COMPOUNDS AND CHEMICAL BONDS

1.1 INTRODUCTION

1. Organic chemistry is the study of the compounds of carbon.
2. The compounds of carbon are the central substances of which all living things on
this planet are made.

1) DNA: the giant molecules that contain all the genetic information for a given
species.

2) proteins:  blood, muscle, and skin.

3) enzymes: catalyze the reactions that occur in our bodies.

4) turnish the energy that sustains life.

3. Billion years ago most of the carbon atoms on the earth existed as CHy:
1) CHg, H,O, NHj, H> were the main components of the primordial atmosphere.

2) Electrical discharges and other forms of highly energetic radiation caused these
simple compounds to fragment into highly reactive pieces which combine into
more complex compounds such as amino acids, formaldehyde, hydrogen cyanide,
purines, and pyrimidines.

3) Amino acids reacted with each other to form the first protein.

4) Formaldehyde reacted with each other to become sugars, and some of these
sugars, together with Inorganic phosphates, combined with purines and
pyrimidines to become simple molecules of ribonucleic acids (RNAs) and DNA.

4. We live in an Age of Organic Chemistry:
1) clothing: natural or synthetic substance.
2) household items:
3) automobiles:
4) medicines:

5) pesticides:

5. Pollutions:

1) insecticides: natural or synthetic substance.

2) PCBs:



3) dioxins:

4) CEFCs:

1.2 THE DEVELOPMENT OF ORGANIC CHEMISTRY AS A SCIENCE

I. The ancient Egyptians used indigo (E8&E) and alizarin (&3&) to dye cloth.
2. The Phoenicians (fffEE A) used the famous “royal purple (REEZB)”, obtained

from mollusks (2R, ER. ERZFHBHY). as a dyestuft.

3. As ascience, organic chemistry is less than 200 years old.

1.2A Vitalism

“Organic” — derived from living organism (In 1770, Torbern Bergman, Swedish
chemist)
—> the study of compounds extracted from living organisms

—> such compounds needed “vital force” to create them

1. In 1828, Friedrich W&hler Discovered:

O
NH,” "OCN —heat H,N—C—NH,
Ammonium cyanate Urea
(inorganic) (organic)

1.2B Empirical and Molecular Formulas

1. In 1784 Antoine Lavoisier (GEBI{L 2 KN FL #8) first showed that organic

compounds were composed primarily of carbon, hydrogen, and oxygen.

2. Between 1811 and 1831, quantitative methods for determining the composition of

organic compounds were developed by Justus Liebig (fEBl{L 2 %K), ]. ]. Berzelius,

J.B. A. Dumas GEE{tL B xK).



3. In 1860 Stanislao Cannizzaro (BARILEBFIXEERE) showed that the earlier

hypothesis of Amedeo Avogadro (1811, BARLB R R YR E R T FHNK)

could be used to distinguish between empirical and molecular formulas.

molecular formulas C,H; (ethylene), CsH,, (cyclopentane), and CgH;»

(cyclohexane) all have the same empirical formula CH..

1.3 THE STRUCTURAL THEORY OF ORGANIC CHEMISTRY

1.3A. The Structural Theory: (1858~ 1861)

August Kekulé (German), Archibald Scott Couper (Briton), and Alexander M.
Butlerov

I. The atoms can form a fixed number of bonds (valence):

H
H—(lj—H H—O—H H— Cl—
}
Carbon atoms Oxygen atoms Hydrogen and halogen
are tetravalent are divalent atoms are monovalent

2. A carbon atom can use one or more of its valence to form bonds to other atoms:

Carbon-carbon bonds

H H
| N/
H—(IZ—(IZ—H /C=C\ H—C=C—H
H H
Single bond Double bond Triple bond

3. Organic chemistry: A study of the compounds of carbon (Kekul&, 1861).



1.3B. Isomers: The Importance of Structural Formulas

1. Isomers: different compounds that have the same molecular formula
2. There are two isomeric compounds with molecular formula C,H¢O:
1) dimethyl ether: a gas at room temperature, does not react with sodium.
2) ethyl alcohol: a liquid at room temperature, does react with sodium.

Table 1.1 Properties of ethyl alcohol and dimethyl ether

Ethyl Alcohol Dimethyl Ether
C,H:O C:HqO
Boiling point, °C* 78.5 -24.9
Melting point, °C —117.3 —138
Reaction with sodium Displaces hydrogen No reaction

® Unless otherwise stated all temperatures in this text are given in degree Celsius.

3. The two compounds differ in their connectivity: C-O-C and C-C-O

Ethyl alcohol Dimethyl ether
H H H H
|| e .
H—C—C—0O—H H—C—O—C—H
| | L L] | (1] |
H H H H

g B¢ %%

Figure 1.1 Ball-and-stick models and structural formulas for ethyl alcohol and
dimethyl ether

1) O-H: accounts for the fact that ethyl alcohol is a liquid at room temperature.



L0 [

2 H—(li—(li—O—H + 2Na — 2 H—(lj—(lj—O‘Na+ + H,
H H H H
2 H—O—H + 2Na — 2 H—O Na  + H,

2) C-H: normally unreactive

4. Constitutional isomers:* different compounds that have the same molecular
formula, but differ in their connectivity (the sequence in which their atoms are
bounded together).

An older term, structural isomers, is recommended by the International Union of Pure and

Applied Chemistry (IUPAC) to be abandoned.

1.3C. THE TETRAHEDRAL SHAPE OF METHANE

1. In 1874, Jacobus H. van't Hoff (Netherlander) & Joseph A. Le Bel (French):
The four bonds of the carbon atom in methane point toward the corners of a

regular tetrahedron, the carbon atom being placed at its center.

