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About this course

Polymer science or macromolecular science is a subfield of
materials science concerned with polymers, primarily synthetic
polymers such as plastics and elastomers. The field of polymer science
includes researchers in multiple disciplines including chemistry,
physics, and engineering.

Polymer science comprises three main sub-disciplines:

¢ Polymer chemistry or macromolecular chemistry, concerned with
the chemical synthesis and chemical properties of polymers.

¢ Polymer physics, concerned with the bull
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materials and engineering applications.

properties of polyvmer
r r r

¢ Polymer characterization is concerned with the analysis of
chemical structure and morphology as well as the determination of
physical properties in relation to compositional and structural
parameters.



Polymer chemistry — the foundation of polymer science

Goal:

B New polymerization reactions, new polymerization
techniques, new catalysts, new monomers...

B Synthesis with controllability of polymeric chain
structures, stereoregularity, functionality...

B Synthesis techniques for polymeric materials with
specific massed structure...

B The synthesis of new polymeric materials with high
performance using common monomers...
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Chapter 1

Chemical Bonding



-0 Theories of chemical bonding: Overview
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A chemical bond is the physical process responsible for
the attractive interactions between atoms and molecules,
and that which confers stability to diatomic and
polyatomic chemical compounds.

¢ Valence Bond Theory (VB) #2382

€ Molecular Orbital Theory (MO) 4 F#iEIEIL

€ Ligand Field Theory (LFT) describes the bonding,

orbital arrangement, and other characteristics of
coordination complexes.




Valence Bond Theory (VB)

According to this theory a covalent bond is formed between the two
atoms by the overlap of half filled valence atomic orbitals of each atom
containing one unpaired electron.

F,:F-F bond p,-p,

HF: H-F bond 1s-2p,
® 1016, G.N. Lewis: a chemical bond forms by the interaction of two
shared bonding electrons (FL =84 HLF)
4 1927, Heitler-London: calculation o
based on quantum mechanical considerations
€ Walter Heitler: used Schrodinger’s wave equation to show how two

hydrogen atom wave functions join together, with plus, minus, and
exchange terms, to form a covalent bond.



Linus Pauling: resonance (1928); orbital
hybridization (1930).

"The Nature of the Chemical Bond”

Cornell University Press, Ithaca New York,
1939 (3rd Edition, 1960).

>> the “bible” of modern chemistry,
helping experimental chemists to
understand the impact of quantum theory

on chemistry

>> the Nobel Prize in Chemistry (1954).
As a biochemist, Pauling conducted research with X-ray crystallography
and modeling in crystal and protein structures. This type of approach was
used by Rosalind Franklin, James Watson and Francis Crick in the U.K to
discover the double helix structure of the DNA molecule.



Molecular Orbital Theory (MO)

Molecular orbital theory (MO theory) is a method for determining
molecular structure in which electrons are not assigned to individual
bonds between atoms, but are treated as moving under the influence
of the nuclei in the whole molecule.

€ MO theory uses a linear combination of atomic orbitals (LCAO) to
form molecular orbitals which cover the whole molecule.

@ These molecular orbitals are results of electron-nucleus
interactions that are caused by the fundamental force of

electromagnetism.
. y (9 € O>
@ These orbitals are often divided i

into bonding orbitals,

. . : @ + + @
anti-bonding orbitals, and

non-bonding orbitals. ‘H‘
Dihydrogen MO diagram



Kenichi Fukui (4% 4% —, Kyoto University)
Roald Hoffmann (Cornell University)
The Nobel Prize in Chemistry (1981)

The role of frontier orbitals in chemical reactions:
molecules share loosely bonded electrons which

occupy the frontier orbitals, that is the Highest
Occupied Molecular Orbital (HOMO) and the
Lowest Unoccupied Molecular Orbital (LUMO).

Walter Kohn (1923-), for his development of the

Density-Functional Theory

John Pople (1925-2004)

"for his development of
computational methods in quantum
chemistry”

The Nobel Prize in Chemistry (1998)
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Localized Chemical Bonding

E T 5

Localized chemical bonding may be defined as bonding in which the
electrons are shared by two and only two nuclei.

0.0z 10O
L] ] nn L] [} Figure 1
{ . Two Lewis Structures for O,

O: 1s22522p*

Which of the alternatives in Figure 1 best represents the structure of
dioxygen?



|.I Covalent Bonding {4

Quantum Chemistry

¥ N\
Molecular Orbital Valence Bond
Theory Theoty

@ In atoms, electrons reside in orbitals of differing energy levels such
as 1s, 28, 2p, 3d, etc. These orbitals represent the probability
distribution for finding an electron anywhere around the atom.
Molecular orbital theory posits the notion that electrons in
molecules likewise exist in different orbitals that give the probability
of finding the electron at particular points around the molecule.

€ In the molecular orbital theory, bonding is considered to arise
from the overlap of atomic orbitals. When any number of atomic
orbitals overlap, they combine to form an equal number of new
orbitals, called molecular orbitals.
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Figure 4 The molecular orbitals of diboron (B,)
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Fig.5 The expected molecular orbital

diagram for O,, F,, Ne,, CO, and NO.

€ Determine the number of electrons
in the molecule. We get the number of
electrons per atom from their atomic
number on the periodic table.
(Remember to determine the total
number of electrons, not just the
valence electrons.)

€ Fill the molecular orbitals from
bottom to top until all the electrons
are added. Describe the electrons with
arrows. Put two arrows in each
molecular orbital, with the first arrow
pointing up and the second pointing
down.

€ Orbitals of equal energy are half

filled with parallel spin before they
begin to pair up.
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Figure 6. Orbital correlation diagram for F2 (homonuclear
diatomic molecules).
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the stability of molecules?

@ [f the bond order for a molecule is equal to zero, the molecule is
unstable. A bond order of greater than zero suggests a stable molecule.

@ The higher the bond order is, the more stable the bond.

Predicting whether a molecule is paramagnetic or diamagnetic based
on the molecular orbital diagram:

If all the electrons are paired, the molecule is diamagnetic. If one or

more electrons are unpaired, the molecule is paramagnetic.
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Fig.7 The molecular orbital diagram Fig.8 The molecular orbital
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The paramagnetism of oxygen can readily be demonstrated by
pouring liquid O, between the poles of a strong permanent

magnet; the liquid stream is trapped by the field and fills up the
space between the poles.



We can describe diatomic C atom cO molecule O atom
molecules composed of atoms of T
different elements in a similar way.
The bond between the carbon and —_——
oxygen in carbon monoxide is very
strong despite what looks like a
strange and perhaps unstable Lewis
Structure.

b
—:i—+l— Pry.z

.C=0:« C

esss———) _1;1_ %

y:l: :&Iﬂ:
.

angrgy

Fig.9. The molecular orbital
diagram for carbon monooxide.
Bond order =3

the plus formal charge on the O and
the minus formal charge on the C,
Suggesting instability



1 73 — T2
‘N=Q s
. 4 th o3,
N 1s%2s2p° H o,
O 1s%2s°2p*
14 o

The unpaired electron and
the lack of an octet of '
electrons around nitrogen
would suggest an unstable | Fig.10 The molecular orbital
molecule. Diagram for NO.

