-0 3406

0.000

"09336

isc (in amine or alcohol) - 1ag (in alkane)

137.



TABLE I-XXIV:

Melecule

2 1
C—C—0

3 2 1
C—C—C—-0

2 1
C—C—0—C—C

Carbon~Carbon Bond Ionic Characters in Alcohols and Ethers

te Orbitals for O

i
€10y

%

6.953

6,720

6,367

6,825

6,716

0,000

4,680

i
0293

%

RobRl

AiC C

172

6,557

6.720

50826

6.089

5.683

0,000

40566

p Orbitals for O

1
Gy G,

%

24226

1.877

o221

Robl5

2.635

0.000

L.223

i
CoCy
%

1,043

Ai al
1%

1.709

1.602

0.000

1.109

138,
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if the carbon atom nearest the substituent atom (N or 0) is the negative end
of the bond. The changes AiCC in C-C bond polarity due to substitution of
carbon by nitrogen or oxygen are alsc listed for the Cl-C2 bond in each case,
The lonic characters of the carbon-carbon bonds in the hydrocarbon
derivatives are much greater than those in the unsubstituted alkanes. For
each hybridization listed in the two tables, AiC -C is almost independent

1l "2
of the molecular structure. The sign and megnitude of the M, _, terms are

consistent with the relative electronegativities of Nfe’ Nb, lOte, 0p and
Cte as digcussed under "C-H Bonds."

The carbon atom net charges for the alkane derivatives with one
substituent atom are listed in Tables I-XXV and I-XXVI. All the carbon atoms
are predicted to carry a net negative charge, with the exception of those
directly bonded to Otee TFor N£a9 Op and Ote substituents, the net negative
charges of carbon are less than those in the n-alkanes, whereas for an Nb
substituent, the net negative charges are greater than in the alkanes, The

trends in the carbon net negative charges in the disubstituted alkanes are

gimilar to those found for the C-H bonds in these molecules.



TAHLE I-XXV:

Molecular
Framework

1
C—N

2 1
C—C—N

1
C—N—¢C

3 2 1
C—C—-C—N

2 1
C—C—N—C—¢C

1

v
C—N
!
C

1
N—C—N
N—C—C—N

L 2
N—C—C—C—N

Carbon Atom Net Charges in Some Amines

te Orbitals for Nitrogen
Net Charge of Carbon Atoms

G
~0.0132
=0.01L%
-0.0149

=0, 0104

"Oo 0129

"‘0: 0163

~0,0100

"'000088

+0.0279

+0,0009

""'00 0067

02 93

=0, 0403

=-0.0366 =0.0482

"Oo 0407

""090398

=0.039%

"'000%4

1400

p Orbitaels for Nitrogen
Net Charge of Carbon Atoms

Gy

"'0.0595

"O ° 0543

"'Oo 0568

=0, 0530

""Oo 0513

"'Oo 054«6

=0.0499

"0 © 014-61

"000597

""000546

=0,0531

02 03

~0.0538

""Oo 0491 ""000522

~0.0529

~0,0524

"'Oe 0512

=0.0494
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TABELE I-XXVI:

Molecular
Framswork

0—C—C—GC—0

141,

Carbon Atom Net Charges in Some Alcchols and Ethers

te Orbitals for Oxygen
Net Charge of Carbon Atoms

Gy

+0.0298
f0~0280
+0,0225
+0.0289

+0,0213

+0. 0267

+0.0253

+0.1146
+0.0532

+0.0363

G,

- Oo 0276

"'09021]-8

"0\: 0298

~0.028L

-0.0285

"'Oo 0010

C3

=0, 0»445

p Orbitals for Oxygen
Net Charge of Carbon Atoms

C C C

1 2 3

=0.0302

=0.0272 =0.0452

"'Oo 0307

"'000260 "‘Oe 0412 "Oo 0497

=0 ° 0272 =0 ° 0453

~0.0246  —=0.0444

-0.0223 =0,0437

=0.0043

"'Oo 0194

"000237 ""000336
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I. 3. E CORRELATIONS OF THE CHARGE DENSITIES WITH NeMcRo CHEMICAL SHIFTS

The B.E.E. method charge distributions for saturated molecules may
be "tested" to establish their validity by attempting to correlate the atomic
charge densities with experimental properties which are known to be strongly
dependent upon electron densities. For the molecular systems considered herein,
the nuclear magnetic resonance (N.M.R.) chemical shift is the mest convenient
experimental measure of the electronic charge density about the various nuclei,

In N.M.R, gpectroscopy, the shielding constant G of the magnetic
nucleus in a molecule is determined by the electronic environment about that
nucleus (73). 'The strength of the local magnetic field, H, at a nucleus
in an N.M.R. experiment is given by the expression (73)s

H=H (L- ¢) (155)

where Ho is the strength of the externally-applied magnetic field. A
chemical shift parameter, 0, is defined for each nuclear species relative

to ths sihlelding constant of that type of nucleus in a standard reference (73):

b = O - 6 = gy - (156)

In this equation, Hp and 63'R denote the required magnetic field at
resonance, and the scfeening constant of the nucleus in the reference sample.,

The shielding constant & for a nuclei L in a molecule is con~
veniently subdivided into parts according to the approximate scheme of Saika
and Slichter (74):

sl = c e oy Y g, ) gloring (157)
P ML ring °
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The terms & dLL and (S'PLL are those diamagnetic and paramegnetic

contributions to & L which cen be localized on atom L. Tﬁe term

L

:E: (S‘LM represents the anisotropic screening contribution to & due

ML

to local electron currents on atoms other than L. The term 2 6 L,ring
ring

is a screening term which is important only in molecules with substantial
ring currents, and will be of negligible magnitude for the molecules to be
considered (73).

The locsal diamagnetiq.séreening texrm, o) Q is given by the

formula (75)

ot =2 2 ) - (158)
. 3 mC2 21 o

vhere e, m are the charge and mass of the electron, ¢ is the speed of light,
and <: ra-1'>> is the mean inverse distance of electron a from the nucleus
L. Since the summation over & is over all the electrons on the atom, the
local diamagnetic screening contribution to CT ‘will ge directly proportional
to the electron density of the atom. The rate of increase in O a with
charge density is about 15-20 parts per million (p.pe.m.) per electron for °
carbon and hydrogen (73,75). | . . .

Except for hydrogen ﬂucleig variatiqns in the local paramagnetic
. gcreening term, Cj'pll; are mainly responsible for the range of observed
chemical shifts. According to Pople's LCAO-MO theory of diamagnetism (76),

'e) LL may be approximately'expressgd for hydrogen and carbon as

P
O = o r3 > o B Oy (159)
2’ c® AL M '

In this equation, A is (L/2 7) times Planck's constant, h ; AE is an



average electronic excltation energy, <<'r-3:> 2p is the meen inverse cube
radius of the 2p atomic orbitals; and }E:_ QLM is a term involving the
M .

bond orders of the occupied molecular orbitals. (75,76). The Cj~pLL
contribution to the screening constant L is quite large for carbon atoms,
and is dependent upon the total electronic charge density about the carbon |
atom, since as this charge density increases the 2p orbitals expand and

the term <:r-3:> 2p decreases. Pople (76) has shown that, if the net charge

associated with the carbon atom L is -qr, electrons, then for small values

~3> : i
of g <:r 2p varies linearly with qy, ¢

<r"3>2p = x.q.gs. (L= 0.323 q) (160)

a
0

In this expression, a is the Bohr radius.

Provided that the variations in the terms AR, X QLM s and
M

:E:(j‘LM' are glight, the shielding constant O for hydrogen and carbon
MAL

atoms should be directly proportional to the charge density about these atoms,

LL
d

For the saturated molecules considered in the present work, the term 3 QLM
M

is almost constant if the bonds formed by atom L are not too lonic (765,77) .

gsince both U and O pLL increase linearly with the net atom charge.

Any deviations from linearity of charge density versus screening constant
correletions will, therefore, be due to variations in the average electronic
excitation energles, AR, and/or to variations in the neighbour anisotropy

8screening contribution :Er C?’Lyt or to the inaccuracy of the calculated
MXL

charge density distributions.
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136 N.M.R. Ghomical Shift Correlstions

The experimental 130 N.M.R, chemical shifts in aromatic molgcules
are strongly dependent upon the electron charge density associated with the
pi atomic orbitals of the conjugated carbon stoms (73575,76,78) . Spiesecke
and Schneider (79) measured the 130 N.M.R., chemical shifts in the series
C5H5- 9 C6H6 9 C7H7+ s 08H82- s and determined that the rate of change of
the shielding constent with electron density is about 160 p.p.m. per pi
electron. Other correlations of pl electron charge density with chemical
shift have established this rate of variation to be in the range of 160-200
Pepello per electron (78),

Semi-quantitative correlations of the 130 N.M.R. chemical shift
with carbon atom charge density have been established for certain geries of
saturated and unsaturated hydrocarbon derivatives by using inductive effect
parameters such as the Pauling electronegativity or Hammett G~ value of the
substituent atoms or groups (73). Any deviations encountered in such correla-
tions are usually attributed to variations in the neighbour anigsotropy

screening contribution, zzj CT'LM .
MXL

Grant and Paul (80,8l) measured the 13C N.M.R. chemical shift
(relative to benzene) of each inequivalent carbon atom in the n-alkanes
C3H8 to C10H22 s and in several branched hydrocarbons. The chemical
shifts, BL > Tor the carbon atoms L in the n-alkanes can be accurately

described (80,8l) by the linear expression

b = 131.26 + % Ry Ny , (161)

vwhere RM is an empirical constant for the presence of a carbon atom in the
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Mth position relative to carbon atom L, and NLM is the number of carbon

atoms in the Mﬁh position. The summation 2. runs over all the possible
: M

positions (ay By, - » o) relative to carbon atom L. The empirical constants
RM were fitted from the experimental data, and the standard devietion of
the empirical fit for all thirty chemically inequivalent carbon atoms in the
n—-alkanes GH4 through Cioflop was only 0.21 pepem. (80,8l). The empirical
correlation is less satisfactory when branched alksnes are also considered
(80).

Grant and Paul (80) found that the empirical constants R
corralate linearly with the estimated neighbour anisotropy variations due
to carbon-carbon bonds, However, the magnitude of the neighbour anisotropy

contribution, zz: (S‘LM » 1s probably of minor importance in determining
ML
the chemical shifts in the alkanes (80). If the range of chemical shifts

observed for the alkanes is due to variations in the neighbour anisotropy
screening term, then A ><b~c s Tthe enisotropy of the magnetic susceptibility
of a carbon-carbon single bond, would have to be approximately two orders of
magnitude greater than all previous estimates (80,81).

The 3¢ N.M.R. chemical shifts, (relative to benzene) of the

C9
n-alkaneg CH4 through ClOH22 listed by Grant and Paul are given in
Table I-XXVII. This table of chemical shifts is set up so that comparisons
with the corresponding carbon atom net charges (Table I-IX) can be eagily
mede. The trends in the 130 chemical shifts (Table I~XXVII) correlate
qualitatively with the net atom charges (Table I-IX), Within each n-allkane

molecule, both 50 and the excess negative charge (qC) of the carbon

atoms decrease in magnitude as the centre of the wolecule is approached.



TABLE I-XXVII:

Notes

Value

of m

N

o R 0N v W

10
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Experimsntal 130 NoMoRo Chemical Shifts in pep.m. &,

for the n=~Alkanes QmH2m+2

Chemical Shift® (Relative to Benzene) at Position

0y c, c, c, C
130.8
122.8

113.10 112,62

115.48  103.68

114.97 106,13 %ol

114.82 105,78 96,66

114,75 105,70 96.30 99.23

114,65 105,67 96,32 99,02

114,67 105,62 96,25 98. 85 98058
114.55  105.72 96,26 98,78 98.43

a) Data from reference 80,
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For. carbon atoms of & given position, for example Cl9 both 50 and dg
generally decrease with increesing chain length, and the changes in both
quentitles which occur between successive n-alkane molecules decrease rapidly
with increasing chain length. Deviations from the parallel variation of 50
and q, consistently occur yhenever the carbon atom concerned is bonded to one
or more ethyl groups.

The chemical shifts and net charges of the carbon atoms in gome
branched hydrocarbons have been listed in Table I-VII. The chemical shifts
of the carbon atoms of all the alkanes listed in Tables I~VII and I~XXVII
are plotted in Figure I-7 against the corresponding carbon atom net charges.
The darkened circles in this and in the next figure in this section denote
points corresponding to two or more chemically inequivalent atoms which have
almost identical vaelues of the chemical shift and net charge.

Since the scatter of points in Figure I-7 is quite large, no single
correlation curve has been drawn through the points. The correlation of the
chemical shifts and the net charges of the carbon atoms is substantially
improved if the points which correspond to any carbon atom which is bonded to
a branched or unbranched chain of length two carbon atoms are not considered.
The correlation plot for the remaining carbon atoms is given in Figure I-8.

The plot in Figure I-8 indicates the existence of an approximate
linear correlation of 50 with g for the restricted set of carbon atoms
considered. As expected from previous theoretical and empirical considera=
tions, the shielding constant of a carbon nucleus (as expressed in terms of
its chemical shift) increases with increasing cha;ge density around the
nucleus. The slope of the correlation lins, approximately 2100 p.p.m. per

electron, is about ten timss as large as previous estimates of this quantity

(78). .



Figure I-7:

PLOT OF 130 N.M.R. CHEMICAL SHIFT AGAINST CARBON ATOM

Notes:

NET CHARGE FOR THE ALKANES

bc is the 3G chemical shift in p.pm. relative to
benzene ,

g is the carbon atom net charge in electrons,
Filled-in points represent two or more carbon atoms
with nearly identical q; end BC values.

All carbon atoms in the alkanes listed in Tables I~VIT

and I-IX are represented on the graph.
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Figure 1I-8:

PLOT OF 130 N.M.R. CHEMICAL SHIFT AGAINST CARBON ATOM
NET CHARGE FOR SELEGTED CARBON ATOMS IN ALKANE MOLECULES

Notes: a) See notes a, by, and ¢ for Figure I~7,
b) The carbon atoms represented are the same as thoge in
Figure I-7, except that carbon atoms bonded to
mC(Rl) (R2)CH3 groups (where the R are alkyl groups

or hydrogen atoms) have bsen eliminated,

150,
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If the 130 chemical shifts for the carbon atoms in specific series
of alkane molecules are plotted agalnst the corresponding charge densities,
other correlation lines can be established. For example, two straight line
correlations are found in the methylated methanes series, (CHB)A-m Cﬂm
(Figure I-9). Curve A represents the central carbon atoms in this series,
while curve B represents the methyl group carbon atoms. The siope of line A
is almost identical to the correlation line slope of Figure I-8, whereas the
line B slope, 6000 p.p.m. per electron, is three times as large.

The slopes of the correlation lines in Figures I~8 and I-9 are of
the expected sign, and this agreement between the calculated and "experimental®
trends upon alkyl substitution represents a limited experimental confirmation
of the electron withdrawing effect of substituting alkyl groups for hydrogen
atoms in the alkenes. The fact that the correlation line slopes in Figures
I-8 and I-9 are much greater than previous estimates indicates that the
electronegativity equalization msthod probably underestimates the changes
which occur in the ionle character of localized chemical bonds when the
molecular environment is altered. 'The spread of polnts encountered in the
correlation of Figure I-8 indicates

i) that the electronegativity equalization method correctly predicts
the overall trends in the variation of electron dengity between the
different carbon atoms but falls to assess the finer details of the
charge density variations correctly, and/or

ii) that although the 130 chemical shifts in the alkanes are primarily
determined by"the charge density variations, small differences in the
nelghbour anisotropies and in the average electronic excitation energies

for different carbon atoms and for different, alkanes do occur, and these



Mgure I-9:

PLOT OF 13 C N.M.R. CHEMICAL SHIFT AGAINST CARBON ATOM

NET CHARGE FOR THE SERIES (CH,) CH
3%~m Tm

Notes: a) See notes a and b for Figure I~7.
b) Curve A represknts the central carbon atoms ,

Curve B represents the carbon atams of the methyl group.

152,
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changes do not parallel the variatiors in electronic density. There is
no apparent reason why the carbon shifts of the carbon atoms associated
with ethyl groups should fail to correlate with the elecﬁron densities in
the same manner as the other carbon atoms. Grant and Paul (80,81) have
also noted the psculiar trends in the chemical shifts for carbon atoms
bonded to ethyl groups.

Savitsky and Namikawe (82) have measured the 130 NeM.R. chemical
shifts of the carbon atoms in a series of simple alcohols (CHB)B‘m CH_ OH.
The central carbon atom chemical shifts (relative to benzehe) decrease as
80,7, 718, 66,1, and 61.3 pepeme for m = 3, 2, 1, and O respectively. The
methyl group carbon atom chemical shifts in this series are substantially
higher, and decrease as 11l1l.9, 104.7, and 99,2 PoPollo fér m=2, 1, and O
respectively. The calculated carbon atom charge densities for these alcohols,
assuming te oxygen atom hybridization (Table I~XXVI), increase as m decreases
for both the central carbon atoms and the methyl group carbon atoms, in
contrast to the trends in the shielding constants. The trends in the carbon
atom charge densities, calculated for these alcochols in which the oxygen atom
uses p bonding orbitals (Table I-XXVI), agree with the trends in the chemical
shift data. The correlation bstween 50 and g (vith the oxygen etoms
using p orbitals) is shown in Figure I-10. Two correlation lines can be
established, curve A, of slope 2400 PePele por electron for the central
carbon atoms, and curve B, of slope 8300 ppp}ﬁo per electron, for the methyl
group carbon atoms. The exlistence of two separate lines, and the relative
slopes of these lines, are similar to the correlations for the (GH3)4mm CH
series (Figure I~9). A correlation batwsen BC and d for the

chloromethane series CHm Cl@»m (m=4y, 3, 2 l, and 0) has bsen established
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PLOT OF

13

Figure I-10:

C N.M.R. CHEMICAL SHIFT AGAINST CARBON ATOM

NET CHARGE FOR THE ALCCHOLS (cH3 )3~m CH_OH

Notes:

a)

b)

See notes a and b for Figure I-7, and note b for
Figure I-9.
The carbon atom charges are for the alcohols if p

orbitals are used by oxygen for bonding.
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by Whitehead, Balrd, and Kapiansky (54) who calculated the charge distributions
in these molecules by the B.E.E. method. The chlorine atom bonding orbital
hybridizations were estaeblished by the use of 3501 nuclear quadrupole
regonance spectra. The pcints corresponding to the carbon atoms in athyl
chloride did not fall on the chloromethane correlation line, of slope 300

Pepems por electron, when calculated in the same manner (54).

lH N.M.R. Chemlcal Shift Correlations

The range of chemical shifts for the proton is much emaller than for
other nuclei, since the total electron density in the vicinity of the proton
ls very small, and because the local paramagnetic shielding term (5~pLL is
far less important for Iy than for 1309 19F9 etco (73). The proton
chemical shifts are, consequently, determined by the local diamegnetic term

CS'dLL, which is dependent upon electron density about the proton to the
extent of about 20 p.pe.m. psr electron, and by the neighbour énisotropy con=
tribution to the shielding. The latter effect is expscted to be very
important for protons, since the electron density about this nucleus is
relatively small, and the proton is quite exposed to currents flowing on the
other atoms in the molecule.

The proton chemical shifts in some series of molscules have been
correlated with the hydrogen atom charge densities either by a direct
corregpondence of the two parameters, or by means of relative charge density
criteria such as the electronegativity or the inductive effect parameters of
the neighbouring atoms in the molecule (73).

Pople (83) has noted that the screening constants ¢ of hydrogen
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nuclel bonded to carbon atoms in the alkanes are in the order

S () > O (-aiy) > O (-au,) > O (-am) ,
and has suggested that these differences sre due to changes in the electron
density around the protons. The range of experimental lH chemical shifts,
and the range of electron density around the proton, for the series of
alkanes considered in the present study, are listed in Table I-XXVIII. The
calculated hydrogen atom electron densities in this series decrease as the
number of hydrogen atoms bonded to the carbon atom decreases, in agreement
with the shielding constant variations. There is very little overlapping of
eithef chemical shift or charge ranges between hydrogen atoms of different
types. Although the screening constant and charge density trends between
carbon atoms of different types are in agreement, there is no general
correlation of these two quantities for different hydrogen atoms within
each series.

The correlation between 1H chemical shift and hydrogen atom charge
dengity for the methylated methanes series, (CHB)Awm Gl , is illustrated in
Figure I~1l. The slope of line A, the correlation line for the hydrogen
atoms bonded to the central carbon atom, is in the correct direction, but is
about ten timss as large as expected (190 p.p.m. against 20 PoPolls expected).
The slope of correlation line B, about 30 PoPollc POT electron, is also in
the correct direction, and is of the expected size. The variations in chemical
shift in this series have been attributed by Moritz and Sheppard to variations
in the neighbour anisotropy screening contributions to the screening constant
(84). The neighbour anisotropy effect changes with m should be much larger for

protons bonded to the central atom than for the hydrogen atoms associated with



TAHLE I-XXVIII:

Type of G-H
Bond

CH4
=CH

>cH

\\ V4
(o
=]

Note:

157.

lH NeMoR. Chemical Shift and C-H Bond Polarity Ranges

in the Alkanes

Range of Iy -

N.M.R. Chemical

Shifts (a)

6.95
6.29 £ 0.04
5.92 & 0.08

5.6 % 0.2

Range of G-H
Bond Ionic
Characters(%)

1.48
10 90 ‘-‘*“ 0012
+
Rol5 = 0,11

2.34 ¥ 0,07

Range of H
Atom Charge
Density (in
Electrons)
0.9852

+
0.,9810 - 0.0012

+
0,9785 - 0,0011

0.9766 ¥ 0.0007

a) See footnotes of Table I-VII for the sources of N.M.R. chemical

shifts (given in p.pem. relative to benzens) .
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Figure I-11:

PLOT OF lH NoM.R. CHEMICAL SHIFT AGAINST
C-H BOND POLARITY FOR THE SERIES (CHB)A_m Cgm

Notes: a) 6H is the proton chemical shift in pepem. relative

to benzene,

b) 1oy is the C~H bond ionic character in per cent, in the

5+

sense H
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the methyl groups. The very large slope of correlation line A may, then, be
due to & combination of parallel variations in the contributiong from the

local diamagnetic and the neighbour anisotropy terms of the screening constant

expression.

Murthexr Discussion

Although the lH and 130 N.M.R. chemical shift correlations with
the hydrogen and carbon atom charge densitieé in the alkanes are only approxi-
mate, both sets of correlations clearly support the basic conclusion drawn
from the electronegativity equalization calculations that alkyl gfoups are
electron-withdrawing agents relative to hydrogen in the alkanes.

Schaefer and his co-workers (85) have shown that there is an
excellent linear correlation of the proton chemical shifts with the B.L.E.
method hydrogen atom charge densities for the chloroalkanes. In this correla~
tion, the proton chemical shifts determined by McClellan and Nicksic (86) for
both carbon tetrachloride and cyclohexane solutions were separately plotted
against the hydrogen charge densities calculated by Whitehead, Baird, and
Keplansky (54). In an additional plot, the 'hydrogen-bonded shifts" of four
alkyl chloride hydrogen atoms were shown to bes linearly dependent upon the
calculated hydrogen atom charge densities. The slopes of the correlation
lines for cyclohexane and carbon tetrachloride solutions of the chloroalkanes
were both approximately 46 pep.m. per electron (85).

Some chemical shift data has been reported for the 14N nucleus
in the saturated amines discussed in the previous section of this study. The

14N chemical shift variations in such nitrogen compounds correlate with the
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changes in the average elsctronic excitation term of the local paramagnetic
screening contribution (87). There is no correlation between the 14N
chemical shifts and the nitrogen atom charge densities calculated herein for

either the amines or the protonated amines.
The 3501 N.M.R. chemical shifts in the chloromsthanes have been

recently reported by Saito (88). Kaplansky and Whitehead (70) have established
a linear correlation between these 3501 chemical shifts and the corresponding

chlorine atom net charges calculated by the electronegativity equalization

methOdo
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L. 4o FURTHER DISCUSSION AND CONCLUSIONS

In Part I. 2, the Principle of Electronegativity Equalization was
analyzed using molecular orbitel theory and the linear combination of atomic
orbitals approximation. Defining electronegativity as the first derivative of
the energy (molecular or atomic) with respect to the electron density (atomic
or orbital) provided a direct link between the LCAO-MO theory and the electro-
negativity equalization concept. The introduction of the localized chemical
bond concept (into this molecular orbitsl framework for electronegativity
equalization), together with neglect of interatomic molecular energy terms,
led to the B.E.E. method for the calculation of molecular electron densities.

The B.E.E. method is also related to earlier electronegativity-~—
ionic character theories, such as that df Pauling, gince the idea of localized,
two~electron bonds is retained, and each bond has associated with it an ionic
character determined by the electronegativity'properties of its constituent
atoms. The B.E.E. method differs from earlier electronegativity theory in
that the ionic character of a bond is explicitly dependent on the polarities
of the other bonds in the molecule.

The modification of earlier electronegativity and ionic character
formulae for a bond to reflect the polarities of other bonds in the molecule,
has been proposed by several workers (21,66,89;90)o In the method of Daudel
and Daudel (21), for example, the dependence of the "Pauling" electronegativity
of an atom on its net charge was evaluated using the depsndence of electro-
negativity on effective nuclear charge., A self-consistent field technique
wags used to calculate atomic net charges by combining the electronegativity-

net charge functicn with Pauling's formule for the ionic character of a bond,
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equation 9 (90). The advantages of the B.E.E. method over tuis procedurs
are that
i) the dependence of electronegativity on atomic charge is a direct one,
since the electronegativity function is defined explicitly by atomic
properties (ionization potential and electron affinity) whose dependence
on charge can be directly evaluated,
ii) the orbital nature of electronegativity is fully recognized in the
electronegativity function used in the BoEcE. method, and
1ii) there is soms theoretical justification for the electronsgativity-
ionic character relationship used in the B.E.E. method, whereas Pauling's
ionic character equation is based on an approximate, empirical correlation
using dipole moments,

The "bond electronegativity equalization method" is then best
regarded as a hybrid of molecular orbital theory with conventionsl electro-
negativity concepts., The molscular electronic distributions calculated by
the B.E.E. method were shown (Part I. 3) to account semi-quantitatively for
several known aspects of electronic effects in saturated molecules, such as
the transmission of inductive effects through carbon-carbon bonds, the
stabilization of carbonium ions by alkyl groups, the nature of the inductive
effects produced by substitution of a heteroatom into an alkane molecule,
etc. The correlations of atom charges calculated by the B.E.E. method with
N.McR. chemical shifts are as good ag, or better than, the correlations
obtained when the atom charges are estimeted by standard LCAO-MO techniques
such as the Extended Huckel Method (91).

Some of the more surprising aspects of the inductive effects

predicted by the B.E.E. method are difficult to test due to the lack of
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relevant experimental evidence. For example, very little information is
available about the relative inductive effects of alkyl groups and hydrogen
atoms in the alkanes. The N.M.R. chemical shift trends in these molecules do
provide some support for the prediction that alkyl groups are electron-
withdrawing relative to hydrogen in such molec;ules° In addition, some recent
chemical evidence concerning the feactivity (92,93,94) and dipole moments (95)
of alkanes has been interpreted in terms compatible with the B.E.E. method
predictions. In these studies, it was concluded that the normal inductive
effects of methyl groups and hydrogen atoms can be reversed when there are no
highly electronegative atoms close to the carbon atom at which the substitu~
tion occurs (94,95). It will be interesting to see how close the BoE.E.
method results come in predicting the point at which the inductive effects
of alkyl groups and hydrogen are reversed, when more chemical evidence con=
cerning this effect is available.