(a) (b) (c)

Figure 1.2 The tetrahedral structure of methane. Bonding electrons in methane
principally occupy the space within the wire mesh.

1.4 CHEMICAL BONDS: THE OCTET RULE

Why do atoms bond together? more stable (has less energy)



How to describe bonding?

1. G. N. Lewis (of the University of California, Berkeley; 1875~1946) and Walter
Kossel (of the University of Munich; 1888~1956) proposed in 1916:
) The ionic (or electrovalent) bond: formed by the transfer of one or more
electrons from one atom to another to create ions.

2) The covalent bond: results when atoms share electrons.

2. Atoms without the electronic configuration of a noble gas generally react to

produce such a configuration.

1.4A 1lonic Bonds

l. Electronegativity measures the ability of an atom to attract electrons.

Table 1.2 Electronegativities of Some of Elements

H

2.1

Li Be B C N O F
1.0 1.5 2.0 2.5 3.0 3.5 4.0
Na Mg Al Si P S Cl
0.9 1.2 1.5 1.8 2.1 2.5 3.0
K Br
0.8 2.8

1) The electronegativity increases across a horizontal row of the periodic table from

left to right:

2) The electronegativity decreases go down a vertical column:

Li Be B C N OF Cl Decreasing

Increasing electronegativity > Br electronegativity




3) 1916, Walter K&ssel (of the University of Munich; 1888~1956)

G-y — © - ©

Lie + sf3 —> Lit :"]E_  —— I__l:r F
electron transfer He configuration Ne configuration 1onic bond

4) lonic substances, because of their strong internal electrostatic forces, are usually
very high melting solids, often having melting points above 1,000 °C.
5) In polar solvents, such as water, the 1ons are solvated, and such solutions usually

conduct an electric current..

1.4B Covalent Bonds

1. Atoms achieve noble gas configurations by sharing electrons.
1) Lewis structures:

each H shares two electrons

. [
H, He + ¢ —— HGSH or H—H (He configuration)

cl, 3Cle = ofls — Cledls or 200—Cls
L1 ] L 1 ] *e a*e *e ae
: |
HSCSH or H—C—H  aNImN o IN=N:
L1
methane 11 N
l|1 _lone pair I|{ I|4 _lone pair l|1
H—(|3—I”I~I—H H—Cl'—(|j T:’/ [—]—(lj——(.ﬁ;:;; lone pair
: ee —
H H H H H H
methyl amime ethanol chloromethane

¢ nonbonding electrons = affect the reactivity of the compound



or

N\ /
C=—C
/ \

H H

ethylene

___]r___ ___ﬁi___

nitrogen (3) oxygen (2)

formaldehyde

—H —(J

hydrogen halogens (1)

H. .
CeeN,

H H

or double bond

H
AN
C=N
/ N
H H

formaldimine

1.5 WRITING LEWIS STRUCTURES

1.5A. Lewis structure of CH,F

1. The number of valence electrons of an atom is equal to the group number of the

atom.

2. For an 1on, add or subtract electrons to give it the proper charge.

3. Use multiple bonds to give atoms the noble gas configuration.

1.5B. Lewis structure of C1O; and CO;,Z'

.ii. -

HB)- o 22—
i [
W0 | G



1.8 RESONANCE

1.8A. General rules for drawing “realistic” resonance structures:

1. Must be valid Lewi1s structures.

2. Nuclel cannot be moved and bond angles must remain the same. Only electrons
may be shifted.

3. The number of unpaired electrons must remain the same. All the electrons must
remain paired in all the resonance structures.

4. Good contributor has all octets satisfied, as many bonds as possible, as little
charge separation as possible. Negative charge on the more EN atoms.

5. Resonance stabilization i1s most important when 1t serves to delocalize a charge

over two or more atoms.

6. Equilibrium: —_—
7. Resonance: -~
1.8B. CO;”
‘0* el HoH
| | |
[ ] C [ ] [ ] C C [ ]
07 0 D7 So2 207 0%
»® e — e .e oo ., —
1 2 3
(o Jo SoH
| | |
:{')/C\C"ﬁ becomes :E)fC%”‘O: becomes :D?’C‘*« ".
o ., — rd P e oy —

] . 2 3
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Figure 1.3 A calculated electrostatic potential map for carbonate dianion,
showing the equal charge distribution at the three oxygen atoms. In electrostatic
potential maps like this one, colors trending toward red mean increasing
concentration of negative charge, while those trending toward blue mean less
negative (or more positive) charge.

1.9 QuANTUM MECHANICS

1.9A Erwin Schrodinger, Werner Heisenberg, and Paul Dirac (1926)

1. Wave mechanics (Schrédinger) or quantum mechanics (Heisenberg)

1) Wave equation = wave function (solution of wave equation, denoted by Greek

letter ps1 ( ¥)

2) Each wave function corresponds to a different state for the electron.

3) Corresponds to each state, and calculable from the wave equation for the state, is
a particular energy.

4) The value of a wave function: phase sign

5) Reinforce: a crest meets a crest (waves of the same phase sign meet each other)
= add together = resulting wave 1s larger than either individual wave.

6) Interfere: a crest meets a trough (waves of opposite phase sign meet each other)
= subtract each other = resulting wave 1s smaller than either individual wave.

7) Node: the value of wave function is zero => the greater the number of nodes,

the greater the energy.



Average level
of lake

Figure 1.4 A wave moving across a lake is viewed along a slice through the lake.
For this wave the wave function, ¥ is plus (+) in crests and minus (-) in troughs.
At the average level of the lake it is zero; these places are called nodes.