Bond order = 2.5



Energy
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Nonbonding pairs J[}_G 2P 2Py 2P
located on F

Li Li-F F

Figure n Orbital correlation diagram for LiF.



To summarise the diatomics data:

bond order
H, 1
He, 0
Li, 1
Be, 0
B, 1
C, 2
N, 3
0, 2
F, 1
Ne, 0

FMOs

LUMO + HOMO
unknown species
LUMO + HOMO
unknown species
diradical

LUMO + HOMO
LUMO + HOMO
diradical

LUMO + HOMO
unknown species




|.2  Multiple Valence and
Hybridization %N 2t

A univalent atom has only one orbital available for bonding. But
atoms with a valence of 2 or more must form bonds by using at least
two orbitals.

In chemistry, hybridization is the concept of mixing atomic orbitals
to form new hybrid orbitals suitable for the qualitative description
of atomic bonding properties. Hybridised orbitals are very useful in
the explanation of the shape of molecular orbitals for molecules. It is
an integral part of valence bond theory.

The hybridization theory finds its use mainly in organic chemistry,
and mostly concerns C, N and O (and to a lesser extent P and S). Its
explanation starts with the way bonding is organized in methane.
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Four carbon sp°
hybrid orbitals

Methane

Four hydrogen 1s
atomic orbitals



Methane, CH A Ammonia, NH, Water, H,O
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Hybridization
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sp3d: Trigonal bipyramidal molecular geometry

sp3d>: Octahedral molecular geometry
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Which approach is better ?

There is no straightforward answer to this question - neither approach

1S exact.

< In some instances, such as in the description of bonding in diatomic
molecules, the two approaches give essentially identical results.

< The VB approach is the approach with which you will be most
familiar — it is conceptually simpler and is widely used in organic
chemistry, but it fails to adequately explain the bonding in certain
classes of molecules, including aromatic compounds.

<& The MO approach is generally harder to implement but better
explains the bonding in those molecules where the VB approach fails,
and is generally more consistent with the results of spectroscopic

measurements.



Are the

H
| 1108.70pm  quEsTiON:
H/ C{”'H equivalent?

H

photon source energy analyser

hv _ ‘;/ e

>
/ / UHV - Ultra High Vacuum

(p<10~7 mbar)

Principle of angle resolved PES.

_J

four bonds of methane

Photoelectron Spectroscopy

In photoelectron spectroscopy,
a molecule or atom s
bombarded with vacuum UV
radiation, causing an electron
to be ejected. The energy of the
ejected electron can be
measured, and the difference
between the energy of the
radiation used and that of the
ejected electron is  the
ionization potential of that

electron.
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Figure 12. Photoelectron spectrum of N,.
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Figure 13. Photoelectron spectrum of CH, and MO.

According to the orbital hybridisation theory the valence electrons in
methane should be equal in energy but its photoelectron spectrum shows
two bands, one at 23 eV (one electron pair) and one at 12.7 eV (three
electron pairs). This apparent inconsistency can be explained when one
considers additional orbital mixing taking place when the sp3 orbitals
mix with the 4 hydrogen orbitals.



The principal
chemical bonding models shared electron pair ] I bonding electrons
occupy atomic orbitals

bonding electrons occupy
are ——p ——————— p| orbitals of mixed (hybridized)

\ 5, p, d character

[mnlecular orbital ] — bonding electrons occupy

/ \ orbitals defined by multiple nuclei

is assumes that

/ \ atomic orbitals merge into

. . molecular orbitals as atoms
best for predicting stability e n s elrey EeE are moved toward each other

of molecules paramagnetism |
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| . 4 Electronic Structures of Molecules

Lewis structure are diagrams that show the bonding between atoms
of a molecule, and the lone pairs of electrons that may exist in the
molecule. For each molecule, ion, or free radical that has only
localized electrons, it is possible to draw an electron formula that
shows the location of these electrons.

Only the valence electrons are shown. Valence electrons may be
found in covalent bonds connecting two atoms or they may be

unshared. - ,Fo\\s/ /0

Rules for Lewis structures 107 o™
1. The total number of vaience 07 p 1574 pm
electrons in the molecule (or ion, or H,SO,

free radical) must be the sum of all
outer-shell electrons "“contributed”
to the molecule by each atom plus the 6 (for the sulfur)
negative charge or minus the +) 24 (6 for each oxygen)

2 (one for each hydrogen)

positive charge, for the case of ions. 32



2. Once the number of
valence electrons has been
ascertained, it is necessary
to determine which of
them are found in covalent
bonds and which are
unshared.

Note: First-row atoms (B,
C, N, O, F) can have a
maximum of eight valence
electrons.

3. It is customary to show
the formal charge on each
atom.

4. A coordinate-covalent
bond, represented by an
arrow, is one in which both
electrons from the same
atom.

H

H H _ H H
AN / . .
/C:C\ and not >6—C< or >
H H H H
(1)
|
s oot o0
H_Q—?—Q_H H_(|}
{o}] H
e HaC i
CH3—ITI+—O_ C=N—CHj |:—|=_|3
CHj HaC .
(2)
7
CH3_T_>Q:
CHs;

(3)



1.5 Electronegativity B fal%

@ The attraction of atom or group to the electron cloud is called
electronegativity.

@ Pauling scale: y, — ¥z = (eV)™2(E4(AB) — [E;(AA) + E4(BB)]/2)">
dissociation energies (E;); E4(H-Br) 3.79, E4(H-H) 4.52, E4(Br-Br) 2.0
eV. So, the difference in Pauling electronegativity between hydrogen

and bromine is 0.73
Xp—XB — ‘/ A
23.06

x, and xj are the electronegativities of the known and unknown atoms
and 23.06 is an arbitrary constant.
Electronegativity, as it is usually calculated, is not strictly an atomic

property, but rather a property of an atom in a molecule: the equivalent
property of a free atom is its electron affinity.




Tab.1 Electronegativities of some atoms on the Pauling scales

F 4.0 S 25 B 2.0
0 3.5 | 25 Si 1.8
Cl 3.0 C 2.5 Mg 1.2
N 3.0 H 2.1 Na 0.9
Br 2.8 P 2.1 Cs 0.7

Tab. 2 Some group electronegativities relative to H = 2.176

CH, 2.472 CCl, 2.666
CH5CH, 2.482 CeHs 2,717
CH,CI 2.538 CF 2.985
CBrs 2.561 C=N 3.208

CHCl, 2.602 NO, 3.421
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Figure 14. The variation of Pauling electronegativity in the periodic table
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¢ The dipole moment is a property of the
molecule that results from charge separation.
The unequal sharing of electrons within a bond
leads to the formation of an electric dipole: a
separation of positive and negative electric
charge. Example:

(positive) H-CI (negative)

¢ It is not possible to measure the dipole
moment of an individual bond within a
molecule; we can measure only the total of the
molecule, which is the vector sum of the
individual bond moment.