One of the interesting features of the B.E.E. method calculations
1s the relatively wide range of values found for the electronegativity of a
group in various chemical environments. Since the "Mulliken" electronsegativity
of a group of atoms is quite dependent on the group or atom to which it is
bonded, it is impossible to construct a scéle of relative group inductive
effects applicable over a range of chemical environments from the B.E.E.
calculations. The variation of group electronegativity with environment shows
that empirical estimates of group electronegativity, such as the Taft & .
parameters (72), are valid only for molecules in which the electronic
environments of the grouﬁs are gimilar.

The Bo.E.B. calculations show that the Mulliken electronegativity of

an atomic orbital of a polyvalent atom in a molecule is not necessarily close
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to that for the orbital in the valence state of the isolated atom. For
example, X(l) for a te orbital of an oxygen atom in a molecule isg usually
lower than the isolated atom-velue, since the bonds to oxygen are qulite polar
| in the sense OE’-° Hence, the ionic character of Ote—H bonds in alcohols

is substantially'lowef than that predicted for an isolated Ote-H bond.
Although the self-consistent field B.E.E. method ionic characters for a bond
are generally quite different from the polarity of the same isolated bond,
the S.C.F. ionic characters of a given bond in similar molecules are usually
quite similar,

The greatest deficiency of the B.E.E. mothod lies in the difficulty
of total molecular energy calculations. Since no interatomic energy terms
are explicitly considered in the calculations, the extra ionic resonance
energies calculated by this msthod (equation 83) will be very small in
comparison with the experimental results. The inclusion of interatomic
electrostatic and resonance energy terms into the bond electronegativity
function, as suggested in Part I. 2y, would partially relieve this difficulty.
Such changes would also increase the megnitude of the ionic characters of
bonds, and increase the ghanges in these ionic characters when the molecular
environment is eltered. The lonic characters of the halogen-alkali metal
bonds would then be increased to more chemically reasonable values, and the
rate of change of N.M.R. chemical shift with electronic density obtained from

the correlations would be more in line with those expected from theoretical

considerations.
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APPENDIX I:
DESCRIPTION OF THE COMPUTER FROGRAMME USED FOR ELECTRONEGATIVITY EQUALIZATION

CALCULATIONS

An iterative, self-consistent field procedure must bs used to calculate
molecular charge distributions for polyatomic molecules by the bond elsctro-
negativity equalization (B.E.E.) msthod, A camputer programme has been written
in IBM Fortran IV languege to automatically carry out these calculafions, once
certain information concerning the molecule has been supplied. This programme
was used to calculate the charge density and electronegativity data required
in Part I of the present study,

The programme is divided into two sections, the "main" programme
called BEEM, and a "subroutine" termed PARAMT, The symbols used in both these
segments are identical, and are listed in Table I-XXIX,

The input data required for each molecule may be discussed by
refarence to the "EBEEM CALCULATION SHEET" given in Figure I-12., Such a sheet
has been composed for each molecule considered. The sheet illustrated is
that used for the methanol molecule CHBOHo

In a molecule, each chemically inequivalent atom ig assigned a .
number which is shown as a circled integer. The atomic orbitals forming each
chemically inequivalent bond are also numbered such that the orbitals of the
first bond are 1 and 2, those of the second bond are 3 and 4, etc, If two or
more bonds formed by the same atom are chemically equivalent, then the same
orbital number is assigned to each equivalent atomic orbital of the atom. For
example, the three equivalent te hybrid orbitals of carbon which form C-H

bonds in methanol are all numbered ng.n
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Definition of the Symbols Used in the "BEEM" and "PARAMT" Fortran IV Computer

Programmes

SYMBOI

III
NCASE
NATOT
IB

IC

Nz (I)
NL(I)
N2(1)
N3(I)
N4 (I)

Ml

M2 -

M3

M,
L1,L2,L3,L4
Q(I)
QA(I)
NG(I)

DEFINITION

Determines type of valence state to be used for Ny, 0, S.

Code number for molecule (Integer between 1 and 299),

Total number of chemically inequivalent atoms in the molecule.

Total numbsr of inequivalent bonding orbitals in the moleculs.
it n 1" n )] " -n "

Mexclmun number of iteratlons allowed for one molecule.

Atomle numbsr of atom I.

Code numbers of the four valence=shell orbitals of atom I,

Initiel, integral charge densities of the four valence-shell
orbitals (NL(I), N2(I), N3(I), W4(I) ) of atom I.

Seme as NL(I), N2(I), N3(I), N4(I) respectively.
Charge density of orbital I for current 1lteration.
" " " " " " previous iteration.

Code number of atom to which orbital I belongs.



TABLE I~-XXIX

SYMBOL

D1(I)
D2(I)
D3(I)
F1.(I)
F2(1)
F3(1)
B(I)
c(1)
XX(I)
NIT

L I4
Jl J4

NTI, NTJ

PTI, PTJ
AFIL, AFJ

Y

continued

DEFINITION
Value of electronegativity parameter o for orbitals of atom I.
uooom n " B n n noon
n " " n Yy " " " "
n " n n d n n n n
f " n n € n n "
n " " n §, " ] n n
e " " b  for orbital I.
" " 1" " c n n "
Value of the electronegativity X o L "

Iteration number,

Code numbers of the four valence~shell orbitals of the same
atom as orbital I, J,

Sum of the charge densities Q of all the valence=shell
orbitals except I (or J) on same atom ag orbital I (or J).
lonization potential of orbital I (or J)e

Electron affinity " " nowon

Total charge density of orbitals of an atom,
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Figure I=-12:

"REEM" CALCULATION SHEET FOR
THE METHANOL MOLECULE

Notes: a) represents a bonding orbital
= = = = represents an "imaginary" orbital or a
"lone-pair" orbital ,

b) Nz is the atomic number; N1 to N4 are atomic orbital

numbers; ML to M4 are initial orbital charge

densities,
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B.E.E.M. CALCULATION SHEET

CASE NO.| 5

MOLECULE

CHzOH
MOLEGULAR NUMBERING SYSTEM
e, |
—~-He\l\® @ D . 7,

H—+=2 C“*—‘ Q "“l-"H““““

H/ // \

CONTROL CARD

051 [004|006| 009
DATA CARDS
NZ | NI [N2|N3|Na|[MI |[M2[{M3 | M4
| L7177 | O] 0O @)
81213 818 I |l { O | O
c |4 | 5] 5|5/ | | | |
| 91921 10] 0|0
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The first set of data supplied to the computer for a moleculs is
listed under the "control" card heading in the calculation sheet. The integer
in the first block is the "case number" asgigned to the molecule, and ig
entered into the computer as the variable NCASE. The integer in the second
block represents NATOT, the total number of chemically inequivalent atoms in
the molecule. The third block is used for IB; the total number of non-
equivalent bonding atomic orbitals, and the fourth block represents I1C, the
total number of inequivalent atomic orbitals of all types.

In addition to the information punched on the "control" card, a
"data" card must be punched for each inequivalent atom. The information on
these data cards is given in each row which is divided into nine sections on
the calculation sheet. The data for the ith atom is listed in the ith row
in this matrix. The first variable of each row is NZ, which represents the
"atomic number" of the atom. These "atomic numberg" correspond to the real
atomic numbers of the atoms concerned with the following exceptions:

66 for the (trtrtrﬂi) valence state of carbon

NZ =

Nz = 67 for the (trtrtrm®) valence state of carbon

NZ = 68 for the (didinlﬂl) valence state of carbon

Nz = 77 for the (tetetefe) valence state of nitrogen ,

The entries N1, N2, N3, N4 correspond to the orbital numbsrs for the atom
concerned. If two or more orbitals are equivalent, their numbers will be
identical. Lone~pair, vacant and gingly-occupied non-bonding orbitals are
numbsred from (IB+ 1) upwvards, and are listed under the N1 to N4 headings.
The programme was devised for atoms which have four valence=ghell orbitals,
and therefore four orbital numbers NI, N2, N3 and N, must be listed. In the

case of the hydrogen atom which has only one valence-shell atomic orbital,
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an erbitrary integer between (IB+ 1) and IC is listed in the columns N2, N3,
end N4 for each hydrogen atom.

The entries ML, M2, M3, and M, for each atom correspond to the .
initial, integral values used by the programme for the charge densities of the
orbitals N1, N2, N3 and N4 respectively. Values of zero are listed for M2, M3
and M4 if the atom concerned ig hydrogen. Initial charge densities of bonding
orbitals can be listed as 0, 1 or 2 although it is usually more efficient to
list then all as l.

Some caution must be exercised in the asgignment of Ml to M4 values
to non-bonding orbitals. If the charge dengity of the orbital concerned is
included in the sum T for the atom (see Part I, BO'A), its actual, integral
charge density must be listed. If the charge density of the non~bonding
orbital is not included in T, its initial charge density must be listed as
ZET0.

A "data card" for each atom, and a "control card" for the molecule,
are required for each molecule,

The manipulations exwcuted by each part of the "BEEM" and "PARAMT"
programmes are described in Table I-XXX by reference to the "INTERNAL
STATEMENT NUMBERS" (ISN) concerned. "Source" listipgs of the BEEM and PARAMT
sections of the programme are illustrated in Figures I~13 and I—lA‘respectivelyo

The input datae which is transferred from the main programme to the
PARAMT subroutine consists of the numsrical values of the variables NzZ(I), I,
and III for the atom I. The function of the subroutine is to assign the values
of DL(I), D2(I), D3(I), FL(I), F2(I), and F3{(I) for atom I based upon

i) its atomic number Nz(I), and

il) the type of valence state to be considered, as given by III,
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TABLE I-XXX: Description of the "BEEM" Computer Programme

ISN (see Figure Description
1-13)

O-—1 "Comment! statements. These are not operations but are simply
comments listed to ald the user of the programme.

1 DIMENSION statement. This statement defines the maximum size
of the one-dimensional matrices NZ . . . XX used in the
programms .

2 REAL statement—~converts the variables NTI, NTJ from integers to
"floating point! variables.

3, 5 Before a set of molecules is considered, a parameter III is
read. If III is equal to 1, (sppp) valence states are used
for N, O, and S atoms. If III is 2, (tetetete) valence states
are used for these atoms.

6, 13 Reading of the "control card" for each molecule.

14 The value of NCASE is automatically increased by 300 (from the
value read in) for (tetetete) valence states of N, O, and S.

17 NMAX defines the meximum number of iterations to be used for
any one molecule,

20, 21 The data read in at 6, 13 is printed out.

22 The "DO 40" loop is defined. Each operation from ISN 23 to
ISN 50 is then repeated for each atom from 1 to NATOT,

23, 30 The "data card" for atom I is read.

3L, 32 Ihe data read in above is printed out.
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TABLE I~XXX continued

ISN (see Figure Description
I-13)

33=-~=36 - Variables Ll, L2, L3, and L4 are defined as the orbital

| numbers N1(I), N2(I), N3(I), and N4(I).

¥ L The initial charge densities ML to M4 of orbitals Ll to
L4 are entered into the QA matrix.

4L3===16 The NC matrix is defined. NC(J) represents the number of
the atom associated with orbital J.

47 The subroutine PARAMT is called. This subroutine aggigns
the ionization potential and electron affinity paremsters
&% By Ys 0, € , end f to each atom I. In the
programme, these parameters are called DL(I), D2(I), D3(I),
F1(I), FR(I), and F3(I) respectifelyo

50 "DO 40" loop ended.

52, 53 ' Initial values of the matrix Q are defined ags the corres-
ponding values in the QA matrix.

57, 60 Some as ISN 52, 53 for iterations other than the first.

63 The "DO 0" loop is started; this loop ends at ISN 123.
Since 12 has been defined as (IC - 1), this loop treats every
hond in the molecule,

64, Asgigns a value to J, the second orbital in the bond formed

by orbitals I and J.
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TABLE I~-XXX continued

ISN (see Figure

I~13)

65, 66

67---76

77, 100

10l---110

111

114, 115

116, 117

120

Description

IA and JA defined as the atom numbers to which orbitals

I and J belong »

Il to I4, and Jl to J4 defined as the orbital numbers
a3goclated with atoms IA and JA respectively.

NTI, NIJ calculated for orbitals I, J from the charge density
Q matrix. NTIL and NTJ represent the sums of the charge
densities of the valence-shell orbitals of atoms IA and JA
respectively; NII and NIJ do not include the charge densities
of orbitals I and J respsctively. ’

The operations in these statements define PTI, PTJ, AFI, ATJ,
B(1), B(J), C(I), and C(J) which correspond to the electro-
negativity equation parameters IIy IJ, AI’ AJ9 bI’ be

Cr and cy respeétively°

Transfers control of program to ISN 121 if I, J are non~bonding
orbitals.

Define XX(I) and XX(J) corresponding to the electronegativities
X (1), and XJ(l)e

New charge densities Q(I) and Q(J) defined by the ionic
character equation.

Programme control transferred to ISN 123,

gy,
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TABLE I-XXX continued

ISN (see Figure
I-13)

121, 122

123
L25===133

134~~~135

140--=152

Description

Calculates bond electronegativities XI and XJ (for the charge
densities Q(I) and Q(J) for non-bonding orbitals I, J.
Defines end of "DO 10" loop.

The charée densities Q(I) are compared to those of the
previous iteration, QA(I), for each I to establish whether

a self-consistent charge density distribution has been found,
The criterion for self-consistency is that all the terms

IQ(I) - QA(I)I are less than 0.000002 electrons. If self-
consistency has been established, control of the programme

is transferred to ISN 153. If not, the programms is trans-
ferred to ISN 134.

Calculates the iteration number and tests to see if the
maximum number of iterations has bsen reached, since the
charge densities do not yet form a self-consistent fisld.

If the maximum number has been reached, control is transferred
to ISN 140. If not, control is transferred back to ISN 57,
and all the operations between ISN 57 and ISN 134 are repeated
in a new iteration.

Since the maximum number of iterations has been reached
without self--consistency if the control is transferred to

this point, a mesgsage "NO CONV" is printed. The next molecule
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TABLE I~-XXX continued

ISN (see Figure Description
1-13) |

is then considered by transferring the control back to ISN 6.

L153===154 Since an SCF set of orbital charge densities has been calculated
if control is transferred to this point, the results must be
printed out. These two statements, 153 and 154, print a
heading concerning the total charge density of each atom.

155===170 The total charge density in the orbitals N1(I), N2(I), N3(I),
and N4(I) of each atom I ig defined as Y, and this dengity
is printed out.

172-177 The first line on the second page of results is printed out.
This line gives the case number, (NCASE), number of iterations
required to achieve self-consistency (NIT), and the atomic
numbers of each atom from 1 to NATOT,

200===20]. " Second line on second page of results printed. This line
contains the headings for the successive lines to bs printed.

202===2]11 The orbital number, number of the atom, atomic number of the
atom, SCF charge density, and electronegativity XX of each
orbital (except the "imaginary" hydrogen orbitals) are printed
out. The manipulations for the molecule are now complete.

213 Trangfers control back to ISN 6 so that a new molecule may be
considered.

214 Required "END" statement for the BEEM programme.
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Figure I=13:

FORTRAN IV SOURCE LISTING FOR THE

"BEEM" MAIN COMPUTER PROGRAMME
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14
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20
21
22

2
-

30
31
32
33
34
35
36
327
40

41

42
43
4,
45
46

47
50
52
53
55
56

40

TFOIIT L8 2)NCAS S =HC A SE 300

NYAX=100
WRITE(6,8INCASE

FURMAT(IHLI,; 11HCASE NUMBER I

DL 40 I=1,RKATOT
REACIS 3 ynZ0T) 1
FORNATI9I2)

HRITELGSOINZLTY 4N1T1)

FURMAT(1HD,915}
Li=ik1{1
L2=N21{1
L3=N3{

La=pig
WA{LL) I3
DALLZ)=x2

3)

}

)

T e N e g

[T

QAL
QALY

PARANETER ASSIGNHENT SECTION

CONTINUE

L 7 I=1,1IC
GlIi=QAlT)

N1T=D

G109

23X 6HIEGINS)

Ql(l):N2(1)9N3(I)9N4(1)7M1

sF1.F2,F3)
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BAIRD BEEH

ISN

57
€0
62

63
64
65
66
67
70
71
72
73
T4
75
70
77
100
101
1¢2
103
104
105
106
107
110

THES LS PRDORN. FORTRAN SCURCE LIST MAIN
SOURCE STATENMENT

1. D0 22 I=1,18

22 QAL1)y=Q{n)

9 IZ=1C~1

IONIC CHARACTER AND ORBITAL CHARGE DENSITY CALCULATION SECTICHN
DO 10 I=1.,12,2 ’
J=I+1

TA=NC{])

JA=NL(J)

Pi=sN1{1a}

I2=N2{1A)

I3=M3(1I/}

I4=N4{1A)

Jil=R1{JA)
JZ2=N2Z2{JAh)

2=M31JA)

J4=N4(JA)
NTI=0(I1)4+Q(12)+Q{13)+0(14)-Q(1}
NTI=U{JII+QI2)+Q0J3) +4(J4)-Q( J)
PTI=D1(IA)4D2{IAY=RNTI+DL3{TAH{NTIH%2)
PTJ=DI(JAT+D2 (JA) ENTU+D3{JAY = [NTJ2xD)
AFI=FLIIAI+F2 IR} NTI+F3{TA) S {NTI%%2)
AFJ=F1{0AY+F2 LAY ENTIHFE3(JA ) S {NT %52 )
BUI)=1.5%PTI-0.5%AF]
B{J)=1e5%PTU-0.5%AF
COE)=Cc5%{AFI-PTI}
ClJ)=0.5%(AFJ—PTY)



111
114
115
116
117
120

121
122
123

125
126
131
123
134
135
140
151
152

153
154
155
156
161
162
163
164

10

11

12

IF{I.GT.IBICGOTCS3

XXLDE=811}+2.%CH{I)

KAUSY=0(0d)1+2.5=00d) ‘
QUEIN=1. 0+ (LX) = XX 72 CLTI)+CLI) )
Qid1=2.0-G11)

GCTO010

NUOTE=1F IC IS EVEN:;ITS BOND X IS NDT CALCULATED
XXLUI=B{1)+2=C{I)=0{1}

AXC3)=B(J)1+2.%C{2Y*C L)

CONTINUE

TEST FOK SELF-CONSISTENT FIELD

i 11 I=1418
IFCABS{Q{TI-0A{I)).C6T-0,000002}G07012

GUTU1z2

NIT=NIT+1

FEINITLE.HRMAX)GOTOLA

WRITELS: 15 RNCASE NIT(QII);1I=1,18),4{QA(1),1I=1,18)
FURMATI{IHO; THRC CONV,215,2075.3/1H0,20F5.3/1H0,20F5,.3)
GUTUOLE

CALCULATIDN OF ATG CHARGE DENSITIFS(BONDING ORBITALS ONLY)
HRITE(S5:70)

FORGATILIHO: 46HTOTAL CHARGE DENSITY IN ATONMS BONDING ORZITALS)
DG 71 I=1,NATCY :
IFINZIT)EQ.1)IGUTOTL

Ll=i1(1)

L2=Nz2(T)}

L3=N3(1)

L&=N4{1)




Pt

I BEEM THESIS FRDN. FORTRAN SOURCE LIST MAIN
ISN SOURCE STATEMENT '

165 Y=Q(LL)+QIL2)+Q{L3)+Q(L4)
C PRINTING UF RESULTS{FIRST PAGEF)

166 WRITE(6,72)1,Y

167 72 FORMAT{1HO,I8,3F17.5)

170 71 CONTINUE
C PRINTING OF RESULTS{SECOND PAGE)

172 WRITE(Oy LTINCASEGNIT,{NZ(I),I=1,NATOT)

177 17 FURMAT(1H1,2514)

200 WRITE(6,31)

201 31 FORMAT(LIHO, 7THORBITAL,2Xs8HATOM NO.y2Xs LOHATOMIC NU.,5X,

1 6HCHARGE ;12X y13HBOND(051,2) X)

202 DO 19 I=1,IC

203 J=NC (I)

204 ITF(Q(I).EQ.0.0.AND.NZ(J).EQ.1)GOTOLY

207 WRITE(O330)I,JsNZ(J) s QUIY o XX{1)

210 30 FORMATI1IHO 331 734X3F164593XsF16.5)

211 19 CONTINUE :

213 + GOTO1l6

214 END

NGO MESSAGES FOR ABOVE ASSEMBLY
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Figure I~14:

FORTRAN IV SOURCE LISTING FOR

THE "PARAMT" SUBROUTINE
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26
27
32
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34

277
i

40

SOURCE STATEMENT

$SIBFIC PARAMT
SUBROUTINE PARAMT(NZQIvIII?019029D3?F19F29F3)

12

DIMENSION NZ(IGO)leilOO)yDZ(100)903(100)yFlilOO)yFZ(lOO)
THIS SUBROUTINE ASSIGNS D1
IFINZ(I)oNEL.TTICOTOL2

D1{I}=100.057
D2{1)=-28.1695
03(1)=1.9715
FL{I}=70.500
F2{1})=-25.395
F3{1)=2,202

RETURN
IFINZ{I}NE.L)GOTOL
D1(1}=13.060
D2{1)=0.0

D3{1}=0.0

F1{I}=0.
F2(11=0.
F3(I1=0,
RETURN
IF(INZLLI) o NELGYGOTO2
D1(I)=57.067
D2{1}=-17.240
D3{I}=1.029
Fill)=44.465
F2{1}1=-20.8795
F2(I1=2.10685

RETURN

[
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41
44
45
45
47
50
51
52
53
56
57
60
61
&2
63
,f

65
70
71
72
73
T4
75
16
77
102
103

IFINZ{TI} NEL66)6G0OTO3
D1(I)=40.853
D2(1})=-14,3845
D3{1}1=0.8855
F1{l1})=26.049
F2{1)=-16.226
F311)=2.089

RETURN
IFINZ(I}NE.OH6T)GOTOS
DI{I}=60.373
D21ii=—19.C81
D3{I)=1.482
F1{1)=37.478
F2{1)=—-15.1255
F3(I1=1.1515

RETURN
IF{NZIT).NE.68IGOTOS
Di{1}=28.153
Dz{l)==-11.282
D3{1)=0.554
F1{1)=12.965
F2{I)==11.4555
F3{I)=1.8355

RETURN
IF{RNZ{IYNE.143G0TO6
Di(1}=32.822
D2{1)=—6,7785

i
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ISN

104
105
106
107
110
111
114
117
120
121
122
123
124
125
126
131
132
133
134
135
136
137
140
143
144
145
146
147
150
151
152
155
156
157
160
1ol
1562
163
164
107
170
171
172
172
174
175
176
201
202
203
204
205
206
207
210

co

9

10

11

100

NO MESSAGES

SOURCE STATEMENT

D3{1)==0.0745
FI11)=26.566
F2{I)=-8.8725
F3(1)=0.3145

RETURN
IF(III.EQa2)G0TDY
IFINZ{I).NE.T)YGCOTO7
D1(1)=48.229
D2{l)==21.101
D3{I1)=1.,977
Fi{I)=29.017
F211)=-19.921
F3(1)=2.902

RETURN
IFINZ{T).NE.8)GUTOS8
DItI)=34.284
D2{1)=-18.9065
D3{11)=1.9005
Fl(1)Y=15.207
F2{1)=—14.8685
F3(1)=1.6635

RETURN
TF{NZII)oNELLOYGOTRL100
DI(1)=23.052
D2({1)==11.6615
D3(1)=1.,0025
F1{I)=11.033
F2{1)=—-8.5815
F3(1)==0.0725
RETURN
[F{NZ{I).NE.7)GOTOLO
DI{I1}i=53,752
D2(1)==22,0735
D3(1)=2,3295
F1{I)=29.853
F2(1)==17.6995
F3{l)=2.4245

RETURN
TFINZIT)YNE.B)IGDTOL1
DI{I)=40.798
D2{1)==17.4515
D3{1)=1.0445
FL{1)=20.4%27
F2{l)=-16.3625
F3(I)Y=2.,0%445

RETURN
TF{NZ{I)eNELLIBIGETOI00
DI(1)=29.248
PD2{l)==16.154
D3(I1)=2,403
F1(1)=13.715
F2l1)=—8.626
F3{1)==0.119

RETURN

END

FOR ABOVE ASSEMBLY

FORTRAN SCURCE LIST PARAM

ggaecr

PROGRAN

Is

CEING ENTERED INTO STORAGE.
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If III is 2, the (tetetete) valence state parsmeters are assigned to atom I,
if I is a nitrogen, oxygen or sulphur atom; if III is 1, the (sppp) valence
state parametels are assigned to these atoms.

The subroutine PARAMT is capable of assigning the parameters D1(I) through
F3(I) for the following atoms and valence states: H(s), C(tetetote),
C(trtrtrﬂl), C(trtrtrn®), c(didistml), Si(tetetets), N(szppp), O(szpzpp),
S(szbzpp), N(tetetetez), N(tetetete), O(teteteztez) and S(teteteztez).
After assigning the parameters to a given atom, control is returned to the
mein progremms by the "RETURN" statements.

The print-out from the BEEM PROGRAM for a typical molecule ig illustrated
in Figure I-15.for the methanol molecule. On each page of results, the value
of the paremster NCASE is the first number to be printed. The input data used
for the molecule is printed out under NCASE on the first page. The atom number
and total bonding orbital charge density of each atom (other than hydrogen
atoms) are listed below the input data on the first page of results for a
molecule.

The first, untitled, row of figures on the second pege of print-out for
the molecule represent the numsrical values of NCASE, NIT (the numbsr of
iterations used to achieve a self-consistent field), and the atomic numbers
NZ(I) of all the atoms from 1 to NATOT. The remaining data on the second page
consigts of the orbital number, the atom number of the atom asgoclated with
the orbital, the atomic numbsr of thig atom, the self-consistent field charge
density, and the elsctronegativity, XX(I), for the orbital. Each orbital
except the "imaginary" orbitals of hydrogen are listed in order. Note that
the programms does not calculate the electronegativities of non-bonded

orbitals which are not included in the charge density sum T of each atom,
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Figure I-~15:

COMPUTER PRINT-OUT FROM THE "BEEM" PROGRAMME

FOR THE METHANOL MOLECULE

Note: p bonding orbitals used for oxygen.



CASE NUMBER 51 BEGINS

1 1 7 7 7 1 0 0 0
8 2 3 8 8 1 1 0 0
‘6 4 5 5 5 1 1 1 1
1 6 9 9 9 1 0 0 0

TOTAL CHARGE DENSITY IN ATOMS BONDING ORBITALS
2 2412125

3 4.03020




P

51 14

URBITAL

1

8

CND—CF~DATA ENCOUNTERED ON SYSTEM INPUT Filk.

1 3
ATUM NU.

1

N

4

2

"6 1

ATOMIC

1

8

NU.

CHAKRGE
0.94126
1.05874%
1.06252
0.93748
1.03091
0. 96909

0.00000

BUND (0 ,1,2)

7.17500
8.81403
8.863506
7.11148
7.98218
7.17500

8.51914

X
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go that the listing under "BOND (0, 1, 2) X" for such orbitals has no meaning.
Since the programme treats all the atomic orbitals in pairs, the electro-
negativity of the last non-bonding orbital IC is not celculated if IC is even.
The electronegativity listing for such an orbitsal has no significance.