1.10 ATOMIC ORBITALS

1.10A. ELECTRON PROBABILITY DENSITY:

. Yfora particular location (x,y,2) expresses the probability of finding an electron
at that particular location in space (Max Born).
1) ¥islarge: large electron probability density.
2) Plots of ¥ in three dimensions generate the shapes of the familiar s, p, and d
atomic orbitals.
3) An orbital is a region of space where the probability of finding an electron is

large (the volumes would contain the electron 90-95% of the time).

<

Nodal

1s Orbital b T

25 Orbital

2p Orbital

Three mutually perpendicular
(orthogonal) 2p orbitals

Figure 1.5 The shapes of some s and p orbitals. Pure, unhybridized p orbitals
are almost-touching spheres. The p orbitals in hybridized atoms are lobe-shaped

(Section 1.14).



1.10B. Electron configuration:

1. The aufbau principle (German for “building up™):
2. The Pauli exclusion principle:

3. Hund’s rule:

1) Orbitals of equal energy are said to degenerate orbitals.

1 {4 (I I

JT T T
1, i th,
R P | N T R IR (R 198

ib, Ab, b,
JL]S Jils JLls

Oxygen Fluorine Neon

Figure 1.6 The electron configurations of some second-row elements.

1.11 MOLECULAR ORBITALS

1.11A. Potential energy:

I
No attraction

¢ ——
IV H+ +H
P I T )
2 Repulsion
L H:H
- 111 H- -H o .
Most stable —— 435 kilojoules mol

Attraction

——
H:H I1

r=0.74 A

Internuclear distance (r)



Figure 1.7 The potential energy of the hydrogen molecule as a function of
internuclear distance.

1. Regionl: the atoms are far apart => No attraction

2. RegionII: each nucleus increasingly attracts the other’s electron = the
attraction more than compensates for the repulsive force between the two nuclei
(or the two electrons) = the attraction lowers the energy of the total system

3. Region III: the two nuclei are 0.74 A apart = bond length = the most stable
(lowest energy) state is obtained

4. Region IV: the repulsion of the two nuclei predominates = the energy of the

system rises

1.11B. Heisenberg Uncertainty Principle

1. We can not know simultaneously the position and momentum of an electron.
2. We describe the electron in terms of probabilities ( ¥) of finding it at particular
place.

1) electron probability density = atomic orbitals (AOs)
1.11C. Molecular Orbitals

1. AOs combine (overlap) to become molecular orbitals (MOs).
1) The MOs that are formed encompass both nuclei, and, in them, the electrons can
move about both nuclei.
2) The MOs may contain a maximum of two spin-paired electrons.
3) The number of MQOs that result always equals the number of AOs that

combine.

2. Bonding molecular orbital ( #q..):
1) AOs of the same phase sign overlap = leads to reinforcement of the wave
function = the value of is larger between the two nuclei = contains both

electrons in the lowest energy state, ground state



Wis {atomic orbital) w1 ¥(atomic orbital) Bonding ¥(molecular orbital)

Figure 1.8 The overlapping of two hydrogen Is atomic orbitals with the same
phase sign (indicated by their identical color) to form a bonding molecular orbital.

3. Antibonding molecular orbital ( w:m,ec):

1) AOs of opposite phase sign overlap = leads to inferference of the wave
function in the region between the two nuclei = a node is produced = the

value of is smaller between the two nuclei = the highest energy state,

excited state = contains no electrons

W1 atomic orbital) V15 atomic orbital) Antibonding ¥{ioiecular orbital)

Figure 1.9 The overlapping of two hydrogen 1s atomic orbitals with opposite phase
signs (indicated by their different colors) to form an antibonding
molecular orbital.

4. LCAOQO (linear combination of atomic orbitals):
5. MO:
1) Relative energy of an electron in the bonding MO of the hydrogen molecule is
substantially less than its energy ina ¥ AO.
2) Relative energy of an electron in the antibonding MO of the hydrogen molecule

1s substantially greater than its energy ina #; AO.



1.11D. Energy Diagram for the Hydrogen Molecule

e \J 11 oo (ANtIDONING)

orbital \ ‘l J/ orbital
i meolec{Bonding)

Molecular
orbitals

Figure 1.10 Energy diagram for the hydrogen molecule. Combination of two
atomic orbitals, ¥, gives two molecular orbitals, ¥, and ?’,nnle.,. The energy of
Yholee is lower than that of the separate atomic orbitals, and in the lowest electronic
state of molecular hydrogen it contains both electrons.

1.12 THE STRUCTURE OF METHANE AND ETHANE:
sp° HYBRIDZATION

1. Orbital hybridization: A mathematical approach that involves the combining

of individual wave functions for s and p orbitals to obtain wave functions for new

orbitals = hybrid atomic orbitals

Ground state Excited state spz-Hybridized state

I T B

lsjl

' v

Promotion of electron Hybridization

"y
w
VI__

1.12A. The Structure of Methane

1. Hybridization of AOs of a carbon atom:



25 Orbital

2p, Orbital i

2p, Orbital

UH ybridization

2p. Orbital

109'59\~+,4_ 109.5°

Figure 1.11 Hybridization of pure atomic orbitals of a carbon atom to produce 3p3
hybrid orbitals.

2. The four sp3 orbitals should be oriented at angles of 109.5° with respect to
each other = an sﬁ-hybridized carbon gives a tetrahedral structure for

methane.

Methane, CH,

Figure 1.12  The hypothetical formation of methane from an sp>-hybridized
carbon atom. In orbital hybridization we combine orbitals, not electrons. The
electrons can then be placed in the hybrid orbitals as necessary for bond formation,
but always in accordance with the Pauli principle of no more than two electrons
(with opposite spin) in each orbital. In this illustration we have placed one electron



in each of the hybrid carbon orbitals. In addition, we have shown only the bonding
molecular orbital of each C—H bond because these are the orbitals that contain the
electrons in the lowest energy state of the molecule.