¢ From the dipole moment information can be
deduced about the molecular geometry of the
molecule.

8-
)

polar bonds 1_'
8
F i | X

Boron Trifluoride

dipole moment
(gas phase,debye)

carbon dioxide

0
carbon monoxide

0.112
ozone

0.53
phosgene

1.17
water vapor

1.85
hydrogen cyanide

2.98
cyanamide

4.27
potassium bromide

10.41
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NO,
043D 3.93D 439D
(0.43 + 3.93 = 4.36)
T

(ot

OH OH
1.54 D 1.57 D, (1.54 - 0.43 = 1.11)

Figure 15. Some dipole moments,
in debye, measured in benzene.
The arrow points to the negative

part of the molecule.

NOTE:

The debye (symbol: D) is a
CGS unit (a non-SI metric unit)
of electric dipole moment
named in honour of the
physicist Peter J. W. Debye. It
is defined as 1x107®

statcoulomb-centimetre

1D = 1018 statC.cm

= 1010 esu-A
esu: electrostatic unit
1A =10%cm



1.7 Inductive and Field Effects

¢ The polarity induced in adjacent bonds due to
polarity of a specific bond is known as the
inductive effect. The electron cloud in a o-bond
between two unlike atoms is not uniform and is

slightly displaced towards the more
electronegative of the two atoms.

¢ Field effect: an experimentally observable
effect of intramolecular coulombic interaction
between the centre of interest and a remote
unipole or dipole, by direct action through
space rather than through bonds. The
magnitude of the field effect depends on
unipolar charge/dipole moment, orientation of
dipole, shortest distance between the centre of
interest and the remote unipole or dipole, and
on the effective dielectric constant.

55t &° 5|
H;C—CH, > ClI :

H ¢l
H cl

0 bo COOHE
( ]

|
|
|
|
|
|
|
|
|
|
| 1) pKa = 6.07
|
|
|
|
|
|
|
\



................................................................................................................................

o electron-withdrawing (-1) 02N+<—CH2+©5
‘Functional group ;
i electron-donating (+1) 72\

Tab.3 Field effects of various groups relative to hydrogen

+/ -1

o NR,* COOH: OR
COO" SR,* F COR
CR; NH* Cl SH
CHR2 N02 Br SR
CH,R SO,R | OH
CHs CN OAr C=CR
D SO,Ar COOR|  Ar

CH=CR2

The groups are listed approximately in order of decreasing strength
for both —I and +/ groups.



I. Bond Length

Bond length defined as the internuclear distance when energy is at a
minimum. Bond lengths are measured in molecules by means of x-ray
diffraction. The actual bond length between two atoms in a molecule depends
on such factors as the orbital hybridization and the electronic and steric nature

of the substituents.

Energy Energy
released absorbed
when bond when bond
forms breaks
(-Bond (+Bond
Energy) Energy)
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-400
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C—Cbond in Bond length (A)
Diamond 1.544

C2H6 1.5324

C2H5(l 1,5495

C3HS8 1.532
Cyclohexane 1.54

tert-Butyl chloride 1.532

n-Butane to n-heptane 1.531-1.534

isobutane 1.535



Tab.5 Bond distances
Bond Type Length (A) Typical Compouds

C-C

sp3-sp3 1.53

sp3-sp? 1.51 acetaldehyde, toluene, propene

sp3-sp 1.47 acetoitrile, propyne

sp?-sp? 1.48 butadiene, glyoxal, biphenyl

sp?-sp 1.43 acrylonitrile, vinylacetylene

Sp-sp 1.38 cyanoacetylene, butadiyne
C=C

sp?-sp? 1.32 ethylene

sp-sp 1.31 ketene, allenes

Sp-sp 1.28 butatriene, carbon suboxide
C=C O=C=C=C=0

Sp-sp 1.18 acetylene m 728_}0:
C-H

sp3-H 1.09 methane

sp?-H 1.08 benzene, ethylene

sp-H 1.08 HCN, acetylene




(continued)

C-O
sp3-0 1.43 dimethyl ether, ethanol CH3CH;—OH
sp?-0O 1.34 formic acid sp°
Cc=0 0

2_ - - ||
sp“-0O 1.21 formaldehyde, formic acid H—C—OH
Sp-O 1.16 C02 sz
C-N
sp3-N 1.47 methylamine ﬁ
sp>-N 1.38  formamide C
C=N H™ o2 NH,
sp>-N 1.28  oximes, imines
C=N gcontinued)
Sp'N 114 HCN Sp3_ sz_ Sp_X
C-S
sp>-S 1.82  methanethiol C-F | 140 1.34 1.27
sp?-S 1.75  diphenyl sulfide cCll 179 173 163
sp-S 1.68 CH3SCN
N g C-Br| 1.97 1.88 1.79
sSp-S 1.67 CS, C-l 2.16 2.10 1.99




2. Bond Angles

Table 6. Oxygen, sulfur, and nitrogen bond angles in some compounds

Angle
H-O-H
C-O-H
C-0-C
C-0-C
H-S-H
C-S-H
C-S-C
H-N-H
H-N-H
C-N-H
C-N-C

Value
104°27
107-109°
111°43
ol
92.1°
99.4°
99.1°
106°46’
106°

112

108.7°

compound

H20
CH30OH

CH30CH3
C6H50C6H5

H2S
CH3SH

CH3SCH3

NH3

CH3NH2
CH3NH2
(CH3)3N

Note

€ Bond angles of oxygen and
nitrogen compounds are much
closer to the tetrahedral angle of
109°28’ than to 90°.

€® An unshared pair may be
considered to be an “atom” of
the lowest possible
electronegativity, since there is
no attracting power at all.
Consequently, the unshared pairs
have more s and the bonds more
p character than pure orbitals,
making the bonds somewhat
more like p? bonds and reducing
the angle.



VSEPR (valence-shell electron pair repulsion theory)

There are six basic shape types for molecules:

Linear: In a linear model, atoms are connected )’—)
in a straight line. The bond angles are set at 180°.
BeCI2

Trigonal planar: Molecules with the trigonal <
planar shape are somewhat triangular and in one
plane. Bond angles are set at 120°. BFs.

Tetrahedral: Tetra- signifies four, and -hedral
relates to a surface, so tetrahedral almost literally
means "four surfaces." Bond angles are 109.5°. CH,.

Octahedral: Octa- signifies eight, and -hedral ;
relates to a surface, so octahedral almost literally
means "eight surfaces." The bond angle is 90°. SF.

Pyramidal: Pyramidal-shaped molecules have
pyramid-like shapes. Lone pair-bond pair repulsions
change the angle from the tetrahedral angle to a
slightly lower value. NH3, PCls.

Bent: H,O, Lone pair-bond pair repulsions push

the angle from the tetrahedral angle down to
around [06°.