By use of the programme BEEM, with the subroutine]PARAMT, discussed
above, the self-consistent field electronegativity equalization cﬁarge densities
of more than one hundred molecular'species have been calculated. The entire
set of "BEEM CALCULATION SHEETS" and results printed out by the computer for
these systems is available, along with "SOURCE" and "OBJECTM card decks of the
two programmes (96). About five to fifteen iterations were generally sufficient
to achieve self-consistent charge densities. The average calculation time
required for a molecule on the IEM 7044 computer was 1.5 seconds. No cases were

encountered where self-consistency was not obtained within the 1limit of one

hundred iterations.



PART 1II

APPLICATIONS OF BOND ELECTRONEGATIVITY IN THE
CALCULATION OF MOLECULAR OEBITALS FOR

PI ELECTRON NETWORKS

1856,
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PREFACE TO PART II

The theory and calculations in Part I illustrate the technique by
which the bond electronegativity function for atomic orblials can be combined
with the electronegativity equalization principle to calculate molecular charge
density distributions in saturated molecules. The bond electronegativity
function can also be applied in other molecular orbital methods. In Part II
of this thesis, the use of this function to evaluate "Coulomb" integrals for
MO techniques which deal with the "pi" electrons of conjugated molecules is
developed, and these Coulomb integfaléhare used to study some pi-bonded

molecules which contain boron atoms.
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II. 1  INTRODUCTION: MOLECULAR ORBITAL THECRY FOR PI ELECTRON NETWORKS

As discussed in part I, the purpose of molecular orbital theory is
to find approximate electronic wave functions for a moleculs by assigning a
one-electron wave function to each extranuclear electron.

In the LINEAR COMBINATION OF ATOMIC ORBITALS (LCGAO) appreach, the
one-electron molscular orbitals \J/i are approximated as & linsar combinetion

of atomic orbitals (A0s) ¥ u Bssoclated with each atom ¢ in the molecule,

q’i = 5 ciu/®/ u (1)
vwhere the coefficients ¢;,, of etamic orbital /@' u in the MOs 1](1 are to be
determined. In order to determine the best MOs, ‘:’i’ for a particular molecule
in its ground state, a variational treatmsnt which minimizes the total elec-
tronic energy of the molecule with respect to the coefficients i is carried
out (1) by using the expansions in equation l. If the electronic wave function
is approximated by a single Slater determinant for the closed shell of

electrons, then the energy minimization procedure described by Roothaan (1)

leads to a set of SECULAR EQUATIONS for the coefficients L

= I (2)

Fuv Civ ; 2 Suv civ
v Ty
for each Q’ u® the sum v is over all the atomic orbitals to be congidered.

In equation 2, the elements F, of the F matrix are defined (2) as:

Py = By # 5 B [(uw Falvx) - ‘]-5 (ur | G| :cv)] (3)

WeX

b1
R =f¢uE%V2”§Va]¢vdT (4)

where

and
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(uwr| G vx) =f[ ¢uﬁ(1) ¢wﬁ(2) (;Jl;)yév (1)¢ g (A aQ) aTR) . (5)

The sums over w, x are over all the atomic orbitals considered. Complex
conjugates of the orbitals are denoted by stars ﬁ. In equation 3, the wa

are the elements of the bond order matrix F:

oce

wa = 2 f Ciw cix

(6)
where the sum is over all the doubly-occupled molecular orbitals. ’I’he"V2
term in equation 4 is the Laplacian operator, and V . repregents the potential
due to nucleus a. The P factor in equation 5 represents the distance
between electrons 1 and 2.

The elements Suv of the overlap matrix S in equation 2 are defined
ag
— bid

Suv "f¢ u ¢'v at (7)
The Ei of equation 2 are the one-electron energy levels of the molecular
orbitals \}fio The Ei may be found by solving the SECULAR DETERMINANT baged
on equation 2:

[Py - B Suvl = 0 ] 8)
The roots, E, of the determinant equation 8 represent the N possible values
of B, for which non-trivial solutions of the secular equations are possible.

The total electronic energy, 6 s of the moleculs is given (2) by:
- L
E_" 2 uZ{r Fav <Huv + Fu.v) 0 (9)
y -

For conjugated molecules which ere completely planar at the equili=-
brlum positions, the \}Ji for the molecule can be separated into a set of ipin

MOs and a set of "sigma" MOs, according to whether the \}fi are antlsymmetric
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or symmetric with respect to reflection through the plane of the molecule.
Two standard methods of treating the electrons associated with the pi MOs

will now be considered.
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Pople's Method for Pi Electrons

In the approximate self-consistent field method developed for pi

electrons, Pople (2) assumed that the effect of the sigma electrons upon the
pl electron system can be represented by a rigld, non-polarizable "cors."
The potential of this core is included in the elements of the H matrix
(equation 4) associated with the pl system atomic orbitals.t The orbitals
lef ij, e o e s o to be considered are the valence~shell Py atomic
orbitals, one from each atom in the conjugated systgmo

In order to simplify the treatment of pi electron systems, two
"overlap" approximations are made (2);

i) The overlap integrals Suv are approximated by the Kroneker delta

uv’

i
Hi
]
[
H
[~
i
-

Suv uv
(10)

11) All the two-electron integrals (uw | G | vx), defined in equation 5
are set equal to zero unless u = v and w o= x:

(walvx) = B (wx] Glux) |, (1)

d
uv o wx
Only two types of the two-electron integraels are. then hon-zero,
(uu | GI w) and (uv | G |uv).

For simplicity the two integrals will be written in terms of Y ¢

i

Y, (wa ] G | uu)
u | (12)

Yy (uv | Gl uv) ,

One effect of the above approximations is that the F wmatrix elements, th;

ﬁcThe "sigma~pl" gseparation of thig type is rigorously examined and Jjustified
by Lykos and Parr, reference 3.
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defined in equation 3 are simplified (2,4,5) to:

Fuu = H 2 uu Yuv. +Z wa Yuw ) (13)
w#
_ L
Huv 2 Puv Yuv (u # V) e (14)

Pople (2) expandedthe core integral 0 (equation 4) into two parts,

_ [ 1o?
Ho -f,du -5V -vagjud’t’

=f¢tr‘ jlfalud’u "g;lfﬁuﬂ vaﬁudf
«'5_—_ (v, |u), (15)

1}

Uu;J. is the diagonal matrix element of orbital }ZS with respect to
the one~electron Hamlltonian [_ V -7 ] o This Hamiltonian contains
the kinetic energy and the interaction of an electron in ¢ u with the core of
the atom associated with Qf w® gince Vu is the potential dus to this core.

In most semi-empirical methods, the term Uuu is not calculated explicitly,

but is evaluated from the "experimental" valence-state lonization potential

I, associated with qu (6,7):

U = =Ly (16)

Pople (2) simplified the F,, equation further by approximating that
the interaction of an electron in ¢ u with the singly=-charged core of atom a
(with which (é v is associated) is equal and opposite to the interaction of

an electron in Q)/u with an electron in ﬁv

X bis
E]‘“;ffz‘u V(I ﬁud’t = “Yuv (u?{v) o (17)
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Since 2y (or Zv) is the "core charge" of atom a, then

= 2y Vv =f¢uik Va éudfc > (18)

By introducing the above expressions involving Uuu into the equation 13, the

F . expression is simplified considerably:

uu
r >

=H P ¥ + P ¥
uu uuA2 uuuu'w;éuwwuw

bl
Uuu-a}?{:ufgz‘u Va ¢udt +%PuuYuu ZP Yuw

Z Z Yuw 2 uu Yuu + %1 wa Yuw

l
+
B

] It

i

-1 +Jap +_§: (P ~2) Y, (19)

2 “uu Yuu. wWwW uu

In semi~empirical pi~electron methods, the one-center rapulsion
integrals Yuu 8¥€ usually approximately evaluated from the ionization potential

Iup and the valence-~state electron affinity, Au9 assobiated with }7)/11 (5,8):
You = ITy- A, (20)
Since the zero overlap condition (equation 10) is used in the Pople method, the

electronic charge density, Q0 of orbital Qf o ey be associated with the bond

order matrix diagonal terms Fuu :
q’ll - F Il (21)

If equations 20 and 21 are combined with the expression for Fuu in equation

L9y the F matrix diagonal elements bscoms:

Z,) (22)

'LIU

I = I +‘:‘Lqu(I=°A)+Z (qw

uu 2 W
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In Pople's method, the expressions for Fuu and Fﬁv are evaluated
for each pair of atomic orbitals in the pl system by use of equations 22 and
14 raspectivelyaﬁ The resulting secular determinant equation,

Fo, =B Buv = 0 (23)

mey then be solved for the N energy levels, Ei’ and these energies used in
the set of secular equations 2 to calculate the coefficient matrix C. Since
the I matrix elements are dependent upon the elements of C, an iterative
process is used in Pople's method to establish the self-consistent field

energy levels and C matrix.

®ase also footnote (b) of Table IT-I.
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Jhe_Huckel Method for Pi Electrons

An alternative method to Pople's procedure for the study of pi

electron networks 1s the "simple Huckel" technique. The general theory of

the Huckel method is extensively discussed by Coulson and Longuet-Higgins

(9)e A shorter review of the technique is contained in Streitwieser's book (10).
The Huckel method is similar to that developed by Pople since, in

both approaches, the one-slectron molecular orbitals ¢i are approximated by a

linear combination of valence shell Py atomic orbitals 96 a

¥y = = 9h195u e (24)

u

The bond order matrix P is defined from the coefficients

P=2§c
1

uv iu civ (25)

and the overlap integrals S.uv are normally (in the simplest Huckel treatments)

approximated as follows:

S = 3 = 1 if u = v
uv uv ' (26)

0 if u £ v .

]

The secular determinant to be solved is then of the form:

= 0 (27)

Fow = B 8uv

The main difference between the Huckel and Pople methods is the evaluetion
of the F matrix elements. In the Huckel treatments, all the terms Fhu and

)
Fuv ars defined with respect to an EFFECTIVE HAMILTONIAN Heff (11,12):

4 — — j f& 0
Fuu = % “f u Heff Q{u aT (28)
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F, f¢u Hy pp ¢v aT (w#v) o - (29)

The F matrix terms a, and Buv are not evaluated explicitly, but are
treated as semi-empirical parameters. The “"resonance integrals" ﬁuv are taken
to be zero unless QS o ;5 y 8re the 2 AOs of atoms which havg a localized
slgma bond between them (i.e. 951f gﬂv,'are "bonded" or "nearest neighbours"

in the molecule).

The parameters a, and Buv are usually expressed in terms of "standard"
Coulomb and resonance integrals a® and Bo which represent the a@ and "bonded"

Buv for the benzene pl system in the following manner:

o = a° + n p° (30)

(31)

]
g
“
o

Py
Many methods have been proposed to eve.luate 1%1 and k
different p, AOs (12). One common procedurs is to adjust the various valuss
of 1% and lc in a molecule in order that some expsorimsntal property of the
molecule, or of a series of molecules, is reproduced by the Huckel calculations,
The Huckel me'bhod; Coulomb parsmeters, hu, have been asgociated with the
difference bstween the Pauling electronsgativity, Xlg s of the atom agso~

clated with gﬂ w and the'electrcnegativity of carbon, Xg »

h, = _H_ﬁ__ = 4 (X - ) (32)

vhere A is usually taken to be unity.
Mulliken (13) has shown on the basis of soms theoretical calculations

that the Coulomb integral, @ o for a singly-occupied atomic orbital gﬂ v’ is

roughly proportional to the Mulliken electronegativity, Xif s of the
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orbital ¢u: '

Mo
X, = 5@, +4) , (33)

On the basis of this analysis, valence-state ionization potentials, elsctron
affinities and Mulliken electronegativities have been used to estimate
Huckel method Coulomb integrals by various techniques in the past.

Attenpts have been made (12,14,15) to find Coulomb and resonance
integrals which, when used in the Huckel method, would closely reproduce
some property (e.g. charge distribution) calculated by Pople's method or
methods closely related to it.

Molecular ionization potentials have besen extensivély employed ag
a property which can be used to "fit" Coulomb and resonance integrals,
especially in a variant of the Huckel method commonly known as the OMEGA (w)
TECHNIQUE (16). In omsga technique calculations, the Coulomb integral of a
pn.Aogéllis agssumed to be linearly dependent upon the charge density, q,’ of
that orbital:

o, =a’+n B+ (3, - q) 0p®, (34)

In this expression, Zu 1s the core charge of the atbﬁ assocfated with 95 o’
and w is an empirical congtant. A range of values from 0.33 to 1.8 (12,17,18)
has been proposed for the term w, but Streitwieser's estimate of w = 1.4
(16) for carbon is now generally accepted and is used for the P atomic
orbitals of all atoms, ,

The wide range of hu and kﬁv values that have been used for various
heteroatoms in the simple Huckel method have been compiled and discussed by
Streitwleser (12). From such data, he has been able to determine "ayerage"

or "begt" values of the Huckel pafamaters hu_and kuv for a variety of systems,
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and these "best" values are now in wide use in simple Huckel method calculations.
The object of the next section will be to analyze the nature of the effective

0
Hamiltonian Héff of equations 28, 29 which generates such a set of parameters.
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II. 2

The review of molecular orbital methods for pi-electron systems in
the previcus section has indicated that the simple Hucksl, omega technique,
and Pople methods are similar, and differ mainly ln the determinatlon of the
elements of the matrix F used in the LCAO - MO secular equation. In thls
sectlon, various schemes will be advanced whereby the Pople method F matrix
elements maj be APFROXIMATELY calculated, and the relationships between these
schemes and the simple Huckel and omega techniques will be dlscussed. The
ralationships will be exploited to provide Huckel method Coulomb integral

peramsters, hu’ for a varlety of atoms.

Avproximation Method A

The F metrix diagonal elements, Euu’ of the secular detérminant
have been found to reduce to the following equation in Pople!s molecular

orbital method:

F_ =-I +‘1"qu(Iu-' +§:(qw | (35)

2 w u
uu W ]

By introducing Z,.5 the core charge of the atom agssociated with atomic orbital

gg,u, into equation 35, If ., may be rewritten as a sum of three expressions:

Fou = Elu+?.u(lu"Au>] + Eq )(1 .-Aui]
2 2

(36)
+ li‘%‘:;;u (a, = 2,) Yuw] >
B = I()  Kay) + Dlua,) )

In equation 37, the terms J(u), K(u,qu) and L(uqu) represent the first,

gecond and thlrd expressions respasctively in the square brackets of the right—



200,

hand side of equation 36,
Part of the Fuu expressions in equations 36 and 37 bear a strong
resemblance to the molecular orbital bond electronegativity function, Xu’
for an atcmic orbital 5D/u which was defined in part I (page 40). This
definition for Xu is of the form
X, =I +Laq (A -I). -G8
By substituting Xu of equation 38 into equation 36, Fuu may be defined in

terms of Xu:

(39)

uu Yuw

F =—Xu+§1 (qwm Zw)
since
X, = J(@) + K(waqy) , (40)

If q, = %, then the term K(u, qu) is zero, and for such gituations =J(u)

represents the bond electronegativity of orbital Q/ y For the "neutral"

" orbital /du (i.e. an orbital for which q, = Zu)o Further relations between

Xu and Fuu will bs digcussed later in this section.
For the purposes of the present analysis, it is convenient to

define some new parameters € for the orbital pairs such that when

uv

u = vy, then

]
€ w2 T % (Iu = 4y) (41)
and for u # v,
Ew = Yoy o (42)

By using the &€ terms instead of and the resgion for F i
Y g 1 Yuu Yuv" expresgion for - in

equation 36 can be rewritten in the following forms:
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P = "Iyt %y (I, =40 +la-2)€,* %Z—ﬁ(q‘”’ - 2,) Euw g (43)
2 .

uu

F o= J+3 (g, -2)€,, - (44)
w

The sum w is now over ALL the pl atomic orbltals, including QS "

In approximation method 4, the term X2 (qw - Zw) € uy OF equation 43
W

will be assumed to be equal to zero. The Fuu expression of equation 43 is

then reduced to the term J(u):

7, (T, - ) . (45)
2

Fog = 9 (u) = -1, +

The validity of neglecting the term 2 (qw - Zw)e we ey be
W
discussed by first defining the terms A €~ such that each S
1s defined relative to a term € :

€y = € +tbE - (46)

W
In equation 46, € ig some average of all the € - for a given orbital QS a
Using thls typs of expansion for each € - term, the expression

5 (qw e Zw) € ,, mey be split into two parts as follows:

il

z (qw - Zw) (e + Aeuw)

f‘; (q, - Z,) euw .

i

5 (qw - Zw)e * 5 (qw - Zw) A&

s

uw

€ 2 (q, - 2,) + z (q,~2,)0€ - (47)

For pi-electron networks in which there i1s no pal charge associated with the
pl system, the sum of the orbital charge densities qw must be equal to the sum

of the core charges Zw:
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(48)

=M
2
H
E2 ]
z:N

or
z (q,-2) = 0. (49)
W

Due to the equality expressed in equation 49, the right-hand side of equation

47 is gimplified to one term: |

z (qw—zw)e uw = 2 (qw-zw)Aeuw ° | (50)
W . W

If, the system being considered, all the & - terms for orbital ¢ u Were
exactly equal, all the A € ;1w would bs zero and the remeining term in the
expansion in equation 47 would disappsar.

In this case; the approximation expression for Fuu in equation 45
would be exact. In general, all the & wy  Bre not identicel, although for
many common small ring molecules these terms are all similar in megnitude. In
the benzene molecule, for example, Pariser and Parr (8) give the following

Yyy Velues from which the € wy ‘erms mey be calculated according to equations

4l and A2:
Y31 = 1053 e.vs fe € ) = 5.265 e.v,
Yio = Yy = 7.30 e.ve »Te €y = € g = 730 eve
i3 = Y5 = 5.46 6.V, . € 13 = €15 = 5.46 e.v.
Yy = 4.90 éevu o o eu = 490 e.v,

If the averags, 5.95 @.Ve.y, of the six € uw values is tuken as € , the

terms Aéuw are small relative to & itself:
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A e 11 = ""0069 oVo
A 612 = A E 16 = +‘1035 QoVo
A e 13 = A e’ 15 = "’0049 8,Vo

A e 1.6 = ""1005 QoVe

The second approximation which will be semployed in method A concerns
the off-diagonal F matrix elements, Fuv” of the Pople scheme. These FuV are

defined as

- L
For ® R = 2 Py Yy (w#v) . (51)

The  approximation which will be used concerning the off-diagonal Fuv terms
is that Fuv is taken as zero unless the atomic orbitals ¢ o’ ¢ v balong

to atoms which have a sigmg bond bstween them (i.e. ﬁ and ¢ v &ve "bonded"

u
or "nearest neighbours"). If the two orbitalg @( . and Q) v ore "bonded"
and are both Py atomic orbitals of carbon, then er will be teken to be equal

to F,o19 which is the Fuv value for the bonded atomic orbitals in benzene.

For two carbon atom ol AOs ﬁf 0 and /@{ v ? then,

F = I it wu v are bonde
uv cct 4 onded

and Fuv = 0 if u, v are not bonded.

The assumption regarding non-bonded Fuv is not a drastic approxi-
mation, since even in the full Pople method, the term Huv is taken to be zero
if the orbitals Qf , @nd ¢ y @re not bonded (2);, in which case the matrix

element Fuv reduces to _% P Y w ¢ Which is usually small.

uv 'u
The Coulomb integrals J(u) of "method A" may be expressed in terms
of the term Fcc" s which will be used as the unit of energy in the method. By

defining J(C) as the value of J(:) for a carbon atom, the general expression
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J(u) may be written in terms of J(C) and T, ,:

J(w) = J(C) +h, F,, (53)
or h, = AILRJ_I;_LCQ.). . (54)
cet

The Coulomb integral parameters hu may be calculated for a variety of atoms
and valence states from the ionization potential (Iu) and electron affinity
(Au) data of Hinze (19). The terms Ios By J(u), and [}(u) - J(Ci]
~are listed in Table II ~ I. The evaluation of the b, terms requires the
numerical velue of F_ .. Since P.o1s the bonded bond order in the benzene
ground state, is 2/3, and since Yoot? the repulsion integral for the bonded
AOg is 7.30 e.v. (Pariser and Parr (8)), then the term F oo is:
)|

\ ] = o da
I'cc Hcc“ 2 Pcc” ch“

= HCCU o= 20!{—3 QoVo (55)

The bonded core integral, Hccuy for benzene is normally'estimated
empirically from some experimentally observable property of the molecule.
From the ultraviolet spectrum of benzene, Pariser and Parr (8) have derived
Hccg = w2039 €oVoy while Chung and Dewar (20) obtained Hccu = --lo75 8oVe
from an empirical relation between bond order and bond length. An alternative
rrocedure by which HCCU can be estimated is by fitting the experimental first
ionization potential I.....m of benzens, 9.52 e.v. (electron impact value,

reference 21) to the prediction of this quantity made by method A:

TomzmE = Foo t Foer = =5e59 Hyq = Reb3 = =9.52 eovo (56)

This fitting procedure leads to a H,, value of mlOSO @.Vo Several other
methods can be used to determine the magnitude of Hccgg but most estimates,

like those above, cluster in the region =~l.5 to =2.5 eove (6,11). The
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TARLE II=-T; Coulomb Integral Parameters for Methods U"AM ang wgn

4o Taleoe z, S W S I(w-a(c) b, Emi- o
T Core (€ovso) (eove) (e ﬂs}jg (eeve)  (eove) ' hu(c)
Be  aitait 0 0,17  -0.85  1.02 017 542 -l 0.1,
B tribrprt 0 1.06 ~5.32  6.38 “L.06 4453 <L, -1 0.7,
c trttrtirt 1 1216 0,03 11.13 =559 0.00 0.0, © 1.3,
i trtrrrt 1 14,12 178 12.34 ~7.95  =2.36 0.5, 0.5 Lk
I tritrtppt 2 2871 11.95  16.76  ~11.95  -6.36 L5, L5 L9,
0 s2p ot 1 17.28 2,00 15.27 ~9.65  =4,06 0.9, 1 1.8
0 s2plpt 2 34.15 Liebl 1954  =14.61  =9.02 2.1, 2 2.3
F s?ppt 2 39.67 18,11 21.56  -18,11  -12.52 2.9, 3 2.5,
Mg aitail 0 0.16 -1.9  2.10 .16 +5.43 L2, 0.2,
A1 trtgrtert 0 1.62 =2,51  4.13 L62  43.97 0.9, Ol
S trttrieet 1 9.7 2.00  7.17 -5.59 0.00 0.0, 0.8,
p trtrt b 1 1.1 1.80 9.3 ~6.47  =0.88 0.2, 1.1, 8



TARLE II-I continued

Atom Valence VA I A I -4 J(u) - J(u)-J(c) =n Empi- w
State of v gy 2 (b) u (‘g) (eor) (eeve) Y rical u
S Core (eove) (eeve) (eav2) : hu(C)
P trtrteot 2 20.68 1026 10,42 =10.26 =467 1.1, 1.2,
221 ‘
S S p p l 12939 2938 10001 “7039 "’1080 0043 1.18
. 211
S s"pp 2 22.97 11.05 11.92 -11.05 ~5:46 l.,I?..9 1.41
221
CL S DD 2 26036 13938 12098 "13038 -7079 1084 2 1053
1, 1.1 '
G’:‘: tr ‘bI‘ 'bI' l 84:72 4011 4061 -6041 -0.82 0019 0055
2, 1.1 1 ,
A.s 'bI' 'bI‘ tr l .:.1024 2064 8@00 -6e94 -1035 0032 1002
221
S’e S p p l 11068 2052 9e16 -7010 -1051 0036 1.08
I..1,.1 .
SD. ‘bI‘ tI‘ tI‘ l 8002 4::89 3013 ‘6046 -0087 0021 0037
S trftritet 1 10.51 2,77 T =664 <105 0.2 0.9,
221
Te S p p l ll°04 2958 8046 -6081 -....022 0029 1.00

°90Z
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TABLE II-I continued

Notes:
a) Inergy data from reference 19.
b) The calculation of Yuu by the "quAu" formule is not rigorously
justifiable for atoms having less than half-filled valence shells
(see, for example, reference 29), but the "L-A" formule is used
for all atoms considered herein since it is sufficlently accurate
for the purposes of this gtudy.

¢) Empirical h =~ data from p. 135 of reference 10.
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range of Féc" is therefors approximately =3.9 to =4.9 e.Ve
The expression for J(u) in method A, equation 53, is similar in

form to the simple Huckel method expression for «, (equation 30). The

Coulomb integrals for the two methods will be identical if the following

conditions are met:

1) The Huckel method empirical hu values are a linear function of the

method A hu values determined from the valence~state energies,

11) The magnitude of ths slope of the line for the plot of Huckel h

sgainst the term[:(u) - J(Ci]lies within the range of F .1 discussed above,

In order to establish whether the above conditions are in fact valid,
the empirical Huckel hu are plotted against the termslg(u) - J(Ci]in Figure
II-l. The Huckel hu are the "best" values listed by Streitwieser (12). Since
these values are given by Streitwieser to the nearest 0.5 unit, each empirical
hu has an uncertainty of i0025o

The corrslation line in Figure Il isexcallent, and yields a slope of
f4°23 €oVoy Which is roughly in the middls or the rangs of Fccu discussed
above, From thess corralations, it may be concluded that method A will lead
to the same results as the simple Huckel method (using the "bast" Huckel hu)
for the molecular orbital treatment of any particular molecule. The effective
Hamiltonian, ﬁeffy of the Huckel method Coulomb integrals is therefore

identical to the Pople technique Hamiltonian calcoulated for the particular

charee density distrihnti ion in which all, tbe atoms are "nautral (i.e. all

q’l! = ZW ¢
Since the method A J(u) values corraspond to the negative of the

bond electronegativities for the neutrel A0 (equation 40), the Huckel
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Figure II-l:

VARIATION OF [é(u)"J(Ci] WITH EMPIRICAL hu PARAMETERS

Note: Core charges for orbitals are listed in brackets after the

t
atom symbol, if paramsters for more than one core charge have

been calculated.,
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Coulomb integrals will also correspond to the electronegativities. In gensral,
the relation between the Huckel Coulomb integrals and the bond electronegativity
function may be expressed as follows:

hu (Huckel) = ~X, (for all q, = Zw) o

ALl the J(u) listed in Table II-~I are calculated from the veriocus
gigma orbital valence states noted. All the sigme valence states employed
correspond to what may be termed a "neutral" sigma system. The neutral sigma
systems represent sigma bond‘charge distributions in which no charge transfer
has teken place in any of the localized sigma bonds on the atoms associated

with the Prr atomlc orbitals . A second characteristic of the Huckel msthod

i

eff
bution in the sigma electron system of each atom.

lg that it corresponds to a completely non-polar charge density distri-

The changes to the individual h, velues caused by polarity in the
sigma bonds can be estimated by using valence~-state ionlzation potential and
electron affinity data (used to calculate J(u)) of the P atomlc orbitals
evaluated under conditions for which charge transfer has occured in the algma
bonded framework. By using the power series expansions of Iu, Au’ in terms
of the net sigma charge, Qs of a particular atom (see part I, page 60),
the terms hu may be expressed in terms of Qg o TFor the carbon, nitrogen and

oxygen p_ orbltals having core charge Z_ = 1, this depsndence is:
18 u ps

by = 0,00+ 2,28 Q-+ 043 Qg2 g (57)
by = 056 + 2043 Q.+ 0,49 Qg2 (58)
By = 0.96 + 3.17 Qg + 0,32 Qg . (59)

The magnitude of the dependence of hu upon ch is about 2-3 units per



211 °

electron, and will be important for tetravalent nitrogen and trivalent oxygen
atoms. Streitwieser (12) lists hu for these two particular species as +2.0
and +2.5 respectively, corresponding to a sigma system net charge Q4 of
approximately +0.5 electron in each case., This net charge appears to be quite
reasonable, since the sigma bonds of the nitrogen and oxygen atoms will be
quite polar in these species, reducing the net positive charges from unity.
The expression for hC in terms of Q o may be combined with the sigma

gystem net charges calculated by the B.E.E. method for various hydrocarbons
to yield Coulomb integrals for the pi orbitals in such molecules. The values
of hC calculated in this manner are given in Table II-II along with the hC
relative to the pi orbital of benzene., The Coulomb integrals relative to
benzene fall into three classes:

i) h,7 0 for the benzenes

C

ii) h, ~ ~0,06 for the ethylenes

iii) h, ™ =0.13 to =0,17 for the acetylenes ,
Within the benzene and ethylene series, the effect of alkyl substitution upon
the magnitude of hC is very small.