3. Overlap of hybridized orbitals:

1) The positive lobe of the sp’ orbital is large and is extended quite far into space.

>

Figure 1.13  The shape of an sp’ orbital.

°d P — o

sp3 Orbital 1s Orbital Carbon—hydrogen bond
(bonding MO)
Figure 1.14 Formation of a C—H bond.

2) Owverlap integral: a measure of the extent of overlap of orbitals on neighboring
atoms.

3) The greater the overlap achieved (the larger integral), the stronger the bond
formed.

4) The relative overlapping powers of atomic orbitals have been calculated as

follows:

s: 1.00; p: 1.72; sp: 1.93; sp’: 1.99; sp’: 2.00

4. Sigma (o) bond:
1) A bond that is circularly symmetrical in cross section when viewed along the
bond axis.
2) All purely single bonds are sigma bonds.



Circular
cross section

_0 c

Figure 1.15 A ¢ (sigma) bond.

¢
@

(b) (c)

Figure 1.16 (a) In this structure of methane, based on quantum mechanical
calculations, the inner solid surface represents a region of high electron density.
High electron density is found in each bonding region. The outer mesh surface
represents approximately the furthest extent of overall electron density for the
molecule. (b) This ball-and-stick model of methane is like the kind you might build
with a molecular model kit. (c¢) This structure is how you would draw methane.
Ordinary lines are used to show the two bonds that are in the plane of the paper, a
solid wedge is used to show the bond that is in front of the paper, and a dashed
wedge is used to show the bond that is behind the plane of the paper.

1.12B. The Structure of Ethane



Sigma bonds
v —

Figure 1.17 The hypothetical formation of the bonding molecular orbitals of
ethane from two sp3-hybridized carbon atoms and six hydrogen atoms. All of the
bonds are sigma bonds. (Antibonding sigma molecular orbitals — are called ¢*
orbitals — are formed in each instance as well, but for simplicity these are not
shown.)

1. Free rotation about C-C:
1) A sigma bond has cylindrical symmetry along the bond axis = rotation of

groups joined by a single bond does not usually require a large amount of

energy = free rotation.

¢ [ o H /H
pa

(b) (c)

Figure 1.18 (a) In this structure of ethane, based on quantum mechanical
calculations, the inner solid surface represents a region of high electron density.
High electron density is found in each bonding region. The outer mesh surface
represents approximately the furthest extent of overall electron density for the



molecule. (b) A ball-and-stick model of ethane, like the kind you might build with
a molecular model kit. (c¢) A structural formula for ethane as you would draw it
using lines, wedges, and dashed wedges to show in three dimensions its tetrahedral
geometry at each carbon.

2. Electron density surface:

) An electron density surface shows points in space that happen to have the same
electron density.

2) A “high” electron density surface (also called a “bond™ electron density surface)
shows the core of electron density around each atomic nucleus and regions
where neighboring atoms share electrons (covalent bonding regions).

3) A “low” electron density surface roughly shows the outline of a molecule’s
electron cloud. This surface gives information about molecular shape and

volume, and usually looks the same as a van der Waals or space-filling model of

the molecule.

Dimethyl ether

1.13 THE STRUCTURE OF ETHENE (ETHYLENE):
sp” HYBRIDZATION

Figure 1.19 The structure and bond angles of ethene. The plane of the atoms is
perpendicular to the paper. The dashed edge bonds project behind the plane of the
paper, and the solid wedge bonds project in front of the paper.



Ground state Excited state sp®-Hybridized state
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Figure 1.20 A process for obtaining spz—hybridized carbon atoms.

One 2p orbital is left unhybridized.
The three sp” orbitals that result from hybridization are directed toward the corners

of a regular triangle.

sp2 Orbital

Figure 1.21 An spz-hybridized carbon atom.



o Bonds

oBond
overlap\‘ 7
“H

Figure 1.22 A model for the bonding molecular orbitals of ethane formed from

two sp’-hybridized carbon atoms and four hydrogen atoms.

3. The o-bond framework:

4. Pi(x) bond:
1) The parallel p orbitals overlap above and below the plane of the o framework.
2) The sideway overlap of p orbitals results in the formation of a 7 bond.
3) A =m bond has a nodal plane passing through the two bonded nuclei and between

the © molecular orbital lobes.



(b)

Figure 1.23 (a) A wedge-dashed wedge formula for the sigma bonds in ethane and
a schematic depiction of the overlapping of adjacent p orbitals that form the « bond.
(b) A calculated structure for enthene. The blue and red colors indicate opposite
phase signs in each lobe of the © molecular orbital. A ball-and-stick model for the
o bonds in ethane can be seen through the mesh that indicates the it bond.

4. Bonding and antibonding © molecular orbitals:

Antibonding =*
molecular orbital

|

A

1 .

Two isolated carbon p orbitals

Bonding =
molecular arbital

Figure 1.24 How two isolated carbon p orbitals combine to form two = (pi)
molecular orbitals. The bonding MO is of lower energy. The higher energy
antibonding MO contains an additional node. (Both orbitals have a node in the
plane containing the C and H atoms.)

1) The bonding & orbital is the lower energy orbital and contains both n electrons

(with opposite spins) in the ground state of the molecule.

2) The antibonding m* orbital is of higher energy, and it is not occupied by

electrons when the molecule is in the ground state.