3. Bond Energies

Higher
energy energy

436 k] /mol absol”bed

Bond energy (E) is a measure of bond strength in a chemical bond.
For example, the carbon-hydrogen bond energy in methane E(C—-H)
is the enthalpy change involved with breaking up one molecule of
methane into a carbon atom and 4 hydrogen radicals divided by 4.

Bond dissociation energy (D)

Bond energy (F)

Example D (kJ/mol)
H,O - HO +H 494
H—O—-H+O 418

the bond energy E = (494+418)/2=456

B In diatomic molecules, D = E

B the method to calculate E : from the heat of combustion




Tab.7 Bond energy E value at 25° for some important bond types 2

Bond kJ mol! Bond kJ mol’

O-H 460-464 C-S 255

C-H 400-415 C-l 220

N-H 390

S-H 340 c=C 835
C=C 610-630

C-F 451-485 C-C 345-355

C-H 400-415

C-0 355-380 C=N 854

C-C 345-355 C=0 124-757

C-Cl 330

C-N 290-315 C=N 598

C-Br 275

a) The E values are arranged within each group in order of decreasing
strength. The values are averaged over a large series of compounds.



DISCUSSION

There is a direct correlation of bond strengths with bond distances.
Shorter bonds are stronger bonds.

For example:

the covalent radius of boron = 0.83A,

the bond length of B-B in B,Cl, = 1.75A (a significantly larger value).
This would indicate that the bond between the two boron atoms is a
rather weak single bond. This method of determination is most useful
for covalently bonded compounds.

Bonds become weaker as we move down the periodic table. See: C—O,

C—S, and four C—X bonds;

Double bonds are both shorter and stronger than the corresponding
single bonds, but not twice as strong, because r overlap is less than o
overlap.



Part 11
Delocalized Chemical Bonding
BB E R

Delocalized chemical bonding may be defined as bonding in which
the electrons are shared by more than two nuclei. Delocalized
electrons are contained within an orbital that extends over several
adjacent atoms.

In valence bond theory, delocalization in benzene is represented

by resonance structures.

double bond —> © ~&- single bond

Benzene
(Lewis formula)



1-9 General description

A. The valence-bond method — resonance concept (Pauling, 1928)

Several possible Lewis structures are drawn and the molecule is
taken to be a weighted average of them. This representation of a
real structure as a weighted average of two or more canonical
forms is called resonance.

O—0—-0—-0-—-8

(1) () (1) (V) (V)
39% 39% 7.3% 7.3% 7.3%

The different structures contributing to the resonance hybrid are
referred to as CANONICAL FORMS of the molecule. The more stable a
canonical form, the more it contributes to the RESONANCE HYBRID
(LA AALAE).



True nature of resonance

When a molecule cannot be represented by the standard tools of
valence bond theory (promotion, hybridisation, orbital overlap, sigma
and © bond formation) because no single structure predicted by VB
can account for all the properties of the molecule, one invokes the
concept of resonance.

G.W.Wheland ( Z 4o K 5 #%4%, L. Pauling®g 54 ) 49k 4odedg
FHEVER LA LR GE T, fn*‘ﬂ’i%ﬂ—%ﬁ\ X F R
m%%mmﬁzmm%%mAzm%% AR T A H1ELL,
HAAERZ L, %m%%m%%%%%ﬁ%?%%% & 7 =T A 7
fF‘l’%’@éﬁuéﬁiﬁ%ﬂafhﬂ%ﬁ%@%i@%ﬂﬂ ZT,

J.D.Roberts #3% (An#)78 B T¥ 215 ) 6gEkdy: o b t-2a, EOMA

/\d J (=] = Yy

f‘/\ﬁvﬁ%‘*k‘éwl Y-‘?'—Mt\ 4&5}3@*% /‘ﬁ‘fxfﬁﬁﬁﬁﬁiﬁ] P é’]i% ZL AR,
g%ﬂ%#ﬂéﬁ 18 7, A2 AR F 0 S W R ARIF MG 28 —FF A L 89 3)

Kerber, Robert C. If It's Resonance, What Is Resonating?
J. Chem. Educ. 83,223 (2006)
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of those canonical forms in which the bonds is double plus 1 for the

single bond that is present in all of them.

B The C-C bond order of ©H© - @ H@ T @

benzene = 1.463 () (n (n) (V) v)
(0.39+0.073+1) 39%  39% 7.3% 7.3% 7.3%

The magnitude of the bond order is associated with the bond length.
According to Pauling, the bond order is experimentally described by:

Where R;; is the bond length experimentally measured, d;; is the single
bond length, and b is a constant, depending on the atoms. A good
approximation for b use to be 0.37.



B. The molecular-orbital method — Hiuickel molecular-
orbital (HMO) Method (1931)

For planar unsaturated and aromatic molecules, many molecular-
orbital calculations (MO calculations) have been made by treating
the ¢ and 7 electrons separately. It is assumed that the o orbitals
can be treated as localized bonds and the calculations involve only

the 1 electrons.

Huckel molecular orbital method (HMO): a very simple linear
combination of atomic orbitals to molecuiar orbitais (LCAO MO)
method for the determination of energies of molecular orbitals of
pi electrons in conjugated hydrocarbon systems, such as ethene,

benzene and butadiene.



The framework
formed by c-bond

p orbital

Superposition of {a), {b}), and {c¢).
i)

Figurel7.The six p orbitals of benzene overlap to form three bonding
orbitals, (a), (b), and (c). (d) is the superimposed three orbitals.



1.10 Bond Energies and Distances in Compounds Containing
Delocalized Bonds

Resonance hybrids are always more stable than any of the canonical
structures would be, if they existed. The delocalization of the
electrons lowers the orbital energies, imparting this stability. The gain
in stability of the resonance hybrid over the most stable of the (non-
existent) canonical structures is called the RESONANCE ENERGY (Jt
$iifE) or DELOCALISATION ENERGY.

Estimation of resonance energy from
¢ the heat of atomization (J5i F4L#)
¢ the heat of hydrogenation (& 4t#) (1) ()

¢ HMO theory

The most stable canonical
structures of benzene



S —— Energy of six carbon and
A six hydrogen atoms

\
| B B O 4
| it
622.6x3 (C=C, cyclohexene)

Sl 5535 kJ/mol 5390 kJd/mol { 342x3 (C-C, cyclohexane)
416x3 (C-H, methane)

Y
Energy of structure (I) or (II)
Resonance energy | 145 kJ/mol
Y Energy of benzene

Figure. Resonance energy of benzene



Resonance energy from the heat of hydrogenation:

the heat of hydrogenation (k]J/mol)

cyclohexene: 120
the hypothetical (I) or (II): 360
the real benzene: 208
the resonance energy: 152 kJ/mol

NOTE: One must bear in mind again that resonance structures have
no physical existence. So, even though the term 'resonance energy
is quite meaningless, it offers an insight into how different the VB
picture of a molecule is from the actual molecule itself. 5
Bond length SP
sp>-sp> C—C:1.48 A sz

sp>-sp> C=C: 1.32 A o 5

C-C bond distance in benzene: 1.40 A SP



The energies of six benzene orbitals can be calculated from HMO

theory in terms of two quantities, @ and £.