The expression for b, in method A (equation 54 with Fooo = —4023 eoV. )
may be used to generate Coulomb integrals appropriate to simple Huckel method
calculations for a variety of atoms with "neutral" sigma cores. The values of
these Huckel Coulomb integrgl paraneters hu are listed in Table II-I. The o
orbitals of the atoms of the second and third groups of the periodic table
(P2s Mg, B and AL), have quite low hu* about «l, for the core charge Zu =0

valence states. The group four atom hu terms are somewhat larger, in the

range 0 & b, & 1. TFor the p,, orbitals of the group five, six and seven



TABLE II-II:

Carbon Py Orbital

Molecule

Benzene
Hexamethylbsnzene
HQC = CH2

MeHGC = CHMe

MSZC = CM':a2

EtHC = CHEt
HC==CH

MeC= (Me

EtC = CEt

Note:

a) From Table I-X.

Sigma Core (8.)
Net Charge
(in Electrons)

-0,0608
-0, 0631
~0,0904
~0,0888
~0. 0875
~0,0872
~0,1192
-0.1378

-Oo 1373

hC Relative
to a Neutral
Caxrbon Atom

(in B°)

-O..'L37
~0.142
—0°203
~O°l99
~0.19,
=Oel96
~0.266
—0°306

"00305

212,

Effect of Sigma Core Charge on the Coulomb Integrals of a

hg Relative
to pl Orbital
of Benzene

(in B°)
0.00O
~O°OO5
~0,066
~00062
—00060
~0°O59
«0.12

9

—09169

"00168
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atoms, the variation of hu for different atoms in the same group, end for

different Z, of the same atom, is quite marked.

Approximation Method B.

In approximation method A; the Coulomb integrals wers calculated by
retalning only the term J(u) in the Pople expression for the F mat:fix elements
F .. » equation 37, In approximation method B, the two terms J(u) and K(u, qu)
of Pople's expression for Fuu will be retained in the approximate form for
the Coulomb integrals. The other approximation used in method A, that concerning
the off-diagonael F matrix elemsntas, will also be used in method B., Hence the

I' matrix elements in method B are given by the expresslons:

B, = J(u) + K(u, qu) = - -%-xu (qu) 3 (60) ‘
Fw = Fogn if w, v are bonded g (61)
g = 0 if u, v are not bonded » (62)

uv

The expresaion for T, 1n method B, equation 60, may be converted
into a computationally convenient form in the following manner. In method i

the texrm J(u) was recast in terms of J(C) and Fooit

Jw) = J(C)+h F ., o ' (63)
The term K'u, q_u) of equation 60
K q,) = (g~ 7,) ( - Al‘) - (64)
2

may also be expressed in terms of Fco' by defining a term @, by the equation:

@Q = 4 shoF ot W Iy = Ay 0 (65)
) Fcc" (=2 Pcc“) .
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The expression for K(u, qu) then becomes
Klw q) = (3,-q) o F , 7 (66)

and the equation for the F matrix diagonal elements in method B is of the

following form:

F = J(C) + h F o, + (zu - qu) w F (67)

u cet

Using the value of‘ Fcc,, -4.23 €.Vey, found in method A, and the
ionization potential end electron affinities listed in Table II~-I, the
paramsters ®,  may be calculated»for each type of P, atomic orbital. Numeri-
cal values of w, for several types of orbitals are listed in Table II-I,

All the @  terms calculated are positive, indicating that the
magnitude of the Coulomb integrals decrease (in the sense of becoming lesg
negative) as the orbital charge density 4, increages. The values for the
‘terms @, for different atoms are quite dissimilar, ranging from 0.l to 2.6,
Within each row of the Periodic Tabley, the terms w, are found to be linearly
dependent upon the corresponding hu parameters, if only group three to group
seven atoms are considered. The plot in Flgure II-2 illustrates this depen=~
dence for the first period atoms B to F. Tor the pi orbitals @, of these atoms,

W, = 0.45 hu + 1°30 ¢ . (68)

For the second period atoms Al to Cl, a correlation line between @, and hu
vhich is almost parallel to that for the first row atoms is found. For the

Pl orbitals of these atons, W, may be expressed in terms of hu by the
following equation:

@ = 0e42h, + 0.8 - (69)

By using these equations relating @, with hu the expresgion for Fhug
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Ilgure II-2:

VARIATION OF @, WITH h‘u FOR FIRST PERIOD ATOMS
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equation 60, may be reuwritten in terms of & function huj’t :

— ﬂ L]
F = J(C) + B°F_, (70)

Here huﬁ is defined for the orbitals of the atoms B to I by the expression
n' = b+ (0.45 b, + 1.3) (5, = q) (71)
and for the orbitals of the atoms from Al to Cl by

hu:& = b+ (0.42 h, + 0.8) (2, - qu}) . (72)

The improved simple Huckel method, termed the omega technique by
Streitwieser (16), is similar in form to the method B of this study. As

previously discussed, the omega technique Coulomb integrals o, ere given

by a . a°+hB°+(Z- ) (o] . (7)
u u u - Iy @ p 3

In the discussion of method A, it was shown that the term (ao + h.u Bo)
corresponds to the expression (J(C) + h, FCC,)° The omsga technique will
then correspond to method B if the termla)Bo of equation 73 is equivalent to
the term @, Fbc, of equation 66. In the previous discussion, it was ghown
that BO may be equated with Féo" » &nd hence the omega technique will be
identical to method B providing the megnitudes of @ and W, are identical.
In the omega technique, the "best" empirical value of ® for carbon ig ledo
The magnitude of the term @, for carbon in method B is calculated to be
1.,32 (Table II-I), in excellent agreement with the empirical result.

The empirical omega technique developed by Streitwieser is in fact
almost computationally identical with approximation method B for hydrocarbon
systems, since the w and @, for carbon are virtually identical in magni-

0
tude. The effective Hamiltonian, Heff’ of tha empirical omege technique for
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the Coulomb integi‘als corresponds to the Pople method Hamiltonian, evaluated

for the condition:

L(u, .Clw) = % (qw - Zw) Yo - 0 ‘ (73e)

since only the L(u, qw) term has been dropped from the Pople expression for
Fuu in method B (see equations 37 and 60). The omege technique Coulomb
integrals, therefore, represent the NEGATIVE of the bond electronegativity
for atomic orbital ¢ u (equation 60), |

Although the empirical omega technique value for the term w was
evaluated for hydrocarbon systems, the same ® = 1.4 has been used for other
pi orbitals éu which are not Py orbitals of carbon, but are associated with
heteroatoms, The widely different «, for many atoms listed in Table II-I
indicate that the extension of the carbon w value to other atoms is not
valid, and the different velues in Table II~I should bs used for heteroatoms,
The specific dependence of the maegnitude of the w parameter upon the nature
of the orbital ¢u has been previously considered by Pritchard and Sumner
(22), and by Klopman (23). Klopman also briefly considered the correspondence
betusen the omega technique Coulomb integrals and the bond electronegativity
function (23),

In the main paper discussing the development of the? omsga technique,
Streitwieser (16) attempted to make a comparison between Pople’s expression
for the term Fuu s and the Coulomb integral equation of the ousga technique,
Using & [30 value of -=2,1l e.v. obtained from a correlation of some exporimental
molecular ionization potentials with those calculated by the omege technique,
Streitwleser noted that the magnitude of the term =w ﬁ°9 2.9 esvoy wag much

smaller than the valus of the corresponding term %Yuu 9 563 @oVey of
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Pople's expression. Streitwieser concluded from this thaty; by using this low
value of nﬂ)ﬁoy the omega technique in fact compensated in an average way for
the omission of the L(u, qw) term of Pople's expression for Fuuo This con~
clusion is in contrast to the discussion of the present study, where it was
concluded that the omega technique does not compensate in any way for the
omisgion of the L(u, qw) term.

The basis of disagreement between these opposing views lies in the
different values of B° and F,oo used in the comparisons. Streitwieser
employed a value of BO obtained from a correlation line in which the omega
technique molecular ionization potentials, Img'were calculated from the
difference in pi system energies betwsen the original hydrocarbon R, and
the ion R produced in the ionization process (16):

I, = B (®R) ~5 @) , (74)

The E_ (R) and E”(R%) were calculated using the normal Huckel hypothesis that
the pl energy is given simply by the sum of the energies of the occupied
one-electron molecular spin orbitals. This method of calculating +the pi
system energies is not valid for any molecular orbital scheme which includes
electron repulsion, such ag tis Pople technique and methods A and B of the
present study. Such correlation line values of BO do not necessarily reflect
the effective value of the term ﬁo used in the Coulomb integral expression,

and the use of such values may lead to erroneous results when Coulomb integrals

are analyzed,
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All the molecular orbital methods for conjugated systems that have
been discussed in this section.are generally termed "semi~empirical" techniques.
Such methods are traditionally tested for validity by establiéhing the extent
to which they are capable of rationalizing expsrimental data, as well as by
studying the rigor of the approximations employed. It is generally accepted
that the Pople method does represent an improvement over the simple Huckel
procedure. This conclusion has been reached by the use of both criteria given
above. In the next few pages, an attempt will be made to ascertain the validity
‘of the omsga technique relative to the Pople and Huckel msthods by establishing
the extent to which the omega technique represents an improvement over the
Huckel method towards Pople's procedure when applied to pi electron systems.
Although a comparison between the three methods could be made for any and all
pi electron systems, only certain arbitrarily chosen examples can be discussqd
in a limited amount of space. For this reason, a very common type of pi
electron system will be used in the discussion. This typical pl network to
be analyzed is that of a conjugated six-member ring system, with each atom in
the ring contributing one Py atomic orbital and one pl electron to the network.
The molecule chosen is shown on the following page. Since the system contains
five carbon atoms (atoms 2 to:6), and one heteroatom (atom 1), it represents
& prototyps of the pyridine molecule.

Since atoms 2 to 6 are carbon atoms, the‘"Huckel" mothod F matrix
term constants are given simply by h2 = h3 = h4 = h5 = h6'= 0,0 and

23

typically, chosen as hy = +L.0

ko, = k34 = @45 = k56 = +1l.0. The heteroatom paremsters are arbitrarily, but

k-lz = klé = ‘*'loo
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The Huckel method charge distribution (24) based on this set of
paramsters is listed in the Table II-III,

Fach of the molecular orbital methods (Ponle, omega and Huckel)
gtarts with this initial Huckel charge density distribution as a basis for
further calculations. These Huckel charges are employed in each method to
calculate new Coulomb integrals F . (or cu)o The parameters A F =~ is
defined as the difference between the Huckel Fuu term and the Fuu based

upon the Huckel charge density for each orbital géu:

AF, = F =T (Huckel) (75)

The moleculaxr orbital methods may then be compared on the basis of the relative

magnitudes of & F , berms predicted,



TABLE II-III:

Atam Huckel
Number  Charge

(2,~a,)
1 "00369’7
2 +0.1452
3 =0,0082
4 +0,0957

Note:

221.

Calculated AF = and Huckel Charges for Pyridine-Like

Molecule

Simple
Huckel

0.00
0,00
0.00

0.00

w Type
Technique

+1,95
"‘0076
+0.04

"'0050

AF
uu

w + Nearest
Neighbours

""0917
+1.99
"'ln72

—0038

a) - Equivalent to  + all neighbours.

w+ lst +

_ 2nd

Neighboura

""0008
+0.68
+0.35

=L, 97

Pople a

Method

=0.55
+0,72
-0036

-0016
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Since the Huckel method Coulomb integrals are independent of the
charge dengities 9, all the terms A Euu are equal to zero. The Pople method
values of A Euu for each inequivalent orbital are listed in Table II~III and
were calculated by using the Huckel charge densities together with the appro=
priate repulsion integrals Yo 8ccording to equation 19. The values of the
Yau integrals used were taken‘to be those listed for benzene (X = C) by
Pariser and Parr (8). The paraméters A Euu values corresponding to the omega
technique are also listed in Table II-III, and were calculated using
Yuu = 10:53 e.v.; the Parisergand Parr value (8)s

The corrections A Euu calculated for the omega technique bear
little resemblance in sign, magnitude or relative order to those calculated
by Pople®’s method. In general, the omsga technique A Fuu terms cannot be
congidered to lie between the Huckel and the Pople A Fuu terms since they
are all outside of this range. The agreement between the omegsa technique and
Pople A Fﬁu is not substantially improved by adding only the nearest neighbour
L(uy qw) terms of equation 37 (Table II~III) nor only the nearest and second
nearest neighbour L(u, qw) terms to the omega technique A F g terms. The
inclusion of nearest neighbour, or first and second nearest neighbour, terms
to the omega technique has been suggested in the literature as the @' and "
methods (25,26).

From this analysis, it mey be concluded that use of the omega.
technique will not result in cherge distributions which are midway between
those of the Huckel and Pople methods, but will yleld distributions which are
quite different from both of these procedures.

The present discussion concerning the validity of the omega technique
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may be concluded with a quotation from a review papsr by Mo J. S. Dewar (6):
"If one is going to make allowance for the terms in Fﬁi [}Euu:]

involving the charge densities 9 [qu] » one might as well do
the thing properly and use the full Pople expression."
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II. 3. MOLECULAR ORBITAL CALCULATIONS FOR CONJUGATED MOLECULES CONTAINING

BORON

II. 3. A. INTRODUCTION

The very large number of molecular orbital calculations for pi

electron systems which are given in the chemical literature are mainly for

aromatic hydrocarbons and their simple derivatives, since most of the known
conjugated molecules are organic rather than inorganic. Recently, some
inorganic analogues of the common rings and chains formed by carbon atoms have
been aynthesized (27). Conjugated pl electron systems; extonding over several
inorganic atoms, may be present in some of these molecules (27).

The pi e;ectron systems in those compounds containing trivalent
boron atoms are similar to aromatic hydrocarbons in some respects, since the
atomsparticipating in the conjugated networks are coplanar, and can uge
valence=ghell Py etomic orbitals for pi bonding, In many molecules, the
unoccupied Py orbitals of boron atoms can conjugate with the P orbitals of
nitrogen, oxygen, fluorine, chlorine, etc. which are doubly-occupied. These
pi electron systems differ from those in organic aromatic molecules gince
the Coulomb integrals of the differént o orbitals in the inorganic systems
are generally quite different in.magnitude, whereas the Coulomb integrals in
the organic systems are quite similar,

Silnce Coulomb integrals for the Py orbitals of many atoms have been
"derived" in Part II, 2, simple molecular orbital treetments of many inorgenic
conjugated systems can be made. Such calculations are reported herein for pi

electron systems formsd by boron (B) atoms and atoms (X) which have lone pairs
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of electrons in their valence~shell Py orbitals.

Thé model of the B-X pi electron systems considered has egch boron
atom contributing one Py atomic orbital and zero pi electrons to the conjugated
network, and each "lone-pair" atom, X, contributing one Prr orbital and two
pl electrons. The sigme electron systems of these molecules are assuned to
be composed of non-polar B-X bonds, since several authors (28, 29) have shown
that this assumption is superior to models which assume substantial polarities
in the B-X sigma bonds.

The molecules consideredvexplicitly contain boron and nitrogen atoms
(.. X=N), Many of the B-N networks discussed have B-0, B-S, B~F, B~Cl, and
B~Br analogues. The Coulomb integrals of these other lone-pair atoms are
similar to that of nitrogen, and most of the results presented for B-N systems
are directly applicable to these other systems,

Molecular orbital calculations by tﬂe Huckel and/or Pariser—Pary-
Pople methods have been feﬁorted in the literature for the best~known boron-
nitrogen conjugated system, borazine (28-36), LCAO-MO treatments for some
aminoborane derivatives, and for the boron~nitrogen analogues of naphthalene
and biphenyl, have also been reported (29,37). Both the gigmea and pi bonds
in several B-N rings and chains have bsen treated by the Extended Huckel
Method (38,39), and the boron trihalides have been treated by a similar
method (40). Several workers have also done molecular orbital calculations
on some aromatic organic molecules which contain boron and nitrogen atoms
(37-39,41)

In all the LCAO-MO calculations which have been reported for B~N
pl systems, only a few conjugated systems have been considered in each report.

In the present study, an attempt is made to consider a large variety of B-N
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systems by LCAO-MO methods with a consistent set of parameters, in order that

direct comparisons between different B-N pl networks can be made,
In all the molecules to be considered, it is assumed, for simplicity,
that a single, continuous pi electron network is present. For example, atoms

having two lone-pairs of electrons are assumed to use only one of these pairs

for pi bondingo
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II. 3. B. METHOD OF CALCULATION

Both the simple Huckel method and the "omega technique" (see
Part II. 2) were used in the LCAO-MO calculations for all the B-N networks
congidered herein. The calculations wers done by means of the computer
programme described in Appendix II. The main steps in the computer programme
are as follows:

i) the "input data" for the molecule to be considered is read in to the
computer,

ii) the matrix elements Fuv for each pi atomic orbital are calculated,
1ii) the secular determinant (equation 27) is solved for the elgenvalues
and eigenvectors,

iv) the eigenvalues (and corresponding eigenvectors) are sorted in order
of decreasing stability,

v) the charge~density and bond=order matrix (equation 25) ig calculated,
vi) in omsga technique calculations, steps (ii) through (v) are iterated
until a self-consistent field is produced,

vii) the molecular orbital results for the moleculs are printed out,

The paramsters required for these calculations are the Coulomb
integrals for boron and nitrogen, the w values for these atoms, and the B=N,
B~B; and N~N resonance integrals. The Coulomb integral paremsters hB and h
(see equation 30) were taken as those listed for B(Z = 0) and N(Zu = 2) in
Table II-I, and were rounded off to two significant figures (i.e. hB = =lol, -
hN = +l.5). The w values for B and N were obtained by substituting hB and
hN above into equation 71, The resonance integral paremster kBN (see

equation 31) for a B-N bond hes besen estimated previously (30933937,41y42)
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to be in the range
O°5 < kBN < l [

The value kBN = 0.9 has been arbitrarily adopted in all the present
calculations. The use of a slightly different kBN changes the sabsolute
magnitudes of the molecular orbital paremeters, but the TRENDS in bond order,
charge, energy, etc. in different molecules are not affected greatly° In a
few of the networks considered, kBB and kNN are required. In order to
facilitate compariscns with molecules containing B~N bonds, kBB and kNN
were also taken as 0.9, Non-zero resonance integrals were only used for
"bonded" atoms in the Huckel and omega calculations.

Pople method self-consistent field calculetions were also performed
for the pi systems of several of the smaller molecules in their ground states,
The distance between bonded B and N atoms was taken to be equal to that for
borazine, l.44 X (36), in all cages, since structural data for the other B-N
systems is not yet available. The B=N~B and N-B~-N bond angles were assumed
to be l20°, except in the four-membered ring where 90° bond angles were used.
All the conjugating B and N atoms were agsumed to be coplanar,

The Pople method calculations for the B~N networks were accomplished
by using a slightly modified version of the "SGR~1M computer programme devised
by J.M. Sichel (43). This programme is similar to that used for the Huckel
and omega celculations. The evaluation of the I matrix elements isy however,
more complicated in the Pople technique programme than in the Huckel~omega
Programme o

Several similar sets of parameters and integrals for Pariser—Parr-

Pople calculations on borazine have been given in the literature (28,29,36),
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The most recent set, that given by Ferkins and Wall (36) who considered
several borazine derivatives as well as the parent molescule, were used for
the Pople calculations rsported herein. Hence, the two~centre repulsion %,

integrals were calculated by Ohno's formula (44):
Tuv

= 1ha397 (76)
o (2 + a?)V/2

. o .
where r 1is the distance in A between the atoms of orbitalg ;6u. and

96v’ and

a = _ 28,79 o (77)

You Yov
Perking and Wall (36) give the following values for the one-centre repulsion
intsgrals Yuu and Yov and for the core integrals Uﬁu and U&v;

YBB = 5097 BoVoe

YNN = lloO? SoVo
UBB = "'10061 QeVe
UNN = "'23a02 QeVoe

The core integral HBN (equation 14) for nearest-neighbours B and N was found
to be =2,198 e.v. (36). ALl the Pople method caleulations reported herein
have bsen generated by use of the parameter set given above. No configuration
interaction is included for the ground states of the molecules,
The indices of the LCAO-MO celculations reported are:

i) the hond orders Puv between "bonded" orbitals,

Iii) the net charges associated with the P, atomic orbitals,
of the pl network, which is taken to be

iii) the ionization potential
the energy of the highest occupied pi molecular orbital,
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iv) the pi BONDING enexgy, defined as the total pl energy of the network
minus the pi energy of the meparated atomlc orbitals (L.e. E"(BBN = 0,9) -
EV(BBN = 0,0) ) (Slmple Huckel method only),

v) the pi bonding anergy per atomic orbitel in the network (Simple
Huckel method only), and

vi) ‘the pi bonding energy is also reported in terms of the "resonance
energy." The resonance energy is defined as the pi bonding énergy for
the pl system minus the pli bonding energy of the component B-N pairs if
the latter were isolated from each other.

The boron and nitrogen atom fremeworks of the conjugated systems
considered are given in Figurs II-3 for B-N chalng, and in Figure II~-4 for
B-N rings. The numbering systems used in these figures are chosen for con-
venience in reporting the LGAO-MO calculations, and do not necessarily
correspond to the numbering systems conventionally used for such molecules.
Some examples of real molecules containing the pi networks given in Figures
II-3 and II-4 are illustrated in Figure II~5. In all three figures, II-3,
II-4;, and II-5, all the B~N bonds are represented by single dashes, since
full double B~N bonds are not present in these molescules. The B-N chaing are
clasgified according to the longest, continuous pi network that can exigt
in the molecule. For example, structure IX of Figure II-3 is considered as

a branched derivative of the four-membersd N~B-B-N chain,
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Figure II-3:

BORON-NITROGEN CHAIN STRUCTURES
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Figure II=~4:

BORON-NITROGEN RING STRUCTURES
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Figure II-5:

SOME EXAMPLES OF SYNTHESIZED MOLECULES WITH B-X Pi ELECTRON SYSTEMS
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II. 3. C DISCUSSION AND RESULTS

In the conjugated pl electron networks formed by B and N atoms, each
boron atom contributes zero electrons to the network, and each nitrogen atom
contributes two electrons. Thus the total number of pl electrons is always an
even number for such systems. In carbon~carbon pl networks, each C atom
usually contributes one eiectron, and the total number of elsctrons is an even
number only if there are an even number of carbon atoms present. Since an even
number of pi electrons is required to obtain & closed=shell ground-state con~
figuration, and since a closed shell is usually required for a stable system,
it is theoretically possible to obtain a greater variety of B-N pi systems
than C~C pl systems. This factor is especially evident in B-N conjugated
chains, where a closed shell of pi electrons is obteined regardless of the
chain length. In carbon-carbon straight chains, the conjugated system usually

extends over only an even number of carbon atoms in the neutral molecules,

B~N CONJUGATED CHAINS

The fundamental pl electron unit formed by boron and nitrogen is the
two-membered chain, B~N, which contains two pl elections and is in same respects
gimilar to the two-electron carbon-carbon double bond, Since the Coulomb
integral of nitrogen is greater than that of boron, the pi electron pair in
B-N is not shared equally between the two atomic orbitals, but is meinly
centersd on nitrogen. The molecular orbital calculations on B-N indicate
that only about 0.2 electron is transferred to the initially unoccupied boron

pi orbital from the initially doubly-occupied nitrogen pl orbital (Structure I,



235,

Tables II~VII, II~VIII, II~IX). Since the pl electrons are not shered equally
in B-N, the B-N mobile bond order is only 0.5 to 0.6 (I, Tables II-IV, II-V,
II~VI), which is much less than that of 1.0 in ethylene.