- 1* MO
A Antibonding
— g* MO

JL = MO
JL o }Bonding

1.13A. Restricted Rotation and the Double Bond

Energy

1. There is a large energy barrier to rotation associated with groups joined by a
double bond.

1) Maximum overlap between the p orbitals of a m bond occurs when the axes of the
p orbitals are exactly parallel = Rotation one carbon of the double bond 90°
breaks the m bond.

2) The strength of the © bond is 264 KJ mol™ (63.1 Kcal mol_l)=> the rotation
barrier of double bond.

3) The rotation barrier of a C—C single bond is 13-26 KJ mol™ (3.1-6.2 Kcal mol™).

Figure 1.25 A stylized depiction of how rotation of a carbon atom of a double
bond through an angle of 90° results in breaking of the nt bond.

1.13B. Cis-Trans Isomerism



cis-1,2-Dichloroethene trans-1,2-Dichloroethene

1. Stereoisomers
1) cis-1,2-Dichloroethene and trans-1,2-dichloroethene are non-superposable =
Different compounds => not constitutional isomers
2) Latin: cis, on the same side; trans, across.

3) Stereoisomers = differ only in the arrangement of their atoms in space.

4) If one carbon atom of the double bond bears two identical groups = cis-trans

isomerism is not possible.

Cl H

Cl H

1,1-Dichloroethene 1,1.2-Trichloroethene
(no cis-frans isomerism) (no cis-frans isomerism)

1.14 THE STRUCTURE OF ETHYNE (ACETYLENE):

sp HYBRIDZATION
1. Alkynes
H—C=C—H H,C—C=C—H
Ethyne Propyne HDCEC —H
(acetylene) (C,H,)

180° 180°
(C,H3)



2. spHybridization:
Ground state Excited state sp-Hybridized state

el L el L ow L
" ) e

w ] i s )
Promotion of GGG Hybridzaiionp

Figure 1.26 A process for obtaining sp-hybridized carbon atoms.

3. The sp hybrid orbitals have their large positive lobes oriented at an angle of 180°

with respect to each other.
p Orbitals

sp Orbital 1
sp Orbital

Figure 1.27 An sp-hybridized carbon atom.

4. The carbon-carbon triple bond consists of two «t bonds and one ¢ bond.




Figure 1.28 Formation of the bonding molecular orbitals of ethyne from two
sp-hybridized carbon atoms and two hydrogen atoms. (Antibonding orbitals are

formed as well but these have been omitted for simplicity.)

5. Circular symmetry exists along the length of a triple bond (Fig. 1.29b) = no

restriction of rotation for groups joined by a triple bond.
= Bond

(a) (b) (¢)

Figure 1.29 (a) The structure of ethyne (acetylene) showing the sigma bond
framework and a schematic depiction of the two pairs of p orbitals that overlap to
form the two m bonds in ethyne. (b) A structure of ethyne showing calculated =«
molecular orbitals. Two pairs of © molecular orbital lobes are present, one pair for
each w bond. The red and blue lobes in each w bond represent opposite phase signs.
The hydrogenatoms of ethyne (white spheres) can be seen at each end of the
structure (the carbon atoms are hidden by the molecular orbitals). (¢) The mesh
surface in this structure represents approximately the furthest extent of overall
electron density in ethyne. Note that the overall electron density (but not the =«
bonding electrons) extends over both hydrogen atoms.



1.14A. Bond lengths of Ethyne, Ethene, and Ethane

1. The shortest C—H bonds are associated with those carbon orbitals with the

greatest s character.

180°

1.20 A
1.54 A

B

Figure 1.30 Bond angles and bond lengths of ethyne, ethene, and ethane.

1.16 MOLECULAR GEOMETRY: THE VALENCE SHELL
ELECTRON-PAIR REPULSION (VSEPR) MODEL

1. Consider all valence electron pairs of the “central” atom — bonding pairs,
nonbonding pairs (lone pairs, unshared pairs)
2. Electron pairs repel each other = The electron pairs of the valence tend to
stay as far apart as possible.
1) The geometry of the molecule — considering “all” of the electron pairs.
2) The shape of the molecule — referring to the “positions™ of the “nuclei (or

atoms)”.



1.16A Methane
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Figure 1.31 A tetrahedral shape for methane allows the maximum separation of
the four bonding electron pairs.

Figure 1.32 The bond angles of methane are 109.5°.



1.16B Ammonia

Figure 1.33 The tetrahedral arrangement of the electron pairs of an ammonia
molecule that results when the nonbonding electron pair is considered to occupy one
corner. This arrangement of electron pairs explains the trigonal pyramidal shape
of the NH; molecule.

1.16C Water

Figure 1.34  An approximately tetrahedral arrangement of the electron pairs for a
molecule of water that results when the pair of nonbonding electrons are considered
to occupy corners. This arrangement accounts for the angular shape of the H,O
molecule.

1.16D Boron Trifluoride

:i::':

120° 120°

‘£< )
Ny

Figure 1.35 The triangular (trigonal planar) shape of boron trifluoride maximally
separates the three bonding pairs.




1.16E Beryllium Hydride

H$BesH H—Be—H

Linear geometry of BeH,

1.16F Carbon Dioxide

*)eeC 220 O=C=0" The four electrons of each double bond act as a
% o "\\_ Q}" single unit and are maximally separated from each
180 other.

Table 1.4 Shapes of Molecules and Ions from VSEPR Theory

Number of Electron Pairs at Hybridization

Central Atom State of Central S nfl}lc;lecu]e Examples
Bonding Nonbonding Total Atom =
2 0 2 sp Linear BeH;
3 0 3 sp° Trigonal planar  BF;, CH3™
4 0 4 sp° Tetrahedral CH.,, NH.~
3 1 4 ~sp3 Trigonal pyramidal NH;, CHy™
2 2 4 ~-sp3 Angular H,0O

* Referring to positions of atoms and excluding nonbonding pairs.