E
AN

a-23

—_— B

= o

-

a+2f3

Figure. Energy level of benzene

a is the amount of
possessed by an isolated
2p orbital before overlap

3 (resonance integral) is
an energy unit expressing
the degree of stabilization
resulting from m-orbital
overlap

The resonance energy= (60+8f3)-(6a+6f) = 23



1-11 Kinds of molecules that have delocalized bonds

1. Double or triple bonds in conjugation

A system of atoms covalently bonded with alternating single and multiple
bonds is a conjugated system.

(H.: :CH:CH: : CH, CH.:CH: = CH:CH, CH.: CH: : CH: CH,
EHE=EH EH,—EH EHE_EH
“eH=cH, = oy —m, oy — gy,
| Il I
[
CH,:CH:CH::CH, CH,: CH:CH:!CH, n‘:.li,::r.zll::-t:H:tI.Hg
i
- + + -
I‘JEG—I‘.'..'.;E Cﬂg—CE CE,—EE
CH=—CH, CH—CH; CH—'i:E,

I¥ LY Vi



o —0.6188
Xa

Antibonding crbitals (x7)

c+ 1.61843 o+ 0.6188
Xy X2

Bonding orbitals {m})

Figure The four © orbitals of butadiene, formed by overlap of four p orbitals
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beta-Carotene:The eleven conjugated double bonds that form the
chromophore of the molecule are highlighted in red.

Lycopene: a symmetrical tetraterpene assembled from 8 isoprene units.



2. Double or triple bonds in conjugation with a p orbital on
an adjacent atom

There are three cases: the original p orbital may have contained two,
one, or no electrons.

0. O 0. O 0. 0O
oo 7 + e Ny TN/ N -~
HZC:C_QI: - H2C_C:Q|: \C/ - \C/ - \C/
H H 1 0: |
() (I O T o
vinyl chloride (1) (V) (V)

carbonate ion

HC=C-CH, = H,C-

+

C
H
H,C=——C-CH, <> H,C-C=CH,
H H
H,C——C-CH, <<—> H,C—C

H H



£ 27041

Nonkbonding

4 Bonding

Figure.The three orbitals of an allylic system, formed by overlap
of three p orbitals.



3. Hyperconjugation #&1t4E

By the field effect alone, the order of electron-release for alkyl groups
connected to an unsaturated system:

t-butyl > isopropyl > ethyl > methyl
The dipole moments in the gas phase (D):
PhCH,(0.37) < PhC,H; (0.58) < PhCH(CH,),(0.65) < PhC(CH,), (0.70)

Baker and Nathan (1935):

N

» It seems to be
N ©
R@ - R@@ s
Br acetone, 40°C N
» \ methyl >
o e —/  Ethyl

R=Me 166 nthyl >

R = Et 1.40 isopropyl >

R=iPr 135 tert-butyl

R =1t-Bu 1.34
R=H 1



What is the Hyperconjugation?

Hyperconjugation is the stabilizing interaction that results from the
interaction of the electrons in a sigma bond (usually C-H or C-C)
with an adjacent empty (or partially filled) non-bonding p-orbital or
antibonding m orbital or filled m orbital to give an extended
molecular orbital that increases the stability of the system.

pi bond Q Q H
“"‘C—C ~—— sigma bond
(>N
When a carbon attached to at
least one hydrogen is attached to Il? lFm ||? ||:2 )
an unsaturated atom or one with R—C—-C—CR; <=— R—C—C—CR;
an unshared orbital, canonical ||_|‘) H*

forms such as (b) can be drawn.



+
I

H H
H-C-H H* C-H H-C-H
© - - -«—>» efc.

For the other alkyl groups, hyperconjugation is diminished because
the number of C—H bonds is diminished and in t-butyl there are
none; hence, with respect to this effect, methyl is the strongest
electron donor and t-butyl the weakest. So,

Hyperconjugation:

methyl > ethyl > isopropyl > t-butyl
Hyperconjugation effect: stability of carbocations

(CH,),C* > (CH,),CH* > (CH,)CH,* > CH,*



4. Cross-Conjugation

In a cross-conjugation compound, three groups are present, two of
which are not conjugated with each other, although each is conjugated
with the third. The type of conjugation has an impact on reactivity

and molecular electronic transitions.

o) CH,=CH-O-CH=CH,
CH2=CH—ﬁ— CH=CH,

CH

6 2

benzophenone, divinylether, dendralenes and Buckminsterfullerene C,,



MO treatment: 6 p orbitals = 6 molecular orbitals (3 bonding orbitals
shown below)

2 carbon atoms do not
& participate in the ggbital

.

o+ 1.932 a+p a+ 0.518 B

Figure The three bonding orbitals of 3-methylene-|,4-pentadiene

The total energy of the occupied orbitals = 6a. + 6.9003
The resonance energy = 0.900 3

QUESTION: Please draw the resonance picture of 3-methylene-1,4-
pentadiene and discuss the bonding of the molecule.



1-12 The Rules of Resonance R #1 NI

We have seen that one way of expressing the actual structure of a
molecule containing delocalized bonds is to draw several possible
structures and to assume that the actual molecule is a hybrid of them.
These canonical forms have no existence except in our imaginations.
The molecule does not rapidly shift between them. It is not the case
that some molecules have one canonical form and some another. All
the molecules of the substance have the same structure. That
structure is always the same all the time and is a weighted
average of all the canonical forms.

1. All the canonical forms must be bona fide Lewis structures. For
instance, none of them may have a carbon with five bonds.
2. The positions of the nuclei must be the same in all the structures.

This means that all we are doing when we draw the various canonical
forms is putting the electrons in different ways.



+ + +

O O O
e - S - ~ -
o” o o o — 070
-1/2 -1/2
+ + +

Figure. Examples of resonance - ozone, benzene and allyl cation

Note: In most resonance, o bonds are not
involved, and only the © or unshared electrons H.C—CH
i : . . 2 2
are put in different ways. This means that if we Cr X
write one canonical form for a molecule, we can H
then write the others by merely moving © and
unshared electrons.



3. All atoms taking part in the resonance, i.e., covered by delocalized
electrons, must lie in a plane or nearly so. This, of course, does not
apply to atoms that have the same bonding in all the canonical forms.
The reason for planarity is maximum overlap of the p orbitals.

4. All canonical forms must have the same number of unpaired
electrons.

_H ° b _ ° CH °
H,C=C~CH, == H,C-C=CH, <%> H,C—C—CH,

5. The energy of the actual molecule is lower than that of any

canonical form, obviously. Therefore, delocalization is a stabilizing
phenomenon.

6. All canonical forms do not contribute equally to the true molecule.

Each form contributes in proportion to its stability, the most stable
form contributing most.



® The greater the number of significant structures that can be written
and the more nearly equal they are, the greater the resonance energy,
other things being equal.