The pi bonding imparts additional energetic atability above that of
a single boron-nitrogen sigme bond in the B-N molecule. The calculated Huckel
pi bond energy for B-N of 0.56 B° (I, Table II-X) is, however, much less than
that of 1.20 B° for a B~N bond in which the Coulomb integrals of the two atoms
are equal. If the B and N unite in the B~N type of molecule are twisted such
that the pl atomic orbitals are at an angle of 90° to each othery, the B-N
resonance integral goes to zero and the pi bonding energy is zero. Therefore,
a barrier to rotation about the B~N bond should exist. This barrier ﬂ;; been
studied by nuclear megnetic resonence experiments for soms substituted
aminoboranss, R1R2N~BR3R » and has been found to be about 15 Kcal. moleml
(45), which is approximately one-sixth of that estimated for the cérbonwcarbon
double bond in ethylene (46). In molecules with carbon-carbon double bonds,
the barrier to rotation is sufficiently large so that cis and trans isomers in
substituted alkenes can be physicelly separated. Since the rotation barrier
for B-N is much smaller than that of a carbon-carbon double bond, the average
lifetime of the cis and trans isomers is much smaller. For exemple, the mean
lifetime of the isomers in (CGHB)(CHB) N-B (CH3)2 is only approximately 107%
seconds at 100°C (45), and individual isomers have not bsen isolated,

The parent molecule H2BNH2 of the simple B-N pi system, and the
other B-X counterperts such as H,BSH , etc.; ave found to be dimers and
polymers rather than monomsrs (47,48). The pi bonding energy in these molecules

is evidently insufficient to stabilize the monomers. Several organo~substitu£ed

derivatives of the parent molecules, such as (CH3)2 BN, and (CHB)ZBN(CHB)Zy
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TABLE II~IV: Bond Orders (Huckel Method) for B-N Chains

Molecule Pi Bond Orders for Orbital Pairs
Numbex 1L-2 R =3 3 =4 b =5 5-6 Others
I 0.569
11 o495
III o495
v o4h3
v obd3
VI 510 W431 .510
VII o592 o101
VIII 2592 L10L
IX 502,127
X <506 o443
XI «506 ohd3
XTI 450 405
XIII o507 AN o456 bl 507
XIV o507 W4l odi51,
XU 0507  oh4l odi54
XVI SOT AL Sk AL s e &&3
Notes:

a) 6 - 7 Bond

b) 7 - 8 Bond
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TABLE, II-V: Bond Orders (Omege Technique) for B-N Cheins

Molecule Pi Bond Orders for Orbital Pairs
Number l=-2 2-3 3-4 4L=5 5-6  Others
I 0.515
(II o456
III 446
Iv o413
v 2401
VI o458 393 o468
Vil 2528 =072
VIII 0528 072
IX o461 097
X o455 404
XI 4606 o404
XII o420 °373
XIII 0456 0402 o415 0402 o466
v o466 o402 o413
xv 456 402 413
VI 456 402 413 AL ul e §§§
Notes:

a) 6 = 7 Bond
b) 7 - 8 Bond



TABLE II-VI:

Note:

a)

Molecule
Number

11
v
vr(e)
XVIII
XIX
XKI

XXII

cis isomer

Pi Bond Orders for Orbital Pairs

lL-2 2~3 3 -4
0,666

0,567

0.499

0.603 0,459

00443 0.443

00542 0,542

0.558 0.411 00,411
0,522 0.481 0,481

238,

Bond Orders (Paople Methed) for Selected B-N Chains and Rings
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TABLE II-VII: Pi Orbital Net Charges (Huckel Method) for B-N Chains

Molecule Net Charges (in Electrons) for Atomic Orbitals

Number 1 2 3 4 5 6 Others
I -.178 4,178

II +ol43  =.286

III -3 4,286

Iv +.120  =,360

V=120 +.360

VI = 151 +.264  -.264  +.151

VII -.212 4,212

VIII 4,212 =,212

IX +.159  =,318
X =149 +.269  =.240
XI +o149  =.269 4,240

XII +.123  =,350 +.207
XIIT =049 4,268  =.245 +.245 —,268 +,149
XIV o149 =268 4,244 =250

XV -.149 4,268 -, +,250

. , ~.268 (a)
XVI - 149  +.268 -, ToR49  =0249  +.244 +.149 (b)
Notes:

a) Orbital 7

b) Orbital 8



TABLE II-VIII:

Molecule
Number

I
II
III
IV

VI
VII
- VIII

IX

pans
XIII
LIV
LV
XVI

Notes:

a) Orbital 7

Pl Orbital Net Charges (Q@ggg_Iﬁghg;gy@J for B~N Chains

Net Charges (in Electrons) for Atomic Orbitals

1

~0.143
+,118
~.112
+.101
- 0%,
-.118
~.162
+.162
+,128
-.116
+0122
+.103
=117
+.122
-.117
- 117

2 3
+0.143
=.235
+.224
-2302
+, 281
+0209  =o214
+0162
-o162
-o256
+.212 =,191
-.218 +,191
~o291 +,168
+#,2LL =,195
~o217 +.19%
+o21L =194
+o2L1 =.194

b) Orbital 8

4

+.123

+.195
-.199
+.199
+.198

5

=17

-0198

6

+,122

+.194

Others

-.2L7 (a) -
+.122 (b)

240
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TABLE II~-IX: Pi Orbital Net Charges (Bople Method) for Selected B-N

Chains and Rings

Molecule Net Charges (in Electrons) for Atomic Orbitals
Number 1 2 3 4

I ~0,25 +0.254

II +0.201 =00403

Iv +0,166 ~0.497

v (&) ~0.225 +0,364, ~0.378 40,239

XVIII -0,267 +0,267 '

XIX ~0.397 +0.397

XXI +0,20/ —0.448 +00244,

XXTI 40,185 ~0,515 +0,330

Notes:

a) cls isomer
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TABLE II-X: Pi Bonding Energy Data (Hugggl_mgihgg) for B-N Chains

Molecule  Total Pi Resénance Bonding Energy
“Bonding Energy per Pi Atomic
Number Energy (in B°) Orbital (in B°)
(in B°)

I 0,562 0.000 0.28

II 1.039 0,476 0.35

III 1.039 0.476 0.35

Iv 1,460 0,897 0.37

v 1,460 0.897 0.37

VI 1.532 0.408 0.38

VII 1.212 - 0,087 0.30

VIIi Lo212 0,087 0.30

IX 2.189 1,064 0.36

X 2,022 0,897 0.40

X1 2,022 0,897 0040

XTI 2.879 1,755 004l

XIIT 2.512 0.826 0042

v 3,003 1.316 0.43

XV 3,003 . 1.316 0.43

XVI 3.493 Lo244 0.44
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are known to be monomeric (48).

The Pi Networks BNm and qu

The pi electron system B-N can be extended by the addition of B or N
atoms. If nitrogen atoms are added’to the central boron atom, the series BN,
BN,, and BNB (II and IV of Figure II-3) is produced. If boron atoms are added
to the nitrogen atom in B~N, then the series NB, NB2, and NBB (III and V,
Figure II-3) results. The Pl networks in these series correspond to the two-
membered chain, the three~membered chain, and the three-membered chain with a
branched chain of unit length at the central atom. For the purposes of the
simple Huckel and omsga technique calculations, the Py orbitals of the atoms
in these series BNm and NBm can be congidered to transform according to the
rotation point groups qme The pi moleculer orbitals in these molecules can be
discussed by reference to the irreducible representations of the point groups

Cm (49)o For the set BNm, the boron Py orbital and the group orbital ﬂ5 1
G, = 1z (78) *
1 m | Sﬁ Ni

transform according to the "A" irreducible representation of the polnt group

C,e The boron and the group pi orbitals can be combined (49) to form two

molecular orbitals of the type

WA = ¢ Q{B + oy ? 95 Ni ¢ (79)
m

The energy levels for these molecular orbitals ¢A are given by

5 5\ /2
E = EB+ Oy + % ((aB—aN) +4mBBN> . (80)
2
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The stability of the bonding MO increases with m for given Coulomb integrals
dy and Oy and for a given resonance integral ﬁBN. The energy levels for the
MOs WA in the system NB are given by the same formula.

For the BN, and NB2 networks, & second group orbital gﬁzp corrag=

2
ponding to the "B" irreducible representation of the group 02, can be made:
@, = _%_(;éNl- ¢N2> for N, (81)
@B, = _.1,_(¢Bl- ¢B2) for NB, . (8)
2

The group orbital 952 cannot mix with the P; orbital of the central atom,
since the two orbitals belong to different irreducible representations. The
group orbital gﬁz‘represents & non-bonding MO with energy Uy for BN2 and
energy dy for NB20

For the BN3 and NB3 systems, two group orbitals, sze and gé 30 can
be formed corresponding to the "EM representation of the point group C3 (49)
These group orbitals cannot mix with the Py orbital of the central atom, and
therefore gé 2 and 95:3 represent a degenerate pair of non~bonding molecular
orbitals with E = Uy for BN39 and E = ap for NB3°

The results of the moleculaer orbital calculations for BNé and NB2 are
reported in Tables II~IV to II~X as items II and III. Since these two networks
are related by a camplete interchange of atoms, the Huckel method calculations
for II and III are identical. The bond orders PBN’ and the terminal atom net
charges, in II and III are less than those in B~N, whereas the net charge of
the central atom is higher.

Both the Huckel total pi bonding energy and the energy per atom for
II and III are greater than that in BN (1.04 B° versus 0.56 509 and 0.35 p°

versus 002850)o The pi system of a three-membered BN chain then imparts
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substantially greater stability to the molecule than the pi system in the
two-membered chain. Indeed, the N~B-N chaing (and generally the X~B~X systems)
appear to be more common and stable than the B-N counterparts. For example, no
well-defined, monomeric moncalkoxyboranes ROBH2 have been reported, but
dialkoxyboranes, (RO)ZBH are common and are monomeric (50). Some monomsric
compounds with the N-B~N linkage have also been synthesized, such as
(RB“N)ZBR" where R and R! are alkyl groups, and R" is either an alkyl group
or hydrogen (48). The three-membered chain with terminal boron atoms is
present in such molecules as (n—Bu)zBOB(n—-Bu)2 (51) and the molecule labelled
IITa in Figure II-5 (52).

The pi bonding energy calculated by the Huckel method for BN3 and NB39
1.46 ﬁo, represents an increase of 0,42 ﬁo over that for BN2 and NB2 (Table
II~X). The pi bonding energy per atomic orbital is also increased, from
0.346 B° to 0.365 B° The B-N bond orders for BN3 and NBB are slightly lower
than those for BN2 énd NB2 (Tables II-1V, II-V, iI--VI)° The net charge of the
central atomic orbital in BN3 and NQB is the highest found for any of the B-N
systems considered (Structures IV and V, Tables II-VII, II-VIII, II-IX).

Since the pi bonding energy in BN, is relatively large, molecules

3

containing the BX, grouping should be rather stable. Indeed; all four boron

3
trihalides - BF,, BCl,, BBr,, and BI3 = are stable, monomeric compounds in

3 3 3

vhich the four atoms are coplanar (53). Boron also forms a series of mono-
meric trialkoxyboranes, (RO)BB9 in which the B atom and the three 0 atoms are
coplaner (54). Well-characterized nitrogen and sulphur derivatives, (RR“N)BB

and (RS)BBy are known and are usually monomeric (47,48). Even the parent

molecule B(NH2)3 is known (48).
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BN Chains with Four Atoms

The conjugated systems B-N-B~N and C=0-C=C are similar in some
respectss In both "BN butadiene" and "CC butadiéne," the pl bonding between
the central orbitals is not as strong as that between the terminal orbital
palrs, since the bond orders 3323 are smaller then P12 and P3 4 (Structure VI,
Tables II~IV, II~V, II-VI). The alternation of bond orders in BN butadiene
(0.5L, 0.43, and 0.51 for Py, P23’, and P;, by the Huckel method) is not nearly
as pronounced ag that in CC butadiens (0.89, 0.45, and 0.89 by the Huckel
method). The 36% increase in pi bonding energy in B-N-B-N relative to two
B-N units (Table II~X), is significantly greater than the 12% increase for
C=0-0=C relative to two C=C units (24). All three molecular orbital methods
predict that the net charges of the pnAOs of central atoms in B=N=B-N are
greater than those for the Py AOs of the terminal atoms (VI, Tables II-VII,
II-VIII, II-IX). The net charges in C=C-C=C are all zero (2,24).

Although the conjugated B-N=-B-N system is predicted to be stabilized
relative to two B-N unlts, few molscules with the B=X-B-X network have been
synthesized. One knoun exemple is VIa of Figure II-5 (52), in which the terminal
B and N atoms are bonded to the benzens ring.

Iwo B-N units could also combine by B~B or N-N bonding to glve the
chains N~B-B-N and B-N-N-B. Some examples of both types are knowng for example,
(CHB)QNB(R)B(R)N(CHB)Z where R is an alkyl group (55), and H2BN(H)N(H)BH2 (56).
There are meny more compounds known of the type XZBBXZ’ which can be considered
as two BX2 units joined by a B~B bond to yield a branched chain of length four
atoms., TFor example, the diboron tetrehalides B2349 BZC;A’ B2Br4, and B2I4, as

well as molecules of the type Bz(NR2)4 and BE(OR)49 have all been synthesized,
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and all contain B-B bonds (55).
Molecular orbital celculations for the units B-N-N-B, N-B-B-N, and

N, B-BN, are reported as structures VII, VIII and IX in the tables. The B~B

2 2
and N-N bond orders are very smaell in these molecules (VII, VIII, and IX in

Tables II-IV and II-V). Since these bond orders are small, the pi bonding
energy increase of the units relative to separated BN or BN2 units is very
small (Table II~X). For example, the pi bonding energy increases by only 5%
when two BN, units are joined by a B-B bond. '
Since the pi bonding energy increase is small, the barrier to
rotation due to pl bonding around the B-B and N~N bonds should be smell.
Solid-state ¥-ray mesasurements on crystalline B2EA and BZCl4 have indicaied
that the BX2 units in these molecules are coplanar (57958959)o In the gaseous
phase, however, the two BCl2 groups in BZCl4 are perpendicular to each other
(60). Infrared and Raman gpectroscopic studies of gaseous and liquid B201 s
and of liquid B2(N(CH3)2)4 indicated that the BX,, units are not coplanar
(60,61,62), whereas the spectra of BQ(OCH3)4 is cénsistent with e planar
arrangement of the B, 0, and C atoms (62). These contradictory results are
not surprising in the light of the molecular orbital calculations for NeB=B~N
and NZBQBNZ, gince the conjugation between the two BN or BN2 units is very
weak, and will probably be of minor importance comparad to steric effects,
crystal packing requirements, etc. in determing the molecular geometry.
Brotherton (55) has noted that the higher B-0 bond force constant in
B2(OCH3)49 compared to that in B(OCHB)3 s indicates a greater double bond
character for the B-0 bond in the former molecule, compared to the latter.
The LCAO~MO calculations are in agreemsnt with tﬁis obgservation, since the B~N

bond order in N2B~BN2 is greater than that in BNé (TX and IV, Tables II-IV and

II"’V) ©



21}80

Longer B-N Chains

The Huckel method energy levels, Ej’ of unbranched chains of any

length which have alternating B and N atoms can be found by the formule of

Bochvar et al. (63): %:

Ej = ag Z G t L |(ap- 07+ 16 B2 cos” (ﬁzb :’ (83)
where m is the chain length, and j =1, 2, o « o o For chains having an odd
number of o atomic orbitals, there are two possible molecules—that with
terminal boron atoms aﬁd that with terminal nitrogen atoms. The Huckel method
charges, bond orders, and pi bonding energies for the two possibilities are
identical.

Some examples of the chain of length five are known. TFor example,
the molecule number Xla of Figure II~5 (64) can be considered to include the
N=-B~0-B-N conjugated network joined at each end to & benzene ring. The
branched chain X2B~X%BX2 1s more common, however, and many molecules of the
typs illustrated in Figure II-5 (Structure XITa) have been prepared (65). The
Huckel pi bonding energy per P, atomic orbital of 0.404p° and Oo4llﬁ° for
these branched and unbranched chaing respectively are significantly greater
than those calculated for the BN, BN, and BNB units (Table II-X). The branched
and unbranched chains should be quite stable with respect éﬁ their BN, BNép

and BN, components.

3
The molecular orbital calculations reported in Tables II~IV, II-V,

II-VII, II-VIII, and II-X for the unbranched chain of length five atoms, and
for the longer unbranched chains, can be summerized as followg:

i) each boron pi orbital carries a net negative charge, the result of
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charge transfer from the nitrogen j orbitals. The net charges of the
P orbltals of the terminal B and N atoﬁs in each chain are less\than
the net charges of the other (internal) P, atomic orbitals,

ii) the B~N bond orders in the boron-nitrogen chainsg dispiay the sams
type of alternation as that established for conjugated carbon-carbon
chains, but to a lesser degree, and

ii1) the total pi bonding energy of the B-N chains increases smoothly
with chain length. The pi bonding energy per o atomic orbital also

increases with chain length, although the increases become smaller as

the chain is lengthened.
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B-N CONJUGATED RINGS

The B-N units can be joined together to form conjugated rings as
well as chains. Until recently, only the six~membered rings were known in
boron chemistry. Intensive research in the past decads, however, has resulted
in the synthesis of many more B~X ring systems.

Both experimental evidence and molecular orbital calculations have
indicated that planar, monocyclic ring systems, composed of trivalent carbon
atoms, are especially stabilized by pi bonding when the number of pi electrons
present equals 4n + 2, vhere n is an integer (66). The extra stability of
these systems 1s due to the complete filling of the bonding pi electron ensrgy
levels by the 4n + 2 electrons, with the result that the pl bonding energy is
a meximum for the system. |

Craig (31) has shoun that the "4n + 2" rule is also applicable to
some extent for monocyclic, planar rings with alternating atoms X and Y whose
P, orbitals can form a pi electron system. He showed that the extra stability
of such systems with 4n + 2 pi electrons, felative to those with 4n pi elsctrons,
decreases as the difference in Coulomb integrals between X and Y increases (31).
In the rings discussed herein, the Coulomb integral difference between the P
orbitals is quite large, and the ﬁAn + 2" rule is.not as important for such
systems as it is with carbon-carbon networks. .

The monocyclic ring systems (BX)m9 containing alternating Bﬁand X
atoms, can be considered by the Huckel method by use of the Qm point group
symmetry of the molecules. The Huckel method energy levels are more easily

obtained by the formula of Davies (67) for such systéms:
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, . 1/2
By = | (ag-ap® + op3 {l+cos (ag&)} (&)
where & = 0, *1, , , , 1. Here q = n/2 for even n, and (n~1)/2 for odd n,
where n is the number of o orbitals in the ring. The total Huckel pi
electron bonding energies for the (BN)Z’ (BN)3’ and (BN)4 rings (i.e.
structures XVIII, XIX, and XX of Figure II~4) are listed in Table II-XV.

Monocyclic Rings

The pi bonding energy increase in (BN)2, relative to that for two
B-N units, is 0.728°, corresponding to a 64% increase due to ring formation.
The Huckel method predicts a zero pl energy increase when two carbon-carbon
double bonds are joined to form cyclobutadiene (66). The Huckel pi energy
levels for (BN)2 and cyclobutadiene are illustrated in Figure II-6. In the
carbon-carbon system, the egergy'levels for ethylene are split by equal and
opposite amounts in cyclobutadiene, resu}ting in non-degenerate levels of
energy E = a° + 2@0 and B = o° - 2B° > and 8 pair of degenerste, non-
bonding levels of energy E = a°, The net increase in pi bonding energy is
therefore zero, and cyclobutadiene should exist as & diradical. The bonding
level for B-N, E = o° + 1.7818% and the anti~bonding level E = a° ~ 1.3814°,
are changed in (BN)2 to give four non-degenerate pi energy levels. Since
the extra stabilization of the first bonding level is greater than ‘the
destabilization of the other bonding level, the total pi bonding energy is
increased. Since the (BN)2 levels are not degenerate, the molecules should not
be a diradical.

In both the carbon~carbon and boron-nitrogen four-membered rings,



Pi Bond Orders for Orbital Pairs
2 =3

TABLE II-XI:

Molecule

Number 1 -2
XVII 0,000
XVIII 0405
fIX o460
XX «450
XXI o472
IXIT o455
XXIII o458
XTIV 0458
XXv o461
XVI 461
XXVIT o458
XXVIII o458
XXIX 465
XXX 463
XXXI 0463

Notes:

a) 6 - 7 Bond
b) 7 - 8 Bond

1 - 6 Bond

0. 569

o405
o460
o450
2376
o415
o410
o465
0458
0458
4,66
0466
o455
o419
0419

3~4 4=5
0.000

<376

o415

o410

o425 «370
o469 <116
469,116
418 L415
418 G415
465 o421
0395

«395

252,

Bond Orders (Huckel Method) for B-N Rings

5 = 6 Others

465 (a)
425 o458 (b)

0389 04—21 (C)



TABLE II-XII: Bond Orders (Qmegs Technique) for B-N Rings
Molecule Pi Bond Orders for Orbital Pairs
Number 1 -2 2 =3 3-4 4=5 5 =6 Others
XVII 0,000 0.515 0.000
XVIII .380 <380
XIx o416 o416
XX oLl o4llL
XXI 436 «353 0353
XXII o426 .380 380
XXIII o427 o377 0377
421 (a)
XXIV AV 0420 2383 o342 2387 241 (D)
XXV o416 odl3 022 . 082
XXvI o416 odld o2l .082
XXVII ANA 0422 .381 0383
FXVIII 44 o421 377 2378
XXIX o420 ol 12 42l o385 2352 381 (c)
XXX o419 o384 2358
XXI o419 380 0358
Notes:s

a) 6 = 7 Bond
b) 7 - 8 Bond

c) 1= 6 Bond

253,



TABLE II-XIII:

Molecule

Number 1
XVII -.178
XVIII =-0207
XIX -o257
XX =246
XXT. +.135
XXI1 +.126
XXIII +,127
XXIV ~0255
XXV +.259
XXVI =,259
XXVII +. 25/,
XAVIII  =.254
XXIX =242
XXX ~ 0259
XXXI +.259

Notes:

a) Orbital 7

- b) Orbital 8

254

Pi Orbital Net Charges (Huckel Mathod) for B-N Rings

Net Charges (in Electrons) for Atomic Orbitals

s

-.178
+,207
+.257
+.246
~.318
=0343
~.339
+,258
=257
+.257
~0259
+.259
+4257
+.240
-0240

3

+.178

+,183
+0217
+.211
=025
+4271
-o271
+o 241
~a241
-.257
0322

+.322

4

+.178

+.316
-.288
+,288
-.328
+.328
0242
+.304,
-.304

5

-0316

+.217
~o217
ke 0321

6

245

+.321

Others

=258 (a)
+.255 (b)
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TABLE II~XIV: Pi Orbital Net Charges (nggg_iﬁghgiqug) for B-N Rings

Molecule
Numbezr

XVII
XVIII
XIX

XII
XXIII
XXIV

XXVI
XXVII
XXVIII
XXIX

Notes:

a) Orbital 7
b) Orbital 8

Net Charges (in Electrons) for Atomic Orbitals

2

+,200
~.203
+0202
+202
+.190
-.188

3

+.143

+o 154
+o174
+.172
-.190
+,209
-.209
+0191
-.188
-0202
=255
+,250

4

+o 143

+0 247
~.220
+,219
-0263
+,256
+0192
+.236
=.235

5

~o251

+° 176
_10171
"0254

6

+.192

+.249

=203 (a)
+.200 (b)
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TABLE II-XV: Pi Bonding Energy Data (Huckel Method) for B-N Rings

Molecule Tota} Pi Resonance Bonding Energy
(g  On B
XVII 1.125 0,000 0.28
XVIII L.81 0.716 0.46
XIX 2965 1.278 0.49
XX 3.918 1.669 0.49
XXT 20754, 1,629 0.46
XXTI 40269 30144 047
XXIIT 5.673 30424 0,47
XXIV 6,276 2,902 0.52
XXv 6.033 2,659 0.50
XXVI | 6,033 2,659 0.50
XXVII 6,758 3.384 0.52
XAVIII 6,758 3.38, 0,52
XXTX 5.289 R.4T7 0.53
xXx 7.125 3.753 0.55

XXI 7,125 3,753 0,55



257,

Figure 1I-6:
Pi ELECTRON ENERGY LEVELS (HUCKEL METHOD) FOR
"GCC" AND WEN" CYCLOBUTADIENE

Note: a represents isolated C=C.,
b  represents "CC" Cyclobutadiens o
c represents "EN" Cyclobutadiene ,

d  represents isolated B~N .
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the sigma electron structurs of the molecules is destabilized by the strain
associated with 90° (rather than 120°) bond angles within the ring, As a
result, such four-membered ring systems are difficult to synthesize. Some
derivatives of the (BN)2 and (BS:)2 rings have been preﬁared; a discussion of
these derivatives will be given later. Molecular orbital calculations for the
four-membered ring in which the two B-N units are joined by B-B and N-N bonds
are also listed in Tables II~XI to II=XV (Structure XVII), According to the
Huckel method results, there is no Pi bonding energy increase when two B-N
units are joined in this manner,

Conjugated six-membered rings are common in both carbon and boron
chemistry. The best known (EX)3 ring is borazine (Figure II~5, structure XIXa),
The borazine ring is completely planar, the N~B-N and B~N-B bond angles are
close to 120°% and all the B-N bonds have equal length (48). An extensive set
of borazine derivatives are known (48). The conjugated six-membered ring
gystems (BO)3 and (BS)3 are also known, aithough the parent compounds boroxine
(QBHBQB) and borthiin (EBHBSB) have not yet been isolated (47,68),

The Huckel calculations for (BN)3 listed in Table II-XV indicate
that this pl system ig 1028509 or 75%, more stable than three isolated B-N
units. In comparison, the Huckel pi energy increases by only 33% in going from
three carbon-carbon double bonds to benzene (24). The pi energy levels for
(BN)3 are similar to those in benzene, since two doubly-~degenerate pairs of
MOs are obtained, and both the highest unoccupied orhbital and the lowest
unoccupied orbital are non-degenerate.

Eightwmembéred conjugated rings ars rare in boron chemistry. Some
derivatives of (BN)‘4 have been synthesized recently, however (69,70), The

Huckel caleculations for (BN)4 (XX, Table XV ) predict a pi bonding energy
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increase of 1.67B° for the ring relative to four igolated B-N units. This
pl energy increase of 74% over a non-conjugated (BN)4 ring is evidently
insufficient to overcome the steric and strain effects associated with a
planar eight-membered ring, since the (BN)4 derivatives which have been
synthesized have been found to be non-planar (70),
The trends in bond orders and net P orbital charges for the series

BN, (BN)Z’ (BN)By and (BN)4 can be summarized as follows:
B~N Bond Orders:

B > () > (an), > (),
Net Charges on B and N:

(BN)3> (BN)4> (B0), > BN ,
‘The same trends are given by all thres calculation methods usedﬁ \(Tables II-VI,

II~IX, II~XI, II-XII, II-XIII, II~XIV),

Rings with Exocyclic Substituents

A nﬁmber of derivatives of the (BX)m ring systems have been prepared
in which atoms having lone-pairs of electrons are substituted at each boron
atom. Molecular orbital calculations are reported herein for the prototypes
of such systems. The particular molecules considered are the (BN)29 (BN)Bg
and (BN)4 monocyclic rings in which an exocyclic nitrogen atom is bonded to
each boron atom in the ring. These systems will be termed (NBN)29 (NBN)39
and (NBN)4 respectively, and are illustrated as structures XXI, XXII, and

LXIII of Figure II=~4.

ﬁPople method calculations were not done for (BN)AQ
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The B-N bond orders for these systems are listed in Tables II-VI,
II-XT, and II-XII. In each case, the exocyelic B~N bond order is greater
than the bond orders within the ring. The difference between the two types
of bond orders is greatest for the four-membered ring, the differences being
0.097, 0.08L, and N.1l47, by the Huckel, omega, and Pople methods respectively,
and the difference is least for the six-membered rings, the differences being
0.040, 0,046, and 0,041 respectively., Since the exocyclic bond orders in
(NBN)m are greater than those within the ring, and since the latter ars lower
than those for the unsubstituted rings (BN)m, the pi bonding within all the
(BN)m rings is apprecilably decreased by the presence of "lone-pair" atoms at
each boron atom,

According to the Huckel method calculations, the total pi bonding
energy is greatly increased when exocyclic nitrogen atoms are substituted at
each boron atom. The increase in pi bonding energy of (BN)Z’ (BN)BQ and (BN)A
when (NBN),, (NBN) 3, and (NBN) 4, 8re formed is 0.928°% 1.308° and 1.768°
respectively (Table II-XV), All these increases are slightly larger than the
"resonance" energies of the unsubstituted rings.