1.17 REPRESENTATION OF STRUCTURAL FORMULAS

Ball-and-stick model Dash formula
CH3CH,CH,0H ~_OH
Condensed formula Bond-line formula

Figure 1.36  Structural formulas for propyl alcohol.



I.‘I. (1] Io_lo | | L1 ]
HICSO3CSH = H—fls—o—(|:—H = CH;0CH,
H H H
Dot structure Dash formula Condensed formula

1.17A Dash Structural Formulas

1. Atoms joined by single bonds can rotate relatively freely with respect to one

another.
/H

H H H H

N/ H\ / /H O\ /H N/

/C\ C.__H or b or H\ /C‘\ O
C 0 AN C C H
AN /C\ H H/ AN H/ A
H H g H H H

Equivalent dash formulas for propyl alecohol = same connectivity of the atoms
2. Constitutional isomers have different connectivity and, therefore, must have

different structural formulas.

3. Isopropyl alcohol is a constitutional isomer of propyl alcohol.

| [ L
H O H H—C—C—C—H H—C—C—H
| or ] or |
H—C—C—C—H H O H H _C—H
I l H™ |
H H H H H

Equivalent dash formulas for isopropyl alcohol = same connectivity of the atoms

4. Do not make the error of writing several equivalent formulas.



1.17B Condensed Structural Formulas

(S
H—tf—{lf—(li—(lj—H CH3THCH2CH3 or CH;CHCICH,CH;4
H Cl H H Cl
. y,
Y
Dash formulas Condensed formulas
Pll 1|{ 1|{ CH3THCH3 CH;CH(OH)CH;
T OH
e H CHiCHOHCH; or  (CHy),CHOH
H
Y
Dash formulas Condensed formulas

1.17C Cyclic Molecules

H\C/H CH
2
H\C/:\C/ H or H1CQCH2 Formulas for cyclopropane
/ \ <
H H

1.17D Bond-Line Formulas (shorthand structure)

1. Rules for shorthand structure:

1) Carbon atoms are not usually shown = intersections, end of each line
2) Hydrogen atoms bonded to C are not shown.

3) All atoms other than C and H are indicated.



CH,CHCICH,CH; = S
Cl Cl
H,C. .CH L
“CH  *~CH, ot Ny
CH;CH(CH3)CH,CH; = | - I
CH;
H,C CH
N7 PcH, NTO
(CH3)2NCH2CH3 e | = |
CH;
\.—Y__J
Bond-line
formulas
CH2 A d Hz(lz_(lez
= /N all —
HEC_CHZ S Hzc_CHz
H3C~\ /CHH‘ -—CH3 \“-h ,,:::"‘-\H o
(|ij B = l ~ CH,=CHCH,0OH = _~~._-OH

CHj

Table 1.5 Kekulé and shorthand structures for several compounds

Compound Kekule structure Shorthand structure
H HHH
Butane, CiH SR M 7
t —C—C—C—C—
utane, C4Hjo B (C’C“‘*C”C)
H HHH
Chloroethylene (vinyl H\C=C/H Z
chloride), C,H,Cl s (C,;CECI)
i
2-Methyl-1,3-butadiene H H—(E—H H
(isoprene), CsHg ;‘c:c—(lj:ci F
H H H
H—C~ ~C—H
Cyclohexane, C¢H, 5 I I
H—C. CH

H

L



Vitamin A, C-oH10 H

OH
1.17E Three-Dimensional Formulas
i i i i Wl
2 Con
C-""f i l."""C C"'u or -.U"C H---.‘ -~ \ -‘H
HONH o HYY/ Sy g \N'H - HY/ g, ff H
H H H H 0
Methane Bromomethane Ethane
i i i i
C"u or |\"C C"q or I"'C
~\"'H HY™ /™~ P il | [
N / \ /
Br 1 Cl Br Br ol Cl Br
Bromo-chloromethane Bromo-chloro-iodomethane

Figure 1.37 Three-dimensional formulas wusing wedge-dashed wedge-line
formulas.

REPRESENTATIVE CARBON COMPOUNDS:
FUNCTIONAL GROUPS, INTERMOLECULAR
FORCES

2.1 CARBON—CARBON COVALENT BONDS

1. Carbon forms strong covalent bonds to other carbons, hydrogen, oxygen, sulfur,

and nitrogen.



1) Provides the necessary versatility of structure that makes possible the vast
number of different molecules required for complex living organisms.

2. Functional groups:

2.2 HYDROCARBONS: REPRESENTATIVE ALKANES, ALKENES,
ALKYNES, AND AROMATIC COMPOUNDS

1. Saturated compounds: compounds contain the maximum number of H
atoms.

2. Unsaturated compounds:

2.2A ALKANES

1. The principal sources of alkanes are natural gas and petroleum.

2. Methane is a major component in the atmospheres of Jupiter (AR 2), Saturn (£

£), Uranus (XE2), and Neptune (B E 8).

3. Methanogens, may be the Earth’s oldest organisms, produce methane from carbon
dioxide and hydrogen. They can survive only in an anaerobic (i.e., oxygen-free)
environment and have been found in ocean trenches, in mud, in sewage, and in

cow’s stomachs.
1. Ethene (ethylene):  US produces 30 billion pounds (~1,364 ZE M) each year.

1) Ethene is produced naturally by fruits such as tomatoes and bananas as a plant
hormone for the ripening process of these fruits.