The helpful rules for deciding relative stabilities of imaginary structures:

a. Structures with more covalent bonds are ordinarily more stable than
those with fewer.

b. Stability is decreased by an increase in charge separation. Structures
with formal charges are less stable than uncharged structures.

c. Structures that carry a negative charge on
a more electronegative atom are more
stable than those in which the charge is on a

. H,C~C—H <= H,C=C—H
less electronegative atom. I ye

. i : O Qo
Similarly, positive charges are best carried on
o . H
atoms of low elctronegativity. Hc—c oy
: : /
d. Structures with distorted bond angles or H @ H

lengths are unstable, e.g., the structure (a)
for ethane.



1-13 The Resonance Effect T£#Rr3 7

Resonance always results in a different distribution of electron density
than would be the case if there were no resonance.

+ —_

f NH, NH2 NH;

This decrease in electron density at one position (and corresponding
increase elsewhere) is called the resonance effect.

A. Dipole moment

NH, NH,
i;T @ T ©T ¢ -<—> efc.
NO, NO, B
39D  1.4D 6.2D (5.3D) L o™




B. Acidity and basicity

H3C\
/C:CHZ ~
H4C
pKa ~45
HaC,
C:O ~

/

H,C
pKa ~25

Q

[ HZC\
/C:CHZ -
| H3C

S

(H,C

C=0

/

| H3C

-

H Q.
2C\\/C_CH2 + H@
HsC

H,C o | ®
2 \\/C—O + H
H5C

conjugated base

C. Spectrographic behavior and reactivity

beta H
H o
H H
NSRS o B
/N / \ /
H H H H
major significant minor

contributor contributor

H
>0
C\

H

contributor

i ) IR: C=0 ~1690 cm!
(1730 cm-! for
saturated
compounds)

i) 13C NMR: B-C is less
shielded, chemical
shift (0) 1

iii) nuclear attack at p-C



. O,N NO,

LCriC truuoLetornt \
(0}
of resonance 1 453

(0}
1.35A NO,

2,4 6-Trinitroiodobenzene
(picryl iodide)

Ve

Question

1 2

Azide-Alkyne Huisgen Cycloaddition: 1,4- or 1,5-123-triazole ?



1-14. pn-dr Bonding. Ylide (At3Z1E)

¢ Usually, m bonds formed by overlap of parallel p orbitals.

¢ Another type of double bond contains one o orbital, the
second orbital is not a m orbital by overlap of half-filled p
orbitals; instead it is formed by overlap of a filled p orbital
from the oxygen with an empty d orbital from the sulfur. It
is called prn-dn orbital, which is particularly common for
the second-row atoms: sulfur and phosphorus.

d g‘—g p
empty filled

|IS, Pll "O,C"



Examples: H_:Q_hs'_b:_H ~ H-0-5-0-H

© 0L
p-pi d-pi canonical
form 3 L
R R :?I :(l):
N \+ .._ 2
/ / | |
R R ‘0 ‘01
phosphine oxide sulfones
H H 3 01
H HGt 2o g |
P—0: =— P—O: R—S—R=<—> R—S—R
/ / - > ¥
OH OH
hypophosphorus acid sulfoxides
¢ This type of molecules can be represented by
two canonical forms but the bond is nevertheless R &_O—
. 3 °
localized. _ -
¢ Nitrogen analogs are less stable because the amine oxide

resonance is lacking.



Ylide
An ylid or ylide (US) is a neutral dipolar molecule, in which a positively

charged atom from group VA or VIA of the periodic table is connected to
a carbon atom carrying an unshared pair of electrons.

phosphonium ylids
CH, OCH,
Ropn — R
~"\"Ph ~"\"Ph
Ph o Ph oh
Phosphorane form ylide form

R PR R_F
C=0 + :C-_Ra —_— } =C'\ + Ph3P=0
R2 R4 R2 R

Wittig Reaction



Mechanism: H
_I_
PhsP_ _H +
. 0
PhP—~ M == R\Ry  —— H
R, H "Ry 1 )

H™ 0 07 "R,

1 2 3 4




Ph
BuLi +

"

Ph\
P=—CH, + BuH + Lit

-
D)
g
»
Ay
g

h

91% vield

/_P+—CH3 — =
PHTS
h
Br
P|13F+—{__‘H:~
KO¥Bu
HsC 100™C, 2 h H;C
Camphor
0
NO- ) Br
N PhyP"-CHs, NaNH;
I THF
N {11} ag. HCI




_Me\g,Me Me . ,Me_
- |
O i R3/I\R4 Rg)\Rar | O
PR -
R1 R2 R2 R3

i. In almost all compounds that have prn-dn bonds, the central atom is
connected to four atoms or three atoms and an unshared pair and the

bonding is approximately tetrahedral. The pn-dn bond, therefore, does

not greatly change the geometry of the molecule in contrast to the
normal © bond, which changes an atom from tetrahedral to trigonal.

ii. There are three main types of ylids: phosphorus, nitrogen, and sulfur
ylids are also known.

Stability: P-ylids>S-ylids>N-ylids



1-15 Aromaticity 75 &%

Characteristics of aromatic (aryl)
compounds:

|) A delocalized conjugated T system,
most commonly an arrangement of
alternating single and double bonds

2) Coplanar structure, with all the
contributing atoms in the same plane

3) Contributing atoms arranged in one
or more rings

4) A number of 1T delocalized electrons
that is even, but not a multiple of 4.
That is, 4n + 2 number of T electrons,
where n=0, [, 2, 3, and so on. This is
known as Hiickel's Rule.

|9t century, difference
between aromatic
compounds and  aliphatic
compounds: special stability;
substitution reactivity.

1925, Armit and Robinson:
the aromatic properties of
the benzene the
presence of a closed loop of
electrons

M-8 = 3%

With the advent of magnetic
techniques, most notably
NMR: determine
experimentally whether or

not a compound has a closed
ring of electron.




valence
electron

'

induced. Hi
proton—@ —> F_flallg”etlc - f' Shielding Effect
ie

Ho
>
Ho
+ + e nuclear
Shielding resonance at a higher Hg ( OV )
densit * Effect + o nuclear

resonance at a lower Hq (54 )



A diagram of an aromatic

ring current. B, is the

applied magnetic field, the

red arrow indicating its

B direction. The orange ring
0 shows the direction of the
ring current, and the purple

rings show the direction of

the induced magnetic field.

i. 'H NMR: the greater the density of the electron cloud surrounding a
proton, the more upfield is its chemical shift (a lower O value ).

ii. The field “seen” by the aromatic protons is greater than it would have been
in the absence of the diamagnetic ring current. The protons are moved
downfield (to higher J) compared to they would be if electron density
were the only factor.

Aromaticity can be defined as the ability to sustain an induced ring current. A
compound with this ability is called diatropic.



» Ordinary alkene hydrogens: ~ 5-=6 J; cyclohexene 5.6

The hydrogen atoms of benzene rings:~ 7.3 6

» If there were protons located above or within the ring, they would be
subjected a decreased field and should appear at lower ¢ values than
normal CH, groups (normal 6 for CH, is ~1-2).