Two compounds of the (BX)2 ring type have been synthesized, but since
exocyclic substituents with lone pairs of elsctrons are present at the boron
atoms in both of these compounds, these rings should be considered to bs of
the (XBX)2 type. Lappert and Majuudar (71) have reported the preparation of
the (NBN)2 derivative illustrated as structure XXIa of Figure II~5, The
infrared spectrum of this compound was interpreted in terms of cig and trang
isomers of the molecule (71). The existence of cis and trans igsomers
indicates restricted rotation about the exocyclic B~N bonds (71). On the

basis of the evidence for restricted rotation, Lappert and Maejumdar concluded
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that the pl bonding within the molecule is malnly exocyclic (71). This
conclusion is in agreement with the molecular orbital calculations discussed
above for (NBN)2° The second (XBX)2 system which has been prepared is the
(SBS)2 derivative illustrated as structure XXIb of Figure II~5., This compound
was prepared by Wiberg and Sturm (72). Apparently no molecules with the
unsubstituted (BX)2 pl system have been prepared to date. |

Both the (BX)3 and (XBX)3 pl systems are well known in boron chemistry.
A large number of derivatives of borazine, BBHBNjHB’ have been prepared. In
many of these derivatives, the substituent groups at boron are "lone-pair!
atoms such as nitrogen (48,73). Derivatives of the boroxine, (BO)39 and the
borthiin, (BS:)3y rings are also well known, and meny of these derivatives have
exocyclic "lone~pair" atoms bonded to the boron atows (T4s75,76) 6

Turner and Warne (69,70) have prepared several compéunds vhich con=
tain the eight~membered (BN)4 ring. All of these compounds have either halogen
atoms (Cl, Br) or pseudchalogen groups (such as -NCS) attached to the boron
atoms in ﬁhe ring (70). The structure of the ring system in one (ClBN)4
derivative has been studied (70). The (BN)4 ring is tub~shaped rather than
planar, and the B-N bonds alternate in length around the ring (70). 'The
structure of the (ClBN)4 derivative indicates that the conjugated networks
in (XBX)4 molecules are best considered to be composed of four XBX units, with
only very weak conjugation between separate XBX units. Although the Huckel
pi bonding energy of 596750 for (NBN)4 is appreciably greater than that of
4o16B° for four NBN units, the pi energy difference is evidently insufficient
to overcoms the steric and strein effects asgociated with a planar eight-

membered ring.
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Fused Ring Systems

In organic chemistry, a large number of conjugated systems are
known Whichlcan be considered to be the result of a fusion between two or
more benzene rings. Several examples of molecules contain@qg'fused borazine
rings have also been prepared, and molecular orbital calculétions on systems
of this type are reported as structures XXIV to XXXI in Tables II-XI to II-XV,
The simplest examples of this type of B~N conjugated system are the boron-
nitrogen analogues of biphenyl, with two- borazine molecules joined by a B-N,
a B-B; or an N-N bond (Structures XXIV, xxv; and XXVI of Figure II-4). The
first two members of the series, to be denoted BN - biphenyl (B-N) énd BN -
biphenyl (B-B), have been prepared (77,78,79). ﬁigher polymeric units of
borazine rings joined by B-N bonds are also known (77). The mobile bond order
of the B-N linkage joining the two borazine rings in BN - biphenyl (B-N) is |,
smaller than those within the rings (Tables II-XI and II-XII), and the increase
in pi bonding energy when the two borazine rings are joined in this manner is
0.358°% which corresponds to a 6% gain in pi bond energy (Table II-XV). 'The
B-B and N-N bond orders in BN - biphenyl (B~B) and BN - biphenyl (N~N) are
very small, 0,12 in the Huckel approximation, and the gain in pi bond energy
is only about 2% of that for two isolated borazine rings. Since the percentage
increase in pi bond energy in biphenyl relative to two benzene ring is of
about the same magnitude as in the boron-nitrogen rings, and since this
increase in pi energy in the case of biphenyl is insufficient to overcome
steric effects between the rings since the two benzene rings are not coplanar
(66), the two borazine, rings in the BN - biphenyl molecules are probably not

coplanar,
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Molecular orbital calculations are also reported in the tables for
molecules in which two borazine rings are bonded together by means of an
intermediate (exocyclic) nitrogen or boren atom (Structures XXVII and XVIII
of Figure II-4). The pi bond energy increase for such systems relative to
that of two isolated borazine ringg is 0083B°, which is greater than the
corresponding increase (003550) when the two rings are joined without the
intermediate atom. Some molecules are known in which the pi electron structure
XXVII could be present, For example, Wagner and Bradford (77) have synthesized
the compound illustrated as structure XXVIIa in Figure II-5. Higher polymsrs
of this system, in which substituted borazine rings are joined together by
intermediate oxygen atoms, are also known (77),

The boron-nitrogen analogue of naphthalene (structure XXIX of
Figure II-IV) has also been prepared (78,80). The resonance energy for
BN = naphthalene, 2048ﬁ°9 1s almost double that found for a single borazine
ring (Table II-XV). ‘The mobile bond orders for BN - naphthalene are not all
identical, but the minor variations found within the ring parallel the
corresponding trend of bond orders in naphthalene. In particular, the bond
common to both rings is the weakest link in the molecule in both naphthalene (24)
and its boron-nitrogen analogue (XXIXy Tables JI-XI and II-XII),

Theoretically, it is possible to have a boron-nitrogen ring
structure in which an N~B-N or B~N-B unit is joined to BN - naphthalene
to create a symmetric, conjugated system containing three rings (structures
XXX and XXXI of Figure II~4)s The Huckel method pl bonding energy for both
such structures is 7013B°g which corresponds to an increase of OOSOBO over the
two component systems mentioned above (Table II=-XV). Although molecules of

this typs have not ag Yot bsen prepared, the Huckel calculations on these
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networks and on BN = naphthalene show that there is a substantial increase in
conjugation energy associated with Joining small boron-nitrogen pl electron
networks together to give polymers in which a large number of 8ix-membered
rings are present., The upper limit to such conjugation is found in the well~

known "graphite" form of boron nitride (53) o
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IONIZATION POTENTIALS

According to Koopman's theorem, the ionization potential of a
molecule is approximately given by the energy of the highest occupied molecular
orbital (1). If it is assumed that the highest occupied molecular orbital in
the B-X gystems is an orbital of pi character, then the double~occupied energy
level of least bonding character calculated by the Huckel, omega, and Pople
schemes given an indication of the ilonization potential expected for each
B-X system. The energies of the highest occupied orbital in the B~N chains
and rings illustrated in Tigures II-3 and II-4 are given in Table II~XVI. The
energy levels are reported relative to the Coulomb integrals for a doubly-
occupied, non-bonded nitrogen o orbital (except for the Pople results).

In all the pi networlks in which there are more nitrogen atoms than
boron atoms, the highest occupied molecular orbital is non~bonding according
to the Huckel method, with an energy equal to the Coulomb integral of nitrogen.
All the Huckel method ionization potentials for such systems are reported as
zero in Table II-XVI, and the corresponding ionization potentials for these
networks predicted by the omegsa and Pople methods are approximately OOZBO to
O°4ﬁ°9 and 11,7 = 1l2.4 e.v. respesctively., The predicted ionization potentials
of systems with an equal number of boron and nitrogen atoms, or with an excess
of boron atoms, are all equal to, or larger than, the values above. In
general, there is reasonably good agreement between the trend of ionization
potentials predicted by the three molecular orbital methods.

The ionization potential of the unsubstituted borazine moleculs has
been found experimentally to be 10.3 = 0.2 e.v. (8l). This value is about

3.1l e.v. less than that predicted by the Pople method.
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TAHLE II~XVI: Energy of Highest Occupled Pi Moleculasr Orbital in BeN

Chéing and Rings

Molsciile Energya of the Highest Ocoupled Molecular Orbital
Numbez Huckel‘ Omegt. Pople Method
Method Technique (in o.v.)
(in B°) (in p°)

I 0.281 0.531 13.37

II 0,000 0.232 12.00
III 0.519 0.8%

v 0.000 0.199 11.76

v 0.730 1.184

VI 0.114 0.381 12.73 (b)
CVIX ~0.512 ~0.254

VIII 0.218 0.515

IX 0.000 0.253

X 0.281 0.660

AT 0.000 0,282

XIT 0.000 0.204

LIII 0.060 0.349

LIV 0.000 0,303

v 0.171 0.550

VI 0.037 0.340

XVII ~0.619 -(.369

LVIIT 0,000 0.345 12.35
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TABLE II-XVI continued

Molecule Energya of the Highest Occupied Molecular Orbital
Number Huckel Omege Pople Msthod
Method Technique (in o.v.)

(in p°) (in B°)

XIX 0,281 0.635 13.43
XX 0,000 0.389 _
XXI 0,000 0,235 11,65
XXII 0.000 00234 11.73
XXIIT 0,000 00234

XKIV 0.146 0.531

XXV 00235 0,607

XXVI -0.358 =0,0L4

XXVII 0.000 0.368

XXVIII 0,281 0.639

XXTX 0.114 0.479

XXX 0.000 0.376

XXKL 0.281 0.655

Notes:
a) Huckel and omega method ionization potentials are reported relative

to the Coulomb integral of "neutral" nitrogen, a° + 1.5 Boo Posi=

tive ionization potentials listed represent orbitals more stable
than this value,

b) cis isomer
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CONCLUSIONS

The molecular orbital calculations for boron-nitrogen chains and
rings discussed above, together with the experimental properties cited for these
systems, have indicated that many of the known characterigtics of organic
'molecules with carbon-carbon double bonds are present in conjugated B~X
systems. .In some ingtances; these characteristics are displayed to & lesser
extent in the inorganic systems as compared to the organic. For example, the
alternation of bond lengths in even-membered B-X chains of alternating B and X
atoms should be less pronounced than in the corresponding carbon-carbon chains.,
In addition, the greater pi energy stability of conjugated monocyclic ring
systems with 4n + 2 pi electrons relative to those with 4n electréns is much
less evident in rings with alternating B and N atoms than it is with carbon-
carbon rings.

On the other hand, there are some characteristics which are more
pronounced in the B-N networks than in the organic molecules. The relative
increase in pi bonding energy for systems of B~N units connected by boron-
nitrogen bonds is greater than the corresponding increase in the carbon-carbon
systems. Secondly, the pi bonding in ring systems with extra nitrogen atoms
bonded to each boron is meinly exocyelic in nature, in»contrast to that in
aromatic hydrocarbon systems in which exocyclic, highly electronegative atoms
do not substantially contribute to the pi bonding.

Finally, the molecular orbital calculations have established that
the pi bonding between the atoms in a B-B or N-N linkage is very slight, and
will probably not be sufficient to induce restricted rotation aboui these

bonds °
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The trends in the molecular orbital parameters (bond order, charge
density, lonization potential) calculated for the boron-nitrogen conjugated
systems by the three different molecular orbital methods are all quite
similar, and for this reason the three techniques appear to be equally

applicable to the types of networks consgidered.



270,

REFERENCES FOR PART II

1. G. C. J. Roothaan, Rev. Mod. Pnys. 23, 69 (1951)

2o . Ao Pople, Trang. Faraday Soc. 49, 1375 (1953)

3¢ P. G. Lykos and R. Go Parr, J. Chem. Phys. 24, 1166; 25, 1301 (1956)

4o Ao Brickstock and J. A. Pople, Trans. Faraday Soc. 5Q, 901 (1954)

5. N. So Hush end J. A. Pople, Trans. Faraday Soc. 5L, 600 (1955)

6. M. J. S. Dewar, Rev. Mod. Phys. 35, 586 (1963)

7. He. Kon, Bull. Chem. Soc. Japan 28, 275 (1955)

8. R. Pariger and R. G. Parr, J. Chem. Phys. 2L, 466, 767 (1953)

9. C. A. Coulson and H., C. Longuet-Higgins, Proc. Roy. Soc. London A19l,
39 (1947)

10 A. Streitwieser, "Molecular Orbital Theory for Organic Chemists, " John
Wiley and Sons, New York, 1961, Chapters 1-5,

1l. Re Ge Parr, "Quantum Theory of Molecular Electronic Structure," Benjamin,
New York, 1964. Chapter 3.

12. Chapter 5 of reference 10.

13. R. S. Mulliken, J. Chem. Phys. 3, 573 (1935)

lie Re. Do Brown and A. Penfold, Trang. Faraday Soc. 53, 397 (1957)

15, F. Peradejordi, Cshiers de Physique 17, 393 (1963)

16. A. Streitwieser, J. Amer. Chem. Soc. 82, 4123 (1960)

17. G. W. Wheland and D, E, Mann, J. Chem. Phys. 17, 264 (1949)

18, N, Muller, L. W. Pickett, and R, S. Mulliken, J. Amsr. Chem. Soc. 76,
4770 (1954)

19. J. Hinze, Ph.D. Thesis, University of Cincinatti, Cincinatti, Ohio. (1962)

Tables 14 and 18,



20,
Rl.
22,
<3

25,
26,
27,

28,
29,

30.
31,
32.
33.
3be

35.
36,
37.
38,
39.
4,00

7L,

Ao Lo Ho Chung end M. J. S. Dewar, J. Chem. Phys. 42, 756 (1965)

Fo Ho Fleld and J. L. Franklin, J. Chem. Phys. 225 1895 (1954)

H. O. Pritcherd and F. H. Sumner, Proc. Roy. Soc. London 4235, 136 (1956)

Ge Klopman, J. Amer. Chem. Soc. 86, 1463 (1964)

C. A. Coulson and A, Streitwieser, "Dictionary of Pi Electron Calculations,"
Wo He Freeman and Company, San Francisco, 1965,

W. Kuhn, Tetrehedron 19, Supplement R3 88, 389, 437 (1963)

A. Streitwieser, A. Heller, and M. Feldman, J. Phys. Chem. 68, 1224 (1964)

"Boron=Nitrogen Chemistry," Advances in Chemistry Series Vol. 42y Amsrican
Chemical Society, Washington, D. Coy 1964

Do W. Davies, Trans. Faraday Soc. 56, 1713 (1960)

0. Gualvet, R, Daudel, and J, J. Keufman, J, Amsr. Chem. Soc. 82,
399 (1965)

Ce C. Jo Roothaan and R. S. Mulliken, J. Chem. Phys. 16, 118 (1948)

D. P. Craig, J. Chem. Soc. L1959, 997,

Jo C. Patel and S. Basu, Naturwissenschaften 47, 302 (1960)

Ho Watanabe, K. Ito, and M. Kubo, J. Amer. Ghem, Soc. 82, 329, (1960)

Do I. Shriver, D. E. Smith, and P. Smith, J. Amer. Chem. Soc. 86, 5153
(1964) |

D. F. Shriver and P, M

°

Kuznesof; Inorg. Chem. 4, 43/ (L965)

P. Go Perkins and D. H. Wally, J. Chem. Soc. 1966 s 235.

Jo Jo Kaufnan and J. R. Hemann, in Chapters 10 and 27 of reference 27.
R. Hoffmann, in Chapter 8 of reference 27,

R. Hoffmenn, J. Chem. Pays. AQ, 247, (1964)

Fo Ao Cotton and J. R. Leto, J. Chem, Fhys. 30, 993 (1959)



4l.
L2
43,
bdyo
454

46.
47,

489

490

50,
5.
52,

23.

54
55.

56
57,
58,

RT2,

M. Jo S. Dewar and H. Rogersy, J. Amer. Chem. Soc. &, 395 (1962)

M. J. S. Dewar and A. R. Lepley, J. Amer. Chem. Soc. £3, 4560 (L961)

Jo M. Sichel, private communication,

K. Ohno, Theoret. chim. Acta 2, 219 (1964)

Go BE. Ryschkewitsch, W. S. Brey, and A. Saji, J. Amer. Chem. Soc. 4,
1010 (1961)

R. Hoffmann, J. Chem. Phys. 39, 1397 (1963)

H. Steinberg, "Organoboron Chemistry," Volume 1, John Wiley and Sons,
New York, 1964. Chapter 20,

We Gerrard, "The Organic Chemistry of Boron," Academic Press, New York,
1961. Chapter XI.

Fo Ao Cottony "Chemical Applications of Groub heory," Interscience, New
York, 1963. Chapter 7.

Chapter 1l of reference 47.

Chapter 6 of reference 50,

R. Koster and K. Iwasaki, in Chapter 16 of reference 27.

E. Cartmell and G. W. A. Fowles, "Valency and Molecular Structure, "
Second Edition, Butterworths, London, 1961, Chapter 11.

Chepter 4 of reference 47.

R. J. Brotherton in H. Steinberg and A. L. McCloskey, ed., "Progress in
Boron Chemistry," Volume 1, Macmillan Co., New York, 1964.
Chapter 1.

Jo Goubsau and E. Ricker, Z. ano'rgo und allgem. Chem. 310, 123 (1961)

L. Trefonas and W.N. Lipscombh, J. Chem. Phys. 28, 54 (1958)

M. Atoji, P. J. Vheatley, and W. N. Lipscomb, J. Chem. Phys. 27, 196 (1957)



59.
60,
610

62.

63,

64
65.
66,
67,
68.
69.
70.
7L.
720

73.

273,

M. Atoji and W. N. Iipscomb, J. Chem. Phys. 21, 172 (1953)

D, E. Mann and L. Fano, J. Chem. Phys. 26, 1665 (1957)

M. J. Linevsky, E. R. Shull, D. E. Mann, and T. Wartik, J. Amer. Chem. Soc.
25, 3287 (1953)

Ho J. Becher, W. Sawodny, H. Noth, and W. Meister, Z. anorg. und allgemn.
Chem. 314, 226 (1962)

D. A, Bochvar, I. V. Stankevich, and A. L. Chistyakov, Russian Journal
of Fhysical Chemistry, 35, 656 (1961)

M. J. S. Dewar, in Chapter 23 of reference 27.

Chapter 7 of reference 47.

Part II of reference 10.

D. We Davies, Nature 194, 82 (1962)

Chapter 3 of reference 47.

He S. Turner and R. J. Warne, Proc. Chem. Soc. 1962, 69,

H. S. Turner and R. J. Warne, in Chapter 29 of reference 27.

M. F. Lappert and M. K. Majumdar, in Chapter 21 of reference 27.

E. Wiberg and W. Sturm, Z. Naturforsch. 10b, 114 (1955)

He Beyers H. Jenne, J. B. Hynes, and K. Niedenzu, in Chapter 26 of
reference 27,

Chapters II and XIII of reference 48,

Chapter 9 of reference 47.

Chapter 13 of reference 47.

Ro I. Wagner and J. L. Bradford, Inorg. Chem. l, 99 (1962)

A. V. Laubengayer, P. C. Mosws, and R. F. Porter, J. Amer. Chem. Soc.
83, 1337 (1961)



79.

80,

8l.

82,

R. J. Brotherton, Various U. S. Patents. See Chemical Abstracts 60,
547Th 3 60, 12050e ; 62, 11932h ; 63, 118l5a 5 63, 17973h.

A. W. Laubengayer, 0. T, Beachley, and R. F. Porter, Inorg. Chem. duo
578 (1965)

E. D. Loughran and C. L. Mader, Los Alamos Scientific Laboratory Report
LA-2368. Quoted in reference 29.

N. C. Baird, unpublished data.



APPENDIX 1II: CQMPUTER PROGRAMME FOR HUCKEL AND OMEGA METHODS MOLECULAR

ORBITAL CALCULATIONS

The Fortran IV language computer programms used to execute the
Huckel method end omega technique molecular orbitsl calculations on the boron=
nitrogen systems is composed of five parts-—one main programme and four gub-
routines. The "SOURCI, LISTING" of the main programms "HUCKEL~OMEGA" is
illustrated in Figure II-7.

The input data required for the molecular orbital calculatiéns is
read in by statements ISN 2-17 of the main programme. For each molecule, one
"header" card is required on which is punched the case number (NCASE), the
number of pi orbitals (N), the number of pi electrons (NE);, and the value of
the variable KK. If KK is zero, only Huckel msthod results are calculated,
vhereas if KK > 0, both Huckel and omega calculetions will be performed.

For each pi atomic orbital to be considered, an additional card of data (ISN 12)
is required; which lists the atomic number (IZ) of the atom involved, the pi
core charge of the orbital (G (I,I) ) and the values %o be given to the off-
diagonal Hamiltonian matrix elements G (1,J)

G (1,3) = Ik, (I #7J)

At this point in the programme, the subrowtine GOULMB is called
(ISN 20), the listing for which is given in Figure II-8, The subroutine
COULMB asgigns Coulomb integral paramsters HU(I), corresponding to hu of the
molecular orbital equations, to each orbital based upon its core charge and
the atomic numbsr of the corresponding atom.

The next step in the main programme is to assign initial charge

densities in the QA(I) and P(I,I) matrices (ISN 21=22), P is used to stove
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Figure II~7:
FORTRAN IV SOURCE LISTING FOR THE

"HUCKEL~CMEGA" MAIN COMPUTER PROGRAMME



MEon—HUCKEL PRGM. FORTRAN SOURCE LIST

R N NN
= O U -~

SOURCE STATEMENT

%IBFTC MAIN

[N eEaNaRel el ol

(@]

© O

10

11

BALKD~WHITEHEAD OMEGA TECHNIQUE APRIL/66
PRUGRAMMED BY NoCoBAIRD FORTRAN IV
COULMB,SORTZ,COULSN, {EVALUE) SUBRCUTINES REQUIRED

G(I,1) IS THE CORE CHARGE FOR I)G(I,J) IS THE BETA FOR THE
PAIR I,J.NE IS THE NUMBER OF PI ELECTRONS.

IF KK IS ZERU,ONLY HUCKEL RESULTS PRINTED CUT.

Z IS THE ATOMIC NUMBER.N IS THE TCTAL NO. OF ATCMIC ORBITA!
DIMENSION H{50450):C{50550):P(50,50),G(50,50)51Z{50),HU(50
1 5QA(50)

READ(532YNCASEsNyNE KK

FURMAT(413)

DC 3 I=1,N

READ(S34)IZ{1)o(G(Igd)sd=I4N)

FORMAT(I4419F4e2/20F4.2) i
CALL COULMBLIZyGoIsHU) |
QALI)=G(1,1)

PlIsI)=Gl1,1)

NIT=0

CALCULATION OF HAMILTONIAN

NIT=NIT+1

D0 6 I=14N

TF{IZ{T1)aGTo10)GUTOY

HOLy I)=HUCI)+(G(I,1)=P{I,1))%(0.45%HU{I)+1.30)
GUTUO

Al 1 Y=HULLD) S {G{I g1 )=PlI,1))5{0.42%HU{I)+0.86)
CONTINUE

NN=N-1

DO 8 {=1,NN

II=1+1
DO 9 J=
HUI,J)=0G

CUNTINUE

CALL EVALUE(H,50,50,L:50,50,N;30.0001,1)
CALL SCRT2(H,C4sN)

CALL COULSN(C,PsN4NE)

DO 10 I=14N
IFCALSIPUT 1) -QA(1))aG6T+0.0001)GOTOLL
CONTINUE

IFINIT.EQ.L)CCTOLTY

071012

IF{NIT.0T.20)CUTOLS

JJ=2%(NIT/2)

IF{JJ.EQ.NIT)GOTO13

BO 14 I=14N

QA(I)=P(L,1)

IFINIT.EW.1)0GO0TOLTY

GLTO5

DO 15 I=14N

PLIsT)=0.5%(P{L,1)+QA(I]))
QALT)I=P(L,1)

GGT1O5

WRITE(G,IB8)NCASE,;NyNE

FURN AT(lhl;lZHhLSULxS CASE,18,30X,218)




UMEGA-RUCKEL PRGM. FURTRAN SOURCE LIST
ISN SCURCE STATEMENT

111 WRITE(6,19)

112 19 FORMAT(1HO,12HINPUT MATRIX)

113 DO 20 I=14N

114 20 WRITE{621)1Z(1){(G{IsJ)sd=14N)

122 21 FURMAT(IH ,1i6,15X425F4.1/1H 325F4.1)
123 WRITE(6,22)NCASE

124 22 FORMAT(1HO,19HHUCKEL RESULTS CASE,18)
125 GUT023

126 16 WRITE{(6,24)

127 24 FORMAT{L1HO14HND CONVERGENCE)

130 GUTO1

131 12 WRITE(G,25)NCASE

132 25 FORMAT(LHO,18HUMEGA RESULTS CASE,I8)
133 23 DO 26 I=14N

134 26 WRITE(6,32)H(I,1)

136 32 FORMAT{1IH sF10.4)

137 DO 27 1=1,9N

140 27 WRITE(6,28){(C{1,d),d=1yN)

146 WRITEL6,29)INCASE

147 29 FURMAT{1H1 ,12HP MATRIX CASE,I8)

150 DO 30 I=1,N

151 30 WRITE(628)(P{1,J)9J=1,N)

157 28 FURMAT(1HOy15F84/1H 4 15F8.4)

160 IFINITEQa1o ANDKK.GTL0IG0TAS5

163 G0Tul

164 END
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Figure I1I~-8:
FORTRAN IV SOURCE LISTING FOR

THE "COULMB" SUEROUTINE



BAIRD OMEGA~HUCKEL PRGM. FORTRAN SUOURCE LIS

ISN SUURCE STATEMENT
O $IBFTC COULMB '
1 SUBROUTINE COULMBI(IZ,G,1,5HU)
2 DIMENSIUN IZ{50)sG(50,50),HU{50)
c THIS SUBROUTINE ASSIGNS THE HUCKEL HU TQ ATOM
3 IF(IZ{1)eEQ.5)HU(T)=-1.1
4} IF(IZ(])EQa6)HU(TI)=0.0
11 IF(IZ(T)EQa9)HU(TI)=3.0
14 IFCIZ(I).EQa13)HU(I)==-0.9
17 IF(IZ(1)oEQaL4)HU(I)=0.0
22 (F(IZ{I).EQ.L7IHUII)=1.8
25 IFLABS(G(I,1)-2.0).LT.0.01)G0TO1
30 ITF(IZA{I)EQaTINU(IN=0.6
33 IF(IZ{1}.EQaBIHU({T)=1.0
36 IF(IZ(I).EG.15)HU(T)=0.2
41 TF(IZII) e EQa1lO)HU(T)=0.4
44 RETUKN
45 1 IF(LIZ01)CQRaTIHU(I)=1.5
50 IF{IZ{I)EQa8)HU(I)=2,1
53 IF(IZ(I)-EGaL15)HU(T)=1.1
56 IF(IZ(I)EQe16)HU(I)=1.3
61 RETURN

62 END
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the bond order-charge density matrix, whereas the charge densities of the
preVious iteration are stored in the QA matrix. The variable NIT (IsN 24, 25)
keeps track of the iteration number.

The Hamiltonian matrix H elements are calculated next by means of
ISN 25-44. The diagonal elements are defined by the formulae in equationg 68
and 69 of Part II. l. Note that when NIT = 1, all G (I,I) = P (I,I), so
that the Hamiltonien matrix elements are those of the Huckel method.

The second subroutine, EVALUE, which solves the secular equations for
the eigenvalues H(I,I) and the eigenvectors C, is called at this point. This
subroutine is of a very general nature, and is available as a library sub-
routine at the McGill University Computer Centre.

After the elgenvalues and eigenvectors have been calculated, the
subroutine SORT2 is called (ISN 51) which sorts the eigenvalues and the
corresponding eigenvectors into the order of decreasing energetic stability.
The listing of the SORTR2 subroutine is given in Figure II~9,

In order to calculate the total Huckel pi energy of the system being
considered, a variable EPI is defined, and the one~electron energies of the
doubly=occupied molecular orbitals are summed together to give EPI (ISN 52-56),

The bond order-charge density matrix P is calculated according to
the formula given in equation 25 of Part II. 1 by means of the subroutine
COULSN (ISN 57). This subroutine, devised by J. M. Sichel (43), is illustrated
in Figure II-10,

The calculated orbital electronic charge densities, P (I,I), are
checked against those of the previous iteration, QA(I) in order to establish
whether a self-consistent field has been achieved (ISN 60~64). If a self-

consistent field has not been obtained, the operation of the programms is



279,

Figure II~9:
FORTRAN IV SOURCE LISTING FOR
THE "SORT2" SUBROUTINE



BAIRD UMEGA-HUCKEL PRGHM. FURTRAN SOURCE LIST

1SN SUURCE STATEMENT
0 $IBFTC SORT2
1 SUBROUTINE SORT2(EsCaN)

C PLACES LIGENVALUES AND EIGENVECTORS IN ORDER OF
DIMENSION £{50450) 2C(50,50)

2
3 DO 56 I=2,;N
4 JA=I-1
5 DO 56 J=.,JA
6 IF{E{I 1) oLELE{Jyd)IGO TO 56
i1 ET=E(I,1)
12 ElI,I1)=E{4,)
13 ElJd,Jd)=ET
14 DO 57 K=14N
15 CT=C{K, 1)
16 C{KeyI)=C{K,J)
17 57 CiKyJ)=CT
21 56 CONTINUE
24 RETURN

25 END
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Figure II~10:
FORTRAN IV SOURCE LISTING IOR

THE "COULSN" SUBROUTINE



BAIRD UMEGA-HUCKEL PRGM.