2) Ethene is used as a starting material for the synthesis of many industrial
compounds, including ethanol, ethylene oxide, ethanal (acetaldehyde), and

polyethylene (PE).
2. Propene (propylene): US produces 15 billion pounds (~682 E M) each year.

1) Propene is used as a starting material for the synthesis of acetone, cumene
(1sopropylbenzene), and polypropylene (PP).

3. Naturally occurring alkenes:



iY /

B-Pinene (a component of turpentine) An aphid (¥ £2) alarm pheromone

2.2C ALKYNES

1. Ethyne (acetylene):
1) Ethyne was synthesized in 1862 by Friedrich Wéhler via the reaction of calcium
carbide and water.
2) Ethyne was burned in carbide lamp (miners’ headlamp).

3) Ethyne is used in welding torches because 1t burns at a high temperature.

2. Naturally occurring alkynes:
1) Capilin, an antifungal agent.
2) Dactylyne, a marine natural product that i1s an inhibitor of pentobarbital
metabolism.

Bra,, WCl

O

x
x

Capilin Dactylyne



3. Synthetic alkynes:
1) Ethinyl estradiol, its estrogenlike properties have found use in oral

contraceptives.

cn OH

\

,.-I“‘

HO
Ethinyl estradiol (17a-ethynyl-1,3,5(10)-estratriene-3,17p-diol)

2.2D BENZENE: A REPRESENTATIVE AROMATIC HYDROCARBON

1. Benzene can be written as a six-membered ring with alternating single and double

bonds (Kekulé structure).

H
H H
or
H H
H
Kekulé structure Bond-line representation

2. The C—C bonds of benzene are all the same length (1.39 A).

3. Resonance (valence bond, VB) theory:



Two contributing Kekulé structures A representation of the resonance hybrid

1) The bonds are not alternating single and double bonds, they are a resonance

hybrid = all of the C—C bonds are the same.

4. Molecular orbital (MO) theory:

1) Delocalization:

2.3 POLAR COVALENT BONDS

1. Electronegativity (EN) is the ability of an element to attract electrons that it 1s
sharing 1n a covalent bond.
1) When two atoms of different EN forms a covalent bond, the electrons are not
shared equally between them.

2) The chlorine atom pulls the bonding electrons closer to it and becomes

somewhat electron rich = bears a partial negative charge (6—).

3) The hydrogen atom becomes somewhat electron deficient = bears a partial

positive charge (6+).
5_ (1] 8—
HSClg
L1 ]
2. Dipole:
A dipole

Dipole moment = charge (1n esu) x distance (in cm)

p=exd (debye, 1 x 107"® esu cm)



1) The charges are typically on the order of 10™'"” esu; the distance 10~ cm.

Figure 2.1 a) A ball-and-stick
model for hydrogen chloride. B)
A calculated electrostatic potential
map for hydrogen chloride showing
regions of relatively more negative
charge in red and more positive
charge in blue. Negative charge is
clearly localized near the chlorine,
resulting in a strong dipole moment
(@) (b) for the molecule.

¢@®

2) The direction of polarity of a polar bond is symbolized by a vector quantity:

+—
(positive end) —+— (negative end) = H—CI
+—

3) The length of the arrow can be used to indicate the magnitude of the dipole
moment.

2.4 POLAR AND NONPOLAR MOLECULES

I. The polarity (dipole moment) of a molecule is the vector sum of the dipole

moment of each individual polar bond.

Table 2.1 Dipole Moments of Some Simple Molecules

Formula M (D) Formula H(D)
H, 0 CH, 0
Cl, 0 CH,(CI 1.87
HF 1.91 CH-Cl, 1.55

HCI 1.08 CHCl; 1.02

HBr 0.80 CCly 0
HI 0.42 NH; 1.47
BF, 0 NF; 0.24

CO; 0 H.O 1.85




Center of

s, Center of
negative charge

positive charge

b
kY
A
Ay
A
N
w

Figure 2.2 Charge distribution in carbon tetrachloride.

p=0D 1=187D

Figure 2.3 A tetrahedral orientation Figure 2.4 The dipole moment of
of equal bond moments causes their chloromethane arises mainly from the
effects to cancel. highly polar carbon-chlorine bond.

2. Unshared pairs (lone pairs) of electrons make large contributions to the dipole

moment. (The O-H and N-H moments are also appreciable.)

1 Net = Net
O / dipole OII dipole
moment moment

H *"“/,go i *““/,g \

Figure 2.5 Bond moments and the resulting dipole moments of water and
ammonia.



2.4A DIPOLE MOMENTS IN ALKENES

1. Cis-trans alkenes have different physical properties: m.p., b.p., solubility, and etc.

1) Cis-1somer usually has larger dipole moment and hence higher boiling point.

Table 2.2 Physical Properties of Some Cis-Trans Isomers

Melting Point  Boiling Point  Dipole Moment

Compound ©C) ©C) (D)

Cis-1,2-Dichloroethene -80 60 1.90
Trans-1,2-Dichloroethene -50 48 0

(Cis-1,2-Dibromoethene -53 112.5 1.35
Trans-1,2-Dibromoethene -6 108 0

2.5 FUNCTIONAL GROUPS

2.5A ALKYL GROUPS AND THE SYMBOL R

Alkane Alkyl group Abbreviation
CH,4 CHs—
Me-—
Methane Methyl group
CH3CH3 CH3CH3— or CQH;,— £
1'_
Ethane Ethyl group
CH;CH,CH; CH,;CH,CH»>— )
I"_
Propane Propyl group
CH,4
CH3CH,CH; |
CH;CHCH; or CH;CH— 1-Pr—
Propane
Isopropyl group

All of these alkyl groups can be designated by R.



2.5B PHENYL AND BENZYL GROUPS

Phenyl group:

Q @- or CéHs— or ¢ or Ph-

or Ar— (if ring substituents are present)

2. Benzyl group:

Q 5= or Q or C¢HsCH-— or Bn—

ALKYL HALIDES OR HALOALKANES

2.6A HALOALKANE

1. Primary (1°), secondary (2°), or tertiary (3°) alkyl halides:

1° Carbon 2° Carbon 3° Carbon
H H ‘/ H H)H Cly
H—(IZ‘ (lj Cl H— (lj (lj (lj H H3C—(|3—Cl
hof oo it
A 1° alkyl chloride A 2° alkyl chloride A 3% alkyl chloride

2. Primary (1°), secondary (2°), or tertiary (3°) carbon atoms:

2.7 ALCOHOLS

1. Hydroxyl group

This is the functional group of an alcohol



2. Alcohols can be viewed 1n two ways structurally: (1) as hydroxyl derivatives of

alkanes and (2) as alkyl derivatives of water.

Ethyl group
f_"—"\

H;_CH3C H\
CH;CH 109° C 105"(: O
3 3 / /
" Hydroxyl group H
Ethane Ethyl alcohol Water
(ethanol)

3. Primary (1°), secondary (2°), or tertiary (3°) alcohols:

1° Carbon N H“‘OH
H H ‘/
H—(lj—(li—g:'—H QCH;;L)H
Mo

Ethyl alcohol Geraniol Benzyl alcohol
(a 1% alcohol) (a 1° alcohol with the odor of roses) (a 1% alcohol)
2° Carbon
o
S
H Cl) H
8| /\
Isopropyl alcohol Menthol

a .l alcoho a alcohol found 1n pepermint ol
(a 2° alcohol) (a 2° alcohol found in pepermint oil)



3° Carbon

i/
(lf—O H

H3C_ .
CH;, 0]
tert-Butyl alcohol Norethindrone
(a 3° alcohol) (an oral contraceptive that contains a 3°

alcohol group, as well as a ketone group
and carbon-carbon double and triple bonds)

2.8 ETHERS

1. Ethers can be thought of as dialkyl derivatives of water.

R R’ H,C
\C.}. \{3. o (3:\0
. or ), 110
/* / /
_ K R H,C
Y

Dimethyl ether
(a typical ether)

| | H zC\—;C H, ,i \

.
—(C—0—C— O O
| | Ethylene oxide Tetrahydrofuran (THF)

: . Y
v N

The functional of an ether Two cyclic ethers

General formula for an ether

2.9 AMINES

1. Amines can be thought of as alkyl derivatives of ammonia.

H—I.ﬁ—H R—?F—H CeHsCH;CHCHS H,NCH,CH,CH,CH,NH,
sNH,
Ammonia  An amine Amphetamine Putrescine

(a dangerous stimulant)  (found in decaying meat)



2. Primary (1°), secondary (2°), or tertiary (3°) amines:

[ 1] [ 1] Lo
R—?I\'—H R—?iC—H R—TlsJ—R"
H R' R'

A primary (1°) amine A secondary (2°) amine A tertiary (3°) amine

H
|
H—(lj—c—(lj—H .
H H P[I
=NH2 H
Isopropylamine Piperidine
(a 1° amine) (a cyclic 2° amine)

2.10 ALDEHYDES AND KETONES

2.10A CARBONYL GROUP

C=O.: The carbonyl group

l.o..
Aldehyde (Ijl R may also be H
— e
R H
'.O.l .-('J.. lb..
Ketone (|j| or g or (ljl
R~ TR R~ TR R TR?

1. Examples of aldehydes and ketones:

..O.. .O [ ..(_J.. .O [ ]
S i
Aldehydes: - -
y H CH  HCT CH CHS H GHe SNy

Formaldehyde Acetaldehyde Benzaldehyde frans-Cinnamaldehyde
(present in cinnamon)



.O [ ] io L]
| I
Ketones: A A
. H,C CH; H;CH,C CH;
Acetone Ethyl methyl ketone R

(from spearmint)

2. Aldehydes and ketones have a trigonal plannar arrangement of groups around the

carbonyl carbon atom. The carbon atom 1s spr-J hybridized.

q ~121°

o

118°(_ C==0:
A

H 121°

2.11 CARBOXYLIC ACIDS, AMIDES, AND ESTERS

2.11A CARBOXYLIC ACIDS

0% op
/Y /

R—C or RCO,H or RCOOH —(j)Hr or —CO,H or —COOH
\\ \\..
O—H O—H

A carboxylic acid The carboxyl group

Formic acid H—C or HCO,H or HCOOH
\o
O—H
;5:
Iy
Acetic acid H,C—C or CH;CO,H or CH;COOH
e
ot

(e
4
Benzoic acid ©—C\ or CH;CO,H or C,H;COOH



2.11B AMIDES

I. Amides have the formulas RCONH,, RCONHR’, or RCONR’R™:

Ot Ot op
y i /4
H;C—C\ H3C—C\ H3C—C\
NH, NHCH; I.TJ.HCH ]
CH,
Acetamide N-Methylacetamide N,N-Dimethylacetamide

2.11C ESTERS

1. Esters have the general formula RCO,R’ (or RCOOR"):

R’ or RCO,R' or RCOOR'
General formula for an ester
P
H3C—C_\ or CH3CO,CH,CH; or CH3;COOCH,CHj,
$-r
An specific ester called ethyl acetate
H3C—C\. + HOCH,CHy; —— H3C—C\. + H,0
O—H O™—CH,CH;
Acetic acid Ethyl alcohol Ethyl acetate

2.12 NITRILES

1. The carbon