(CH,)y  CRIATTHE)

[10]paracyclophane

It follows that aromaticity can be determined from an nmr
spectrum. If the protons attached to the ring are shifted downfield
from the normal olefinic region, we can conclude that the molecule

is diatropic and hence aromatic.



i. Six-member rings

NOTE
Hs Ha For nitrogen heterocyclics there
are more significant canonical
forms than for benzene.
CHs;
benzene toluene meta-xylene QUESTIONS
NH, NO, |) Dipole moment!?
shele ~p o~
phenol aniline nitrobenzene N// ' N
(Representative aromatic compounds) H
2.22D 1.17D

2) Reactivity of pyridine in electrophilic aromatic substitution?



Ortho-attack
A+

How about the para- or meta-attack!?




Polycyclic aromatic hydrocarbon

a. Naphthalene

8 1 |
-« e S
6 3
3) 4

(a) (b) (c)
bond order bond distance (A)

1,2-bond  1.724 1.36
2,3-bond  1.603 1.415

The principal canonical forms are usually not all equivalent. This
nonequivalency of bonds, called partial-bond fixation B8 i .



b. Phenanthrene

6
5 @E? '
O )
3 > S
Q@! >
1 10 B

(@) Partial bond (b) (c)
fixation

(d) (€)

In phenanthrene, where the 9,10 bond is a single bond in only one of
five forms, bond fixation becomes extreme and this bond is readily
attacked by many reagents.



Anthracene

Triphenylene

Pyrene and its derivatives are
valuable molecular probes via
fluorescence spectroscopy,
having a high quantum yield and
lifetime  (0.65 and 410
nanosecond, respectively, in
ethanol at 293K).



Summary

canonical forms resonance energy (kJ/mol)

benzene 2 152
naphthalene 3 255
anthracene 4 351

phenanthrene 5 385
NOTE:

Phenanthrene loses the 9,10 bond by attack of a reagent such as ozone or
bromine, two complete benzene rings remain, each with 152 kJ/mol that
would be lost if benzene was similarly attacked.

9 10
QUESTION: ¢ O 1 8 9 1
2
‘aZa TSR soe S
|
6 5 4 3 10 4

5



ii. Five-member rings

Ji(}@»

P— @wQ¢@~@~O

Resonance contributors of pyrrole

¢ The NH proton in pyrroles is moderately acidic with a pK, of 17.5.
¢ Pyrrole undergoes electrophilic aromatic substitution predominantly at
the 2 and 5 positions.



M Oo@
O—O— S —G— G0

¢ It is considerably more reactive than benzene in electrophilic
substitution reactions, due to the electron-donating effects of the oxygen

heteroatom.
® Furan serves as a diene in Diels-Alder reactions with electron-deficient

dienophiles.

H. _cooEt
+ -
/ CHCI, -20°C, 36 hrs.
O,N

]




¢ Although the sulfur atom is relatively unreactive, the flanking carbon
centers, the 2- and 5-positions, are highly susceptible to attack by
electrophiles. Halogens give initially 2-halo derivatives followed by 2,5-
dihalothiophenes. Thiophene brominates 10’7 times faster than does

benzene.
1
S Ji

¢ Polythiophene



Cyclopentadiene @ "ﬁ‘
>

(D s [ (3 n O e (S am

H H =
pKa = 16 Cyclopentadienide ion (Cp)

Overlap of five p orbitals in molecules such as pyrrole,
thiophene, and the cyclopentadienide ion



|-16 Aromatic systems with electron numbers other than six

Annulene (4¢%ii) are completely conjugated monocyclic hydrocarbons.
They have the general formula C H. (when n is an even number) or C H_,,
(when n is an odd number).

Cyclooctatetraene is also known as [8]annulene.

Reppe's synthesis:
Ni(CN),, CaC,, THF H
RC=CH 60°C, 15 b g
ool 90%

¢ not aromatic

Cyclooctatetraene in its native
¢ addition reaction "tub-shaped" conformation.



o ¢

Cyclodecapentaene [14]annulene  Cyclooctadecanonaene
[10]annulene, C, _H,, aromatic [18]annulene, C ;H 4
aromatic ? aromatic

Huckel’s rule

Electron rings will constitute an aromatic system only if the number of
electrons in the ring is of the form 4n+2, where n is zero or any

position integer. — A A
— — 4 4 —H— A A A
- o\ 4r H

Duet Quartet Sextet Octet
(aromatic) (diradical) (aromatic) (diradical)
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containing more than three fused aromatic nuclei in a
cyclic fashion. For example, pyrene contains 16
conjugated electrons (8 bonds), and coronene
contains 24 conjugated electrons (12 bonds). Both of
these polycyclic molecules are aromatic even though
they fail the 4n+2 rule.

Look for aromaticity:

a) the presence of a diamagnetic ring current;

b) equal or approximately equal bond distances,
except when the symmetry is disturbed by a hetero
atom or other way;

c) planarity;

d) chemical stability;

e) the ability to undergo aromatic substitution.

Hiickel’s rule can only be theoretically justified
for monocyclic systems.

J
7

[18]annulene

Shiefing effect:
6 inner protons at
-3 ppm



i. System of two electrons, 4n+2 (n =0)

COOEt

“NEt,

:’c|5?
,C—OEt

N
NEt,

R\ R
@ @] - ++
<> > — s
V—="V-VI=9 /A,
(R = Me, Ph)
.. . . . Et,N
ii. Systems of four electrons. Antiaromaticity 2N
%
C+ EtOOC
11 7 A
/=\

. . : EtLN
Antiaromatic molecules are cyclic systems 2 \I
containing alternating single and double bonds, /
where the pi electron energy of antiaromatic EtO0C
compounds is higher than that of its open-chain
counterpart. IUPAC criteria: 4n 11 electrons, etc.

cyclic, planar, and a conjugated pi electron system. Push-pull effect



|-17 Other aromatic compounds

i) Mesoionic compounds (/I &F4LEH))

Mesoionic chemical compounds are dipolar five- or six- membered
heterocyclic compounds in which both the negative and the positive
charges are delocalized. A completely uncharged structure cannot be
written and mesoionic compounds cannot be represented satisfactorily by

any one mesomeric structure.

N
H H H

Sydnone & i

O

0 o o
r\i:j Nyt = I\i,@f
N N

O
N +~2

N
H

NH

Sydnone imine




i) The dianion of squaric acid /7%

_ e
O\ OH 3:/) 0§ ¢o O\:C

& oH Yo 4 ¢ N

pK, = ~1.5; pK,= ~3.5, which means that even the second proton is given up

much more readily than the proton of acetic acid.

iii) Homoaromatic compounds B AF &L &4

Ho

H.

NMR:H, -0.3 ppm; H, 5.1 ppm; H, and H, 6.4 ppm; H,-H, 8.5 ppm



|.18 Tautomerism BT F#4

Tautomers are isomers of organic compounds that readily interconvert
by a chemical reaction called tautomerization. Commonly this reaction
results in the formal migration of a hydrogen atom or proton,
accompanied by a switch of a single bond and adjacent double bond.

Enal form etn form Lactam form I getimn form
(3 J OH
R = xﬂx A NH, ™ A

H
Amida form  Imidic acld form Amine form Imine form

(r OH YH-

SAua N el
H



H
1

_H
O

/&/ Keto-enol

tautomerism. | is the

2

keto form; 2 is the enol.

Tab. The Enol Content of Some Carbonyl Compounds

Compound Enol content (%) Compound Enol content (%)
Acetone 6x1077 CH3COOEt No enol found
PhCOCHS3 1.1x107 CH3COCH,COOEt 8.4
Cyclopentanone 1x1076 CH3COCH>,COCHS3 80

CH;CHO 6x107° PhCOCH,COCHj5 89.2
Cyclohexanone 4x107° EtOOCCH,COOEt  7.7x1073
Butanal 5.5x10 NCCH,COOEt 2.5x10"
(CH3),CHCHO 1.4x1072 Indane-1-one 3.3x10°8
Ph,CHCHO 9.1 Malonamide No enol found




Reaction mechanism

H & (BH
o-H + RONY
H‘r H ‘\_____.// R

Acid catalyzed enolization

Rl H\
O3 H'
-..-l---‘-h‘--_--'-——-"'f

Base catalyzed enolization

H

H

H

H



Three main types of the more stable enoles

i. Molecules in which the enolic double bond is in conjugation with another
double bond.The enol is also stabilized by internal hydrogen bonding.

ii. Molecules that contain two or three bulky aryl groups.

iii. Highly fluorinated enols

__OFEt
H3C—C—CH:(|3 200°C
I & FC=C-CF3 -—S cp,H—C-CF,
3h |
OH O

Me

Ar Ar
C=C-H = >CH—C—H Ar =Me
Ar OH Ar O

Me



Part lll Bonding weaker than covalent bond

Noncovalent bonding

In general, noncovalent bonding refers to a variety of interactions that
are not covalent in nature between molecules or parts of molecules that
provide force to hold the molecules or parts of molecules together, usually
in a specific orientation or conformation. Noncovalent bonding is the
dominant type of bonding in supramolecular chemistry. These noncovalent
interactions include:

¢ hydrogen bonds

¢ ionic bonds

¢ hydrophobic interactions

¢ Van der Waals forces (i.e. "London dispersion forces*)

¢ Dipole-dipole bonds



.19 Hydrogen Bonding

FIG.18. Snapshot from a simulation of
liquid water. The dashed blue lines from FIG.19 Image of a DNA chain
the molecule in the center of the picture which shows the double helix

represent hydrogen bonds. replicating itself.



HEpA - Guanine Cytoslne Jifhx mmg

Hydrogen bonding between guanine and cytosine, one of two
types of base pairs in DNA.



" H HoooH
¢ A hydrogen bond is H’G“H"’(NMH O Ny
the attractive interaction H
of a hydrogen atom with hydrogen  hydrogen hydrogen  hydrogen
an electronegative atom, dbé)ri:odr bond bond bond
like nitrogen, oxygen or acceptor acceptor  donor
fluorine.
hydrogen
¢ A hydrogen bond ggggptor
strength: 25-30 kj/mol hydrogen 1, i
bond 'R |
(covalent bond 200-400 acceptor .0 OILINTY
kj/mol) and/or donor . _F
TF
F '
¢ Hydrogen bonds can S
exist in the solid and prozac Eg?";l@ge"
liquid phases and in acceptor
solution.

Examples of hydrogen bond donating (donors) and
hydrogen bond accepting groups (acceptors)



O-H ----0

O O 0 0. .0
R— R I~ § »
O ----H-0 X —
Intermolecular H-bonding: Intramolecular H-bonding
Carboxylic acids often in acetylacetone helps to stabilize
form dimers in vapor phase. the enol tautomer.

¢ Hydrogen bonds can vary in strength from very weak (1-2 k]
mol™) to extremely strong (>155 k] mol™):

18__I—II_IFN ((125 1137;23 The hydrogen bond strength is
O—H:0 (2? k] /mol) dependent on temperature, pressure,
N—H----.N (13 kJ/mol) bond angle, and environment (usually
N—H-:0 (8 kJ/mol) characterized by local dielectric

HO_H...:OH3+ (18 k]/mol) Constant).



Effect of hydrogen bonding

|. Intermolecular hydrogen bonding raises boiling points and frequently
melting points. NH,;, H,O, HF (PH,, H,S, and HCI)

2. Hydrogen bonding — solubility: ammonia in water

3. Hydrogen bonding causes lack of ideality in gas and solution law.
Dimer formation in carboxylic acids and hexamer formation in
hydrogen fluoride.

Hydrogen bonding changes spectral absorption positions.

5. Hydrogen bonding, especially the intramolecular variety, changes
many chemical properties.

For example:
|) the large amount of enol present in the certain tautomeric equilibria;

2) the conformation of molecules



Detection of hydrogen bonding

Measurements of dipole moments
Solubility behavior

Freezing-point lowering

Heats of mixing

Infrared spectroscopy

Raman
NMR
Example: alcohol, phenol:
free O—H 3590~3650 cm-!
H-bonded O—H ~50-100 cm-! lower
» Partial hydrogen bonding: two peaks O-H----

O
VR

» Intra- and intermolecular hydrogen bonding: R—<\
O----H-O

[concentration] ~ peak strength



.20 Supramolecular assembly/aggregates

A supramolecular assembly or "supermolecule” is a well defined
complex of molecules held together by noncovalent bonds. The process by
which a supramolecular assembly forms is called molecular self-assembly.
Self-organization, then, is the process by which those aggregates create
higher-order structures.

Molecular self-assembly is a key concept in supramolecular chemistry
since assembly of the molecules is directed through noncovalent
interactions (e.g., hydrogen bonding, metal coordination, hydrophobic forces,
van der Waals forces, TI-TT interactions, and/or electrostatic) as well as

electromagnetic interactions.
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An example of a molecular self-assembly through hydrogen bonds reported
by Meijer and coworkers.

Angew. Chem. Int, Ed. 37 (1-2): 75-78.
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amino Cpyrimidine @ amino 'Cpyrazine
I Lt R

U. Ziener et al Chem.—Eur. J. 2000, 6,4132—4139.
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Supramolecular polymers stabilized by main-chain links based on (2) one, (b) three, and (c)
four H-bonds.




A unique tetramer of 4:5 B-cyclodextrin—ferrocene in the solid state
Chem.Commun., (17), 2211-2213(2005)
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Structure of lyotropic liquid crystal. The
red heads of surfactant molecules are in
contact with water, whereas the tails are
immersed in oil (blue): bilayer (left) and
micelle (right)
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An example of a
supramolecular assembly
reported by J-M Lehn et al. in
Angew. Chem.,, Int. Ed. Engl. 1996,
35, 1838-1840.