ISN

FORTRAN SUUKRCE LIST
SOURCE STATEMENT

0 $IBFTC COULSN

C
C

61

60

SUBRUUTINE CUULSNIC sP Ny NE)

CECMPUTE CUULSON CHARGE DENSITY-BOUND ORDER MATRIX
ONLY UPPER HALF AND DIAGONAL NEEDED :
DIMENSION C(50450),P{(50,+50)

NOC=NE/2

NO 60 L=1,N

DO 60 K=1,L

P{KsL)=0.

DO 61 [=1,4NOC
P{KyL)=P(KoyL)+C(KyI)*C(LyI)
PIKsL)=2.%P(K,4L)

P{LyK)=P(K,L)

RETURN

END
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returned to ISN 25 and the calculations repseted. In order to achieve a
self-consistent field with a minimm number of iterations, the charge
densities P (I,I) (to be used in the calculation of the Hamiltonian matrix
elements) are averaged over P (I,I) and QA (I) when the parameter NIT is
even (ISN 76, 110-114). If NIT is odd, no averaging is used (ISN 76-104),
In both cases, the matrix elements P (I,1) are stored as QA (I) so that the
charge density distribution of the next iteration may be checked for self-
congistency. If a gelf-consistent field of charges has been attained (i.e.
each element of the matrices P (I,I) and QA (I) do not differ by more than
i000001 electron), or if the valus of NIT is 1, the molecular orbital calcu~-
lation results are printed out by means of the statement numbers ISN 115 to
165. A typical print-out from this programme is given in Figure II-1l for
the (BN)3 system. On the first page, the input matrices IZ (I) and G (I, J)
are given, along with the Huckel method energy levels, total pi energy, and
the Huckel mesthod coefficient matrix C. On the second page of results, the
Huckel method bond order matrix, Py is printed out, together with the omega
technique energy levels and coefficient matrix C. On the final page of
print~out for each molecule, the P matrix calculated by the omega technique
is given.

The print~out section of the main programme is designed such that
if NIT = 1, the Huckel method results are printed out, and then the operation
of the program returns to ISN 25 to continue the calculations if the paramster
KK is not equal to zero (ISN 166)., After the omega technique parameters have
been printed out, the next molecule ig congidered by returning the operation

of the programms to ISN 2 (ISN 171).



Figure II-1l:
COMPUTER PRINT-OUT FROM THE "HUCKEL~OMEGA" PROGRAMME
FOR THE (BN)3 Pi ELECTRON SYSTEM
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P e

P MATRIX CASE 6
0.2567 0.4600 0.0789 -0.1092 0.0789
0.4600 1.7433 0.4600 ~0.0789 -0.1092
0.0789 0.4600 0.25467 0.4600 0.0789
=0.1092 ~0.0789 0.4600 1.7433 0.4600
0.0789 -0.1092  0.0789 0.4600 0.2567
0.4600 =0.0789 -0.1092 —0.0729 0.4600
OMEGA RESULTS CASE 6FE PI= 13,96514
2.7121
2.1352
241352
-1.5007
-1.5002
-2.0771
0.2382 0.1043 -0.1812 -0.3941 -0,6838
0.5259 =0.3954 -0,6831 0.2091 0.0002
0.2382 -0.2091 0.0002 ~0.3951 00,6832
05259 =0.3938 0.6840 -0.1044 —-0,18172
0.2382 0.1048 0.1810 0.7893 0.0006
0.5259 0.7893 -0.0009 -0.1047 0.1810

0.4600
~0.,0789
~0.,1092
-0.0789

0.,4600

1.7433

0.5259
-N.2382
05259
-0.2382
0.5259

-0.23R2




P MATRIX
0.2010
0.4156
0.0698

~0.0795
0.0698

0.4156

CASE

04156

1.7990

0.4156

-0. 0698

-0.0795

-0.0698

6
0.0698
0.415468
0.2009
0.4156
0.06%3

~-0.0795

-0.0795

~-0.0698
04156
1.7990
0.4156

0.0693
-0. 0795
0.0698
04156
0.2009

0.4156

D.4156

_Oo 0698

-0.0795

~0.0698

0.4156
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A list of the symbols used in this progremme is given in Table
II~XVII. | _

In all, molecular orbital calculations for thirty-one B-N conjugated
networks were executed by this programms. A listing of the computer output

and the input data sheets for these systems is available (82).



TABLE II-XVII:

Symbol

H(I, J)
c(Z, J)
P(1, J)
G(1, I)

G(I, J)

17 (1)
HU (I)
Qr (1)
KK

NE
NCASE
NOC
NIT
EPI
ET

cT

Symbols Used in the "Huckel-Omega Computer Programme

and Associated Subroutines

Definition

Hamiitonian Matrix Elements (F&I, F&J)
Molecular Orbitel Coefficient Matrix Elements
Bond Order and Charge Density Matrix Prs
G(I, I) are the "core charges" for orbital I.
G(I, J) when I X J are the "resonance integrals" parameters
k1g
Atomic Numbsr of Atom with A0 I.
Huckel Method hu value, for orbital I.
Electron Densities for A0 I from previous iteration.
Control Parameter (see text)
Total number of pl atomic orbitals.
" " nen " electrons.
Case number of molecule consldered.
Total Number of doubly-occupied molecular orbitals.
Iteration number,
Pi energy for system.

Temporary storage paremster

284,
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CLAIMS TO ORIGINAL RESEARCH

Lo

20

3.

o

PART I

The relationship between the electronegativity equalization method for
calculating electron density distributions in molecules and the method of
molecular orbitals was derived and discussed. The formulae relating the
ilonic character and ionic resonance energy of a two~centre bond to the
difference in electronegativity between the centres were found to be
similar in form; whether the formulae were derived from electronegativity
equalization consideratiéns9 from LCAO molecular orbital theory, or from
empirical correlations.

A "molecular orbital" bond electronegativity function was proposed. Methods
by which bond electronegativity functions could be extended to include
interatomic terms were outlined. General formulae for the equilibrated
electronegativity, orbital charge density, and extra ionic resonance energy
were derived for electronegativity equalization methods in which the
electronegativity was assumed to be linearly dependent on electron density.
Hinze, Whitehead and Jaffe's method for calculating group electronegativi=
ties was simplified and extended so that the electron density distributions
in saturated molecules could be calculated in a gimple manner. The
parameters of the bond electronegativity function, which were required

for such self-consistent field electronegativity equalization calculations,
were evaluated for a number of atoms, )

The ionic characters for several diatomic molecules, and for a number of
"isolated" bonds, were calculated by electronégativity'equalization9 and

the results compared to bond polarities obtained by other theoretical

methods.
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Self~consistent fleld electron densities were calculated by the bond
electronegativity equalization method for some saturated hydrocarbong

and saturated alkane derivatives of nitrogen and oXygen.

The B.E.E. method electron densities were discussed with reference to the
relative inductive effects of alkyl groups and hydrogen atoms, the varia-
tlon in group electronegativity with molecular environment, the transmission
of electronic effects through carbon-carbon bonds, the inductive stabiligza-
tion of hydrocarbon ions, and the inductive effects induced in an alkane

by nitrogen and oxygen atom substitution. Correlations were established
between the hydrogen and carbon atom charge densities and the lH and

130 N.M.R. chemical shifts in some alkanes and saturated alcohols,
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PART II

Two approximate methods; both based on Pople's procedure; for the calculation
of the molscular orbitals in pi-electron networks were proposed.

The "Coulomb integrals" in the approximate methods were shown to be related
to the Coulomb integrals for the simple Huckel method and the "omega
techniquse," and to the "molecular orbital" bond electronegativity function
proposed in Part I,

Coulomb integral parameters for the Py atomic orbitals of several atoms
were calculated.

The extent to which the omsga technique improves the Coulomb integrals of
the Huckel method toward the values calculated by Poplels method was
snalyzed by considering molecular orbital calculations for a typical pi
electron network.

Net orbital charges, bonding energies, ionization potentials, and bond
orders betwsen bonded atoms were calculated for the ground states of 31
boron-nitrogen pl electron networks by the simple Huckel and omsga
technique methods, and were calculated for 8 B~-N pi networks by Pople's
method.

The molecular orbital results for the boron=-nitrogen systems were dis~
cussed with reference to the structurs, stability, occurrencs, and spectra
of molecules in which boron=-nitrogsn, boron-oxygen, boron-sulphur or

boron~halogen pi networks could be present.
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Theorct, chim. Acta (Borl.) 2, 259—264 (1064)

Theoretical Chomistry Laboratcry, Chomistry Department
McGill University, Montréal, Canada

Ionic Character
By

N. C. Bamp and M. A. WinTEHEAD

The concept of ionic character in ¢ and 7 bond systems is considored in the light of recont
dofinitions of orbital clectronegativity [6, 14].

Lo caractdre jonique des linisons @ ot 2 est discuté on tenant compto des définitions récen-
tes do ’électronégativité des orbitales. :

Das Konzopt des fonischon Charaktors in ¢ und Bindungen wird im Lichte neueror
Definitionen von Orbitaleleltronegativitiiten diskutiort,

Hixnzu, WitEnzap and JAFre [6] used tho Principle of the Equalization of
Orbital Electronegativitics [1,6,7, 12] for two atomic orbitals forming a covalent
o bond to define the ionic charactor of the bond as

Z,‘l) - %8
2 (ca + ca)

(1)

v =

in which #° represents the atomic orbital electronegativity of the atom prior to
bonding. ¢4 and ¢z are constants.

The orbital clectronegativitics are expressed as a linear function of the number
of clectrons » in an orbital. Thus for the bonding atomic orbital of atom A :

X? = D4 -} 2c4m 4 (2)

and likewise for atom B.

This applies to the formation of a covalent ¢ bond, a co-ordinate covalent ¢
bond and a = bond [5]. The enorgy of an orbital §, occupied by #; electrons is given
by [3, 6, 7].

B (ng) = a + buy + cnf. (3)
The orbital clectronegativity defined by:
ol
1= o, = b+ 2cny (4)

is a property of the atom before bond formation, and hence can only have u; = 0,
1 or 2. The combination of n’j‘ =0 and nﬂ’ = 2 defines a co-ordinate ¢ bond, and
74 = 1 with »% = 1 a normal covalent ¢ bond, In the case of 7 bonded systems
both %4 and #% can be 0, 1 or 2 independently.

The two eclectrons in the bond, formed by the overlap of two atomic orbitals,
must be in equilibrium and each clectron sees the same potential, ¥, on atoms A
and B. Thus the equilibrium occupation numbers »% and ny [2, 6, 9] ave defined

Wheoret. chim. Acta (Berl.), Vol, 2 18
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260 N. C. Bamrp and M. A, WHITEIIEAD :

from

2* (m3) = g* (ny) . (6)
The sum of #) and n} is 2 for a o bond (covalent or co-ordinate) but may be

1, 2, 3 or 4 for a 7 bond.

Thus a plot of x4 (n4) against ng and similarly for np gives Fig. 1, where the
interscetion of the two lines gives tho equilibrium valucs n) and n},.

Ao
\
/’ /s AN
’ 4 N
4 4 A
/ \
/ \
/s AN
/ .
/’ AN
/ \,
//
4
ny I !
Gl mveleg 0 ! 2 3 ¢
nglm=4) ¢ 3 2 / 0
(=D 3 2 / 0
(m=2 2 / 0
(m=1) / 0

Tig. 1, The clectronegativities of atoms A and B in
an AB bond as a function of g nud . Tho lines
are designated by m where m = n4 - np. Thoslg-
nifleance of the parameters {s discussed in the text

The case where 24 varies from 0 to 2
as np goes from 2 to 0 is the normal ¢
covalent or co-ordinate bond [6]. The
dotted lines for n4 cqual to 3 or 4 are of
courso hypothetical since the Pauli Prin-
ciplo would be violated, and in all actual
cases the lines are found to cross where nei-

‘ther n4 nor n g actually exceeds 2.

Since ionic character is the amount by
which transfer of charge must occur to
equalize the orbital electronegativities,

i=|ny —~ny|=|nf—np| (6)
which is tho ionic character for a ¢ or 7
bond depending on the values of the »* and
n. Since the clectronegativities aro equal
[equ. (5)], then

ba -+ 2oang = by + 20pnp (7)
and n,4 and n g ave related by

Ny ;- np=m (8)

where m can have all possible values of one
through four. In a m bond system with

7y = np = 0 there is of course no bond; with ny = np = 2 the o bond electronega-
tivity changes result in equalization of tho p olectronegativities such that the two
p orbitals retain two electrons cach; but for all other combinations of ny and n 5,
7 ionic bond character oceurs. Combining equations 7 and 8

ba+ 2camy = by + 2oy (m — ny)

from which the occupation number for orbital 4 may be found to be

b~ b4 + 2eam

The ionic character is given by | #) — 4 |. Substituting for n,

A= 2 (ca -+ cu) (9)
{ba + 2canl)— (ba + 2cp [m— n4))
2(ca + cn) . (10)

The equilibrium values for n% can vary from 0 to 2 and m from 1 to 4. In all
possible combinations of » and m this equation reduces to

xa—x8
2 {ca + cu)

(11)

which demonstrates th
of the covalent and co
ence.

When the ionic ch:
evaluation of the cons
ledge of the ionization
on the atoms of interc
[of eq. (2)] to be tabul
taining one, I (1), two,

I (0) =

By definition, the ioniz
I v = .E (1

while the electron affin
By =15 (2

Therefors Iy = b + 3¢
the constants are giver

¢ = (Iy
b=@BI,— I

Theso constants have
eloments from hydrog
periodic table, for the
atoms for which the I,
[5). They aro shown
electron volt units fc
states of the monoval
tion (1) is immediatel

The parametor ¢*
dependence on the ¢ «
deration; for most ato:
pendence so slight that
zation, (Tig. 2).

As valucs of the pa
subsequently WHITEIL
case of ionic ¢ bondin
units for y. Wo have fo
o bonds range from -
also truc of sz bonding

* all values used for ;
Mulliken units givon in tk

and
Soe Hinzi, J., and H, H.
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ionic characters caleulated with the correct values of [ cqat+cp [ are therefore sub-
stantially lower than those using i, == 1/2 | ¢4 — y | which is the equation resulting
from cquation (1) with | ¢4 + ¢p | = 1, and identical with that due to Gorpy [3].
A comparison between the values of 4, caleulated from equation (1) with ¢4 and
cp from Tab. 1, and other assessments of 7, for diatomic molecules is shown in
Tab. 3. The values of y used by Pavring [9] and IHawNay and Smyrir [4] are
naturally PAuLING’s original atomic electronegativities and not the orbital olec-
tronegativities used in this paper. The results obtained by the above theory
(Tab. 3) are in marked disagreemoent with those calculated with the same, or

Table 1
b and ¢ values for the valeuce state orbituls of the monovalent wtoms in ¢ bond formation

The orbital being considered has no superseript designation of its occupation sineo occupation
numbers of 0, 1 and 2 are used to calculato I, and %, (sco reforenco [5]).

l Ionization Electron
Valenco Potential Affinity b* c¥
Atom stato 1, 1,

(o.v.) (e.v.) (e.v.) (e.v.)
H s 13.60 0.75 20.02 —6.42
Li s 5.39 0.82 7.67 -2.28
Na 8 . 814 0.47 747 -2.33
I sEpiptp 20.86 3.50 20.54 -8.68
Cl s2piptp 15.08 3.73 20.75 —5.67
Br stpEtpty 13.10 3.70 17.80 -4.70
I sEpiptp 12.67 3.62 17.25 —4.57
* Mulliken Scale

Table 2

b and c values for the valence state orbitals of selected atoms forming m bonds

The orbital being considered has no suporseript designation of its occupation sinco oceu-
pation numbers of 0, 1 and 2 are used to calculate I, and %, (sco reference [5]). di is o sp hybri-
dized orbital and ¢r & sp* hybrid orbital while  designates the » orbital used in 7 bonding
independont of its occupation number, In Bo and B tho 7 orbital is ompty, in C and N
singly occupied and in N, I and Cl doubly occupied in the atom.

Tonization Eloctron
Valenco Potential Affinity b* c*
Atom stato I, B,
(e.v.) (e.v.) (e.v.) (o.v.)

Be~ ditditn +0.16 -0.995 %1 —025 -0.556
B- ritrMrizy +1.06 ~5.32 % 4. A5k -3.19
C didiint +11.19 +0.10 +16.73 —5.54
C tritritein +11.16 +0.03 +16.72 -5.56
N trtritrin +14.12 +1.78 +20.29 ~6.17
N+E@) ririirin +28.11 +11.95 +37.09 -8.38
It sipiply +39.67 +18.11 +50.45 -10.78
cl+ s*pEpin +26.36 -+13.38 +32.86 —6.49

* Mullikon Scale

I
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HANNAY and SMYTI wore w
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difference their relations

—
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dissociation energies, ir
atoms in the bond diss
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data; preliminary caleu
of the bonding chlorine
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constant, and that the % }yms used in equation (11) differ from compound to
‘ compound, neither of which is taken into account explicitly in equation (16). Thus
i ‘ the method of FANNAY and Smyum is almost equivalent to ours for the diatomic

‘[ i factor necessary to correct for the fact that the value of 1/ [2|ca + ¢p|]is not a

; molecules considered.
‘ The present approach has the advantage that changes in the electronegativity

‘ ‘ of the bonding orbital of an atom in different molecules (such as carbon in cthane,
‘; ‘ ethylene and acetylene) can be accounted for, since y, b and ¢ can all be caleulated
: for any normal valence states (s, p, di, &r and te) for the atoms under considera-
|
!

tion, and for all intermediate hybridizations, readily estimated [6]. Whercas the
" Pauling y are only valid for atoms whose bonding orbitals are of exactly the same
| hybridized character as in the molecules from whose dissociation energy the ¥
, * were derived. ) Pt
! The second advantage is that’ oquation-(11) is applicable to polyatomic and
| n-bonded systems. HiNzE ot al.” (6] demonstrated that the effeets of the groups
| A, B and C upon the electronegativity of the honding orbital of atom R in ABCR-
‘ can bo taken into account and equation (13) applied. The technique of handling
polyatomic molecules has been generalized and simplified and the results for
‘ theso togother with 7 bonded systoms will be given in the next paper. In general,
! it is concluded that the factor |c¢q+ ¢z | varies from molecule to molecule,
substantiating previous qualitative arguments [, 6, 8] that there can be no
unique curve relating ionic character to electronegativity difference.

Wo wish to acknowledge financial support from tho National Resoarch Council of Canada.
Ono of us (N.C.B.) thanks the council for the award of o studentship.
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Group C.bital Electronegativiiies
By

M. A. Whrreneap, N, €. Bamrp and M. Karnansky

The Self-consistent Group Orbital and Bond Electronegativity (SGOBI) method [4] for
celeulating the orbital charge distributions in polyatomie moleeules is roviewed, and a simpli-
fication described. The charge distributions for soveral polyatomic molecules are calculated.
Tho chemical significance of the results is discussed.

s wird ein Uberblick iiber dic SGOBE-Methodo zur Berechnung von Ladungsverteilun-
gen in Molckiilen gegoben und ¢ino Vereinfachung dazu beschrieben. Dio Loadungsvertoilung
einiger mehratomiger Molekiile wird berechnet und die chemischo Bedoutung dislutiort.

La méthode auto-cohérento des orbitaux do groupe ot électronégativités des linisons
(SGOBI) pour ealeuler n distribution do ohargo orbitalo des atomon dans los moléoulos poly-
atomlyuoy est résumdo; ot une shinplifteation de In méthode SGOBIS osb déerite. Les disteibu-
tions do charge de plusicurs molécules polyatomiques sont caleulées, ot la signification des
résultats est discutdée.

Introduetion

Attempts have been made to extend vhe Atomic Llectronegativity Concept
(ALEC) to organic and fnorganic radicals, Bstimates have been made [8] of the
Lffective Atomic Lleetronegativity of radicals, %44, by means of empirical rola-
tionships between zAk and (1) infrared stretching frequencies, (IT) thermochemi-
cal data, (i11) chemical reactivity, (IV) nuclear magnetic resonance chemical
shifts, and (V) nuclear quadrupole resonance frequencies.

In this paper a simplification of the SGOBE method [4] is described. The
electron charge distributions of atomic orbitals in molecules, and the orbital
effcetive clectronegativity zerr of radicals present in polyatomic molecules, are
caleulated using the ISlcctronegativity Tqualization Principle [9].

Throughout this paper all electronegativitics are Orbital LBilectronegativities;
no such concept as Atomic Electronegativitics is used.

Background
1. The orbital electroncgativity of orbital j on atom A is given by /]A It is
related vo the charge of orbital 4, n)‘-\ by [4]
s (n;\) = b]‘.\ + 26} n,‘-‘ (1)

where b;-\ and c;-\ arc parametors dependent on the atom A, its valenco state, and
the electron configuration of all the other orbitals on atom A.

2. The effective occupation number, integral or non-integral, of an atomic
orbital is designated “‘chargo”.

3. Tho parameters b} and ¢t civ vo caleulated [1] from the ionization potential
and electron affinity of orbital 7, [ :)\i and E;g., using
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1, .
and
1 5
e = -:-Z-(LUAJ. - I3) . (3)

4. The modificd principle of orbital Electronegativity Equalization [4] states
that since two clectrons forming a chemical bond are in equilibrium, tho potential
at cach electron from the atomic cores A and B must bo equal. Eq. (1) defines this
potentiul. If yX represents the equilibrium electronegativity of the orbital of
atom X, the principle requires that

Z;}]u = xz«‘lu * (47)

Tho total charge of the moleeular orbital is 2. If the orbitals forming the bond are
7 of A and k of B, and the asterisk denotes equilibrium values,

AY B
nit b w =2
whence the ionic character of the bond 74P is givon by

wAB
Ay ’

2(cf + ¢ |
A 3P is the orbital clectronegativity difference | — #B | for the condition
2 = nf == 1, that is che free atomic condition before bond formation. The prin-
ciple is equivalent to minimizing tho energy of the molecular orbital, expressed as
a sum of the atomic orbital encrgies.

5. The uso of ¢q. (5) is complicated when orbital § is on a polyvalent atom, the
other orbitals of which may or may not be bonded. A tetravalent carbon atom in
the tetraliedral valence state (fe!), has four bonding orbitals 1, 2, 8 and 4. The
paramecters by and ¢, are culculated from egs. (2) and (3) using values of I, and
Iy, for the case

B =|nf" — 1] = (5)

Ng=Ny=n,=1. (6)

Usually each of the bonds formed by orbitals 2, 3 and 4-will be polar, and
eq. (6) will not hold. Thus before eq. (1) can bo applied to calculations, the para-
meters O, and ¢; must be corrected for ny, ny and », differing from unity. This will
be considered below.

Theory
The energy changes which occur when electrons are added to an orbital aro
effected by the character and charge of every other valoncy orbital of the atom,
and if the energy of an orbital is expressed by [4]

L (ng) = a4 byjny + o0} (7)

then the parameters ay, by and ¢; are dependent on the nuclear charge Z, on the
charge and hybridization characters of all the other orbitals of the atom, and on the
hybridizatior. character of §. The dependence of the parametors, and of I, and
‘27, upon the charge of cach of the valence state orbitals is given in Tab. { for
carbon in the tetrahedral stato. (All energy data is from referenco 3.) Tho values
of Iy; and Zys show that they depend mainly ‘on the total charge, nyp, of the three

|
|
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The dotted curves in Tigs. 1 and 2 show how well eqs. (8) and (9) reproduce the
variation of s and Iy with nyp, especially in the arca of interest. The parameters
for several atoms in their valenco states ave listed in Tab. 2. Thus Iy, By, by and
¢; can bo calculated when g, 7 and 7y, differ from unity, and hence tho electrone-
gativity of 4. This value of y;is
the cffective orbital clectronega-
tivity of the radical, y*.

This method is analogous to
tho SGOBE method [4], which
required 7 (ny) vorsus my curves
to be plotted, extrapolation of
these curves to tho point of inter-
est, estimation of B (ny -+ 1), &
(ny) and B (n; — 1) from the cur-
ves, and calculation of Xy, Iy, by
and ¢; from the encrgy terms. A

-1 1 i 1 | { | A
0 7 2 T‘I?r 4 5 6 totravalent carbon atom requi-

res the plotting of twenty separate
ourves to covor all possible oasos
[4]. '"The method doveloped above
simplifies the calculations of the
SGOBE method for finding by
and ¢;. The validity of the assumptions and approximations can be scen from the
values of y2%: caleulated for the radicals CIL,, CH,Cl, CHCI, and CCly in the hydri-
des RII. Using a pure p bonding orbital on the chlorine atom, thoy differ from the
SGOBLE results by 0%, 09, 0.7% and 1.39, respectively.

The total charge 2o can be the sum of the » from onc or more orbitals; one

can consider the dependenco of I,y and iy upon only some of tho ny, keeping
1,2o0r3
the rest constant; thus ngp = }_: .
fe=]

Tig. 2. By represents thoe eloctron affinity of tey, and oy = fy -+

oty o gy Tho solkd ourve represents that given by the ealou-

lations of 118ze ot al.; the dotted curve vepresents tho results

from oc. (8). The parameters of (8) 4, e and ¢ were evaluated
from the IIN2E data for np = 2, 3and 4

Different values of tho parameters

Table 2. The parameters of the Lvy and By equations

Element | Valenco Stato o f* p* il £¥ o*

C le 57.067 | —17.240 1.020 39.020 | —-18.245 1.805
Si te 32.822 | — 6779 | -0.075 26.566 | — 8.873 0.315
N [ te 100.067 | —-28.174 1.072 64.500 | —21.805 1.702
| sppp 48.220 1 —-21.101 1.977 20,017 | —10.021 2.902

0 te o 1200724 | -23.124 0.801 92.759 | -23.248 1.184
sppp P 78.883 | —-26.033 1.833 48.034 | ~19.444 1.367

S | te © 100.407 } —26.980 1.640 45.930 | — 7.440 -0.159
\ sppp 49.803 | -15.385 0.062 28.008 | — 8.351 —0.064

B te 34.841 | -15.663 1.715 14.157 | - 6.236 | ~0.039
¢ trirtrn 56.622 | -19.110 1.310 | 44.465 | —20.880 2.169

* The «, # and ¢ are parametors of the I eq. (8) and tho &, ¢ and £ belong to the eq. (9)
for I/y;. In the case of the to valence states the parameters were caleulated for te; where ne =
N+ + Nmy in the sppp valence stato the parameters are for py where nyp=n}-+2f, and
n§, assumed a lone pair s orbital; in trértrn the parameters are for sy and ny = nff + nf" + nl

Group Orl

aj, Py ete. will bo obtained depenc
.

Eqgs. (8) and (9) are subject to «
must have the same hybridization
represents an s orbital, the value «
from that for np =0, n; = n, = 1
N -+ 0y -+ Ny, since to express Loz (
find the value of Iy (or Ky) for ny

If,l,-) for Np =N = 1

I forng = ny =
which generate two different para
tho p electron in orbital j differentl
for the sppp valence states of seve

Txpressing 0y and Iy in the §
Principle of Lilectronegativity It
charge distributions in molecules
bo illustratod by an exani-
ple such as CHyNH,, in
which all the carbon and
nitrogen bonding orbitals
are totrahedral, and thoe
hydrogen orbitals aro
atomic 1s orbitals. The
atomic orbital charges aro e (
denoted by n4, np cte. as
in Tig. 3. An iterative
computer program is used
to caleulate tho equili-
brium charge distribution
for which the bond clec-
tronegativities yequ of the
two orbitals forming the
bond are equal:

1. The charge =, is chosen i
calculated from

Tig. 3. .

2. The nitrogen orbital electr
tronegativity in the NIL bond

The x4, for hydrogen is caleulat
from a previous paper [1].
3. Substituting eqs. (8) and (9)

tion of »$:

bp = (L6 op — 0.58p) + (L5 f
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op = 0.5 (05 — o) + 0.5 W (en — Bs) + 0.6 (PP (o —yp)  (IV)
where 18 = 2 + ne.
Since ny and gk, are known, 2%, can be calculated from IIT.
4. In a symmctrical molecule, such as the above, ng’ = np hence

ne=n — np . )

The first bond of the molecule is now fully analysed on the basis of thoe initial
choice of »,4. Consider next the CN bond.
5. I, and By, aro ovaluated in terms of the known #$, defined by
2 = 2np (VI)
and wsed to give g, cc and y< .
6. The romaining steps are tho same as sections (3) and (4) above, and yield
2. Since
P = 3ng
then np is found.
7. np is found from ng -4 np = 2. _
8. x4, is found by the procedure used to find < ,.
0. yu is evaluated with b and ¢p from the published [1] values for hydrogen.
10, If 72, o i the original choice of n, is incorreet: a new value of n4 is
chosen using tho faot that if x¥, > &, then the new value of n,4 must be less
than the starting choice of n4, and vice versa.
11. When |z, — z&u | < 0.001 the molecular charge distribution is self
consistent, and the iterations cease. This programme was written in Fortran IV
for the McGill 1BM 7040 computer.

Resulls

The charge distributions of soveral organic moleeules are given in Tab. 3—85.

In ehlorine containing compounds, no ¢ priori agsumption of the hybridization
present in the chlorine bonding orbital can be made. Combining the present method
with nuelear quadrupole resonance theory and data [£2] gives an estimato of the
amount of s-p hybridization in the chlorine bonding orbital, since p, the ratio of
the nuclear quadrapole coupling constant of a chlorine atom in a moleculo to that
of a frec chlorine atom, is related to

(I) the ionic character ¢ = | ng; — 1| of the C-Cl bond.

(LI) the extent of s and ¢ hybridization of the chlorine bonding orbital — s and
¢ respectively

and (ILI) the extent of s electron transfer from tho chlorine p, orbitals to tho
carbon p, orbitals.
The relation is

‘

o=(l—s+d—7i—m)+i(s+d) (10)
In the aliphatic chlorides both 7z and d are assumed [12] to bo very small giving
e=(1=191—ys) (11)

Since g is known and ¢ and s are related, this equation is soluble. The parameters
of tho clectronegativity eq. (1) have been calculated for several hybridizations of
the chlorine orbital [7], and the electron chargo distributions of the allkeyl halides
and ionic charactor ¢ of the C-Cl bond, were solved for each hybridization. A plot
of ¢ versus ¢ is a straight line (Fig. 4, Curve [1)).

Table 3. Charge di:

Compound

HOA—H
HSA—H
H,NA—H

H, Sid—TH
H, CA—H
H,0—»CA—H,
H, CCo—BCA—H,

H,
Hy—C0C—BNA—H
H,—¢C—10 A—H

H,—C¢C—bS§A—H

(CH,), C—1CA—E
HC=CA—H

o

Table 4. The ¥C 1

Molccule

cal,

CHOCY,

CH,Cl,

CH,Cl

CH,

CH,CH,

(CH,),CH,

(CH,),CH,

CH,CH,CI

CH,CH,Cl1
The dotted ca
o LAUTERBUR,
v Horw, C. H.
¢ SPIESEOKE, I
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Table 5. T'he hybridization of the chlorine bonding orbitul and the charge distributions in several

allyl chlorides
Moleculo Sa1 ncl ni ‘ pcxna
CCl, 0.201 1.073 0.7406=
CHCI, 0.203 1.124 0.843 0.6981s
CH,Cl, 0.204 1176 0.888 0.65594
CH,Cl1 0.197 1.228 0.936 0.6207
CH, 0.985
CIL,CH, 0.982
CH,CICH,CL 0.199 1.217 0.923 0.6262¢
CHCILCHCL, 0.104 1.147 0.870 0.6873¢
caicely 0.189 1.087 0.7413¢
Sci na nn ne no pons
Cla
I
HyP—C-—¢C—BH, 0.215 1.240 0.926 1.079 0.968 0.5060¢
Hp—C—cQ—nlL 0.210 f 1.183 0,890 1.133 0.955 0.6453¢
! i
A :
Cl, ,'
Hyp—C-—cC—1Cl, 0.204 I 1.131 1.1903 0.943 0.6914¢

¢ Livisasrox, R.: J. Physic. Chem, 57, 406 (1933).
¢ LviNestox, R.: J. chem. Physics 20, 1170 (1952).

¢ Hoorer, H. 0., and P. J. Bray: J. chem.

Physics 33, 335 (1960).

A second plot of 7 versus ¢ can be made from eq. (11), and this is a curve; tho
two curves cross at a unique 7 and s for the system. This value of s is then used to

o0
~N

a2 0.3 o4
s-hybridization in CL & orbsfal

L. 4. Plots of fonic character, £ versus the amount of
s-hiybridizationin the chlorine o orbituls. [1)is caleulats
ed from nuclear quadrupole resonanco data and
¢ = (1 — 1) (1—5) whero ¢ = |nc — 1. [2] &8
caleulnted from the clectronegativity equation

4 A4, oA A

xy = bj -+ dep
with various assumed hybridizations, Where the curves
{7] and [2] cross the ¢ and s values are unfque; the
charge distributlons are caleulated using theso values

of {and ¢

determine the charge distributions of

2] .. . . .
the remaining orbitals. Charge distri-

butions and orbital hybridizations for
some alkyl halides are given in Tab. 5.

Hydrocarbons

The chargo distributions of the hy-
drocarbons {Tab. 3) indicate that the
polarity of the C-II bond is 2%, 7%, and
129, for aliphatic, ethylenic and acety-
lenic carbon atoms respectively; in each
case tho carbon atom bears a small
negative chargorelative to thefreo atom,
agreeing with the experimental evidenco
of increased acidity in this sories.

This charge, 0.061¢ in methane, is
appreciably smaller than those calcu-
lated by Horrmany [§] using MuLLI-
KEN's concept of gross atomic popula-
tions. In this approach the charge resid-

ing on tho carb
Qi = [Gross
where the Gross
2

i

whero there is t.
t

a

and tho first ter:
gecond term sho

HorrMANN, whi

SGOBE methoc
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methods agree «
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@1, and both sl

Both metho
ular orbital tre
resulty best ap)
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The extends
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repulsion terms
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Tho same hybridizations were assumed to hold for the methyl derivatives of theso
hydrides. The order of the R-II bond polavities for both the hydrides and their
methyl derivatives is tho samo as that derived from the AEC using Pauling’s
clectronegativity values [6], namely

% orderis O >N>S>C>8i .

Comparing the polarity of the R-I bonds with the corresponding methyl
derivatives, shows that for R, N, O or S replacing hydrogen by a -CII, group results
in a smaller positive charge on the hydrogen atom of the R-II bond. This corre-
sponds to the positive inductive effect of the methyl group in organic chemistry [2].
The only exception to this effect is in methane, where replacement of - by -CH,
results in a vory small withdrawal of electron density from the hydrogen orbital.

This slight clectron-feeding ability is also encountered in the alkyl chlorides
(Tab. 4). Thus in CH,Cl, CH,CH,CI; CH,Cl, and CH,CH Cl; the bond polarity
of the CH bond illustrates this offect. The SGOBE method’s prediction this effect
shows that it overcomes the defects of previous approximate group electroneg-
ativity treatments, which usually assume [13] that -

1 1
LA AL AL AL AL
Zom = 4o+ gl + A + al
and g, > it sinco z44> xfi*. This loads to o largor bond polarity in any
polurity versus change in electronegativity relationship, and the -CH, possesses a
negative inductive effect.
General

Although no direet method is available to check these caleulated molecular
charge distributions, it is possible to correlate them qualitatively with empirical
methods, which measure physical properties dependent, in part, on the orbital
charges.

@) Molecular Dipole Moments: the paraffin hydrocarbons possess zero, or
almost zero, dipole moments [2] whether symmetrical or unsymmetrical ; this is
substantiated by the present results where the charge distributions for atoms in
the molecule are finite but small in their difference from the freo atomic state;
the extended Huclel results are rather difficult to fit into this low dipole moment
picture, since the large deviation of orbital charge from unity would yicld rather
large dipole moments in some unsymmetrical paraffin hydrocarbons.

Similarly in the alleyl chlorides, inorganic halides and methyl derivatives, tho
charge distributions agreo with the current qualitative picture for the molecular
dipole moments [2]: '

L. In all carbon-chlorine bonds the chlorine is more negative and the carbon
more positive than in the free atomic case

Mol At 3
ol > dt]y, el < aft]y .
8 . . . . :
2. The chargs density on atoms or groups bound to a chlorinated carbon will
be drawn slight.y toward the positive centre, carbon, resulting in a higher separa-
tion of positive and negative charge centres, and increased dipole moment, as in
the molecules CH,; and CH,Cl where the 1s orbitals of hydrogen have an effective

charge of 0.985 and 0.936 respectively; thus in CH,CI there is a charge transfor to
the central carbon atomic orbitals, from the H 1s orbitals.

3. The valence
distorted by the nea
atom. In CH,CH,CI
an cffective charge «
joining to CH,Cl. W
It can bo concluded
charge of the haloge

4. Tho cffect: des
bond increases; hen
small, and further c
by CH,CH, and CII

750¢

™
S
S

lafive fo benzene

3

Chemical shifi & (ppm)=Cret

N

Tig. 6. Plot of
CCly (

bound to the chlorit
in the charges of tl
only —1.49%,.

b) Nuclear Mayg:
has been shown [7]
d is defined so that v
lity between d and t
in Tab. 4 to be a lin
np for the chloromet

¢) Nuclear Quud
show that successiy
(with C always the
and tho nyp of carbe
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plots indicate the c:
is remarkably closc
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With such a fixed hybridization of the chlorine bonding orbital, it iy possible
to predict unknown n.q.r. frequencies -for 3501 in alkyl halides, by assuming
¢ = 0.2 and calculating, i¢—¢1 from the SGOBE method and hence o. Thus the
n.q.r. 901 frequencies of CHCI,CH,CI are expected to be 35.12 and 36.76 Mes
respeetively at 77 °IK. .
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ABSTRACT

The well-known similaritics of the simple Huckel and omega technique molecular orbital
procedures for pi electrons to Pople’s self-consistent field method are extended by considering
systematic approximations to the latter. IFrom the relationships found, Huckel-method Coulomb
integrals and omega values for a variety of atoms (Be, B, C, N, 0, F, Mg, Al Si, P, S, Cl,
Ge, As, Se, Sn, Sb, Te) are derived. The Huckel and omega C_ox_xlomb mtegrz_lls are shown to
be directly related to a recent delinition of orbital clectronegativity. '!‘he_ablhty of the omega
techniques to improve upon the Huckel-method charge distributions 1s discussed by use of an

arbitrary but typical example.
INTRODUCTION

Semi-empirical pi-electron molecular orbital methods, using atomic orbitals as a basis
set, continue to be extensively employed in discussions of the structure, stability, re-
activity, and spectra of conj ugated organic molecules. Three such procedures, the Pariser—
Parr-Pople method (1-3), the simple Huckel method (4, 5), and the “omega’ technique
(5, 6), have been widely applied to such problems (3, 5). The evaluation of the necessary
secular determinant matrix elements for the latter two methods is usually empirical,
although attempts have been made to estimate the Coulomb integrals from electro-
negativities, atomic spectral data, and the parameters or results of the Pariser-Parr—
Pople technique (7).

In the present study, the well-known similarities among the Huckel, omega, and
Pariser—Parr-Pople methods will be considered in some detail, and extended. In partic-
ular, quantitative relations between the Coulomb parameters of the three techniques
will be derived, and these relationships exploited to provide theoretical estimates of the
Coulomb integrals for a wide varicty of atoms.

THEORY AND DISCUSSION
All the molecular orbital procedures to be discussed consider only the *pi” electrons
of conjugated molecules. The one-clectron molecular orbitals (MOs) ¥, for such electrons
are approximated as linear combinations of atomic orbitals (AOs) ¢, with coefficients
¢ determined by an energy minimization process; thus

[1] ) Elli = Z Ctuu

u

The total clectronic wave function representing the ground state of a closed shell of pi
clectrons in a conjugated molecule can normally be accurately expressed as a single
Slater determinant of the occupied MOs ;. Pople (2, 8) introduced a simplified self-
consistent field procedure to deal with such systems. Various systematic approximations
were introduced by Pople (neglect of differential overlap, treatment of the sigma electrons

\Financial support of this work is by the National Rescarch Cour il of Canada.
Holder of N.R.C. Postgraduale Scholarships 1963-1966. ouncil of Cunada

Canadian Journal of Chiemistry, Volume 44 (1960)
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a of certain integrals, etc. (2, 3, 8)) which reduce
ar determinant.
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as a non-polarizable core, approximatio
the elements of the F matrix of the secul

det | Fyy — ESul = 0

(2]
to the form
[3] Fuu = Uuu '*" %‘.‘Puu’Yuu '+' Z (wa - Zw)'Yuw
171t
and
[4] Fy, = Hyy — "}Puu'Yuu (’ll« 7 'U)v
where the bond-order matrix clements P, are defined as
[5] -Puv = OZ Gl 1o
i

the summation 7 being over the occupied MOs only. With the approximation for the

overlap integrals Sy, that

6]

Spp =0y =1 if u=1

0 if uv
x P may be identified with g, the

i

the diagonal elements P, of the bond-order matri
total pi-electron charge density in AO u,

[7] Qu = Puu-

In [3] and [4], the Z,, represcnt the pi-electron cor
AO w, and in neutral molecules this is equal to th

e charge of the atom associated with
e number of pi electrons (0, 1, or 2)

contributed by AO w to the pi system. The vu (and 7v,) are the two-electron repulsion
integrals

5] po= | 005 W/n)8.1)8,2) dr(h) dr @

The one-center repulsion integrals of [8], Yuw are normally approximated as (1, 3, 8)
9] You = Lu — Au

ate jonization potential and electron affinity of AO «.

where I, 4, are the valence-st
:th the ionization potential I, by (3, 9, 10)

The core integral Usy is associated w

[10] U = — I

The core resonance integral Hy, is normally obtained empirically.
Substitution of the relations (71, [9], [10] into eq. [3] for Fiu gives
[11] Fou =

which may be rearranged, by use of the core charge Z, of AO 1

] Fuu = [_ Iu + bzu(Iu - Au)] + [}.(Qu - Zu) (Iu - Au)] 'l‘ ‘:Z’; (Qw - Zw)’Yuw] .

t, to give

[12
This can be shortened to

[13] Fou = J@) + K(u, ¢) + L(t,qw),

= "'Iu -+ "ljgu(Iu - Au) + z’; (([w - Zw)'Yuw; L

11 which J, K, L
side of [12].

The term J(u) 1
all the AO # cha
Z (“neutral” AQOs

The term XK (u,
in AO 1,

The term L(u,q,
other atomic orbit:

In the simple (r
determinant [2] is
these methods, the
left as empirical q

[14]

[15]

Here H,° is an “e
purposes, a, and 8,
that

[16]
(17]

The quantitative
niques (Huckel, omr
approximations to
elements for a varie

Approximation Meth
The “Pople” expr
by introducing e ter

[18]

[19]

to give

[20]

where the sum over
In method A, the
(@)

[21]

(b) For u 5 v,
[22]

unless %, v are “neare
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can be expressed in terms of Fgcr, the nearest

(¢) For nearest neighbors # and 9, Fu
for the ground state of benzene, thus

neighbor Fu
Fy = kuwFocr

(23]
where %y, is an empirical constant for the pair #,
Since for neutral molecules

V.-

Z (Qw - Zw) = 01

[24]
exact if all the e, were identical, i.e.

approximation @ would be
= €.

€yl = €2 & = €uu

[25]

In this case the equation reduces to

Z (Qw — Zw)fuw = ‘:Z (Qw - Zw) = 0.

w w : i
ver, the e, for small i

for example, Pariser

(26]
are usually incorrect for real systems; howe

The equalities [25]
der of magnitude. In benzene,

ring systems are all of the same or
and Parr’s (1) empirical Yuu Yuo integrals give euw for v = 1 of
en = 5.3eV
ez = €5 = 7.3¢eV
ey = ¢5 = D.5¢eV

€14 = 4.9 CV

= 6.1 = 1.2 eV.

Le. all e =
he Pariser-Parr-Pople method, the

ation b is not a drastic one since in t
I_Iuv =0 (1, 2, 3) The

Approxim
off-diagonal Fy, for non-nearest neighbors are assumed to have
7 would be expected to be small in most cases.

remaining term — Puseun 0f Fu
7 for method A is then simply J() of [13], or

The Fu
i
Fuu = —[Iu + Zu ﬁﬁ—;—i)_] .

corresponds exactly to the orbital electronegativity
“molecular orbital” definition of bond electro-
corresponding to vacant, singly

[27]

The term in square brackets of [27]
xu of the “neutral” AO 2 using the
negativity (11). Three aeutral orbital cases are possible,
occupied, and lone-pair atomic orbitals,

P (Zu = 0) = —-I,= —Xu (Zu = O)v

(28]
[29] Em (Zu = 1) = - (Iu + Au)/2 = —Xu (Zu = 1),
[30] Fu (Zu = 2) = ~Ay = —Xu (Zu = 2)-
associated with orbital electronegativities for

Coulomb integrals have been previously
singly occupied (Zy = 1) AOs (3, 12, 13) and the above rel

to be a general one.
Numerical values of the terms J

Hinze and Jaffe (14) for a variety of

network are listed in Table I. The J(x) are in clectron volts,

(1), evaluated from the valence-state encrgy data of

atoms which could use p. AOs in a conjugated
whereas in simple Huckel

ations show the association

Valence
state of
Atom core Zu
Be dildit 0
B triteltr! O
C tritrlted ]
N trtriert 1
N trlteiet 2
0 $tppt 1
Q spipt 2
r $pipt 2
Mg didit 0
‘:\.l tritetet 0
Si tritettr! 1
P Cetteltrt 1
P telueltrt 2
S s*pipt 1
S $*pipt )
Cl st 2
Ge tritritr! 1
As treteieed 1
Se s*pept 1
Sn trlteltrt 1
Sb te¥eritel 1
Te spipt 1

* o

TQH energy data and paramete
;\ ! ynlcr}cc state energy data

TArbitrarily chosen (see'text) a

nethods it is conventi
Coulomb and resonan
expression,

[31]
where J(C) and Fgeor
From [31]

[32]

which requires the num
for the nearest neighbc

[33]
For this case, Pgg is ¢
becomes

(34]

The core resonance integ
of benzene. From the:
Hoer = —2.239eV; fron
obtain —1.75 eV, and

—1.92 eV. The observed
can be used to derive H,
above is then —4.82, —
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The correspondence between method A and the simple Huckel method can now be

demonstrated by showing the one-to-one relation between Huckel %, values obtained _

empirically and the I, calculated by [32] from the valence-state energyldata. The only
difficulty in such an analysis is the choice of appropriate Huckel I, to be used. For the .

purposes of this study, the consistent and widely used “‘best’” wvalues listed by Streit-

wieser (7a) have been adopted. The correlation of these ky with the term (J(u) — J(C))
H 1 2

is given in Fig. 1. The correlation line is excellent, considering that the “best” /y, are

onlby estimated to within =#0.25.* The slope of the line, —4.2;eV, is within the range

of the estimates of Fecr given above.
r

clo 0 0(2)

EMPIRICAL by,
]

|
-10

J) = J(c)

F1c. 1. Plot of J(1) — J(C) against the empirical Huckel /.. NoTE: The integer in brgckgtg fol_lm'v‘i’nglthlc
atomic symbol represents the core charge Z, for atoms having more than one value of Zy, listed in Table I.

The quantitative correspondence between the theoretical and empirical 7, gives some
insight into the nature of the effective hamiltonian H o of [14]. The Hy® corresponds
to the Pople-method hamiltonian for a molecular charge distribution in which all the
pi atomic orbitals are neutral (i.e. all ¢, = Z,). From this elucidation, the Huckel 7,
for a variety of atoms not considered by Streitwieser may be calculated. These /1, eva-
luated using Foor = —4.23 ¢V, are listed in Table 1.

Certain trends in the /i, are evident:

(I) Atoms of Groups 2 and 3, the p; AOs of which are normally vacant, have very
low /., of the order of —1.
(I1) Group 4 atoms have 1, close to zero.

(I1I) Group 5, 6, and 7 atoms display a wide range of I, depending upon Grox%p,
Period, and pi core charge of the atoms. although in general all the 4, are quite
high, and for a given atom /7, (Z, == 2) > h, (Z, = 1). The term for sulfur
(Z, = 2) is close to that of nitrogen (Z, = 2) as anticipated (7a).

All the atomic energy terms used in the derivation of the J(x) values in Table I were

obtained by assuming that the sigma-bonded AOs of the valence shell were “‘neutral’”’ (that

*The excellent correlation obtained may be due in part to the use of atomic and molec‘lflar ,z"on'z'zutwn potential
data in deriving some Huckel Iy which would have been considered in arriving ab the “‘best” values.

is, the sigma bonds :
and empirical Coulo
an additional featur

The explicit depenc
from neutrality, may
upon Q, as previous]
of Hinze (14¢), then

[35]
[36]
[37]

for the Z, = 1 cases
7y upon the sigma ne
dependence will be i1
Streitwieser lists Jiyg+
electron in each case.
sigma bonds from nit

spreading the positive

Approximation Methoc

Several attempts ha'
repulsion as a functior
(6, 17-20). Streitwicse
the omega (w) techniqu
density ¢, of the AO ¢

[38]

where w is an empirica
By analogy with the
expression [13] will be «
Approximations & and
The approximation t
term L(u,q,) of [13] is

39]

By retaining the definit
becomes

[40]

where

[41]

Equation [40] may be
(sce [39]) of eq. [11] giv

[42]
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The term of [42] in square brackets represents the molecular-orbital definition of the

bond electronegativity function for AO » (11) with charge density g.. The method B

Coulomb inteerals are then directly associated with the bond electronegativities of the
obc « s - !
pi AOs; in method A this association held only for the “neutral” orbital electronegati-
I ’ » . .
vities. Klopman (13) has previously noted the correspondence between electronegativity ’

anc. Coulomb integrals in omega-type methods. !

By use of the value of Fger from method A ?f —4.23 eV, the tcrm.s Wy f.or Yarious
acomic py orbitals # may be evaluated (eq. [41]). These parameters are listed in Table I. -
Empirical values of « for carbon have ranged from 0.33 to 1.8 (7a),.but the wx.dcly‘ usc.(l .
and “best” valueis we = 1.4 (6, 7a, 20). The theoretical value of we in Table I is 1.3‘..2, in
excellent agreement with the empirical result. Although Pritcha_rd and Sumner (19) derived | v
quite different w, for different atoms, the w value for a/l atom§ is normally taken to. be the | -
same as that for carbon (6). The widely different w,’s for different atoms (and different .
Z,) listed in Table I indicate that this extension is not justified. ‘»

Within each Period, there appears to be a good correlation of w, with ,, w, generally
increasing with atomic number. Within each Group of the Periodic Table, w, decreases ¢

as the atomic number increases. For atoms with different possible pi core charges Z,, <

wy for Z, = 2 is greater than that for Z, = 1._ .
The relation between w, and X, for the first Period atoms (except Bet) is illustrated

in Fig, 2. This relation may be expressed as
[43] w, = 0.45k, + 1.3,

| I i | )

| 0 | ;
hy 2 3

F16. 2. Plot of w, against I, for atoms of the first Period.

TThe Group 2 elements for the first and second Periods fall significantly off the correlation lines.

The corresponding r«
as.

[44]

for the elements Al
Equations [40], [4¢

[45]
with
[46]
for the atoms B, C, ]
(47]

for the atoms Al, Si, ]
nmethod listed in Tal:
Streitwicser attemj
noting that the term
omega technique did
neglected the remaini
carbon) of 5.3 eV, he s
of the %y (6). This l¢
in fact allowed for th
in this analysis (by S
cular ionization potent
molecules and their po
energies of the occupi
the one-electron levels
repulsions in the 7, te
process includes electr
value of about —2 ¢V,
o © emipirical estim
averaged correction for
B is then computation.
Comparison of the Metl
Now that methods ¢

procedures, have been
of each method to Pop

Calculated

Atom Huckel charge
number* (Zu ~ qu)
1 ~0,3697
2 “+0.1452
3 —0.0082
4 -+0.0957

*Numbering scheme ay in Fig. 3.
‘TEquivalent to w+ all neighbors.
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alculations were performed to establish the extent to whichf

system was chosen and ¢ | : |
the omega technique improved the H uckel F, parameters, during the self-consistent field

. ; !
calculations, towards those required by Pople's method. o
The example used is a six-membered ring system containing five carbon atoms, each

having a p» AO (with A, = 0), and one conjugating heteroatom, X, with lix .=.1.0. T he
pi system of the molecule is assumed to contain 6 elcctror.xs., and all nearest neighbors are |
assumed to have F,, equal to that of benzene. IFor simplicity, the geometry of the ring !
is talken to be identical to that of benzene, and the heteroatom X is assumed to have!
all vux cqual to those of the carbon atoms. The values of the latter integrals were taken

from Pariser and Parr’s paper (1).

2 N

P
4

TG, 3.

The simple Huclel charge distribution based on these assumptions is given in Table;
1I. The AF,, listed in the remaining columns of Table IT corresponds to the differences
between J(x), the simple Huckel F,, and the F, for the various methods calculated on

the basis of the Huckel charge distribution;

[48] AFy = Fy — J(Q).

The AF, s corresponding to the omega technique (column 4 of Table II) bear little
resemblance in sign, magnitude, or relative order for the different atoms to those required.
by the Pople method (column 7) for the same charge distribution, The correspondence;
between the omega AF,, and the Pople AF,, is not substantially improved by adding
nearest-neighbor terms (column 5) and first and second nearest-neighbor terms (colum:
6) to the AR, of the omega technique. The inclusion of the first, or first and second
nearest-neighbor terms has been previously suggested (21, 22) as a means of improving .
the omega technique. The simple Huckel AF,,, all zero of course, are actually closer to,
those of ’ople’s method than are the AF,, of any other of the techniques. ‘

Since the second iteration F,,'s of the omega techniques are not altered from the Huckel
s ineven qualitatively the same manner as those in the Pople method, it is difficult
o see why the sclf-consistent field charges of the w methods represent an improvement
over those of the Huckel method. The w technique will have the effect of ‘‘smoothing
out” the net excess charges calculated by the Huckel method, but will not necessarily
lead to any improvement in the relative order of charge densities among the atoms.
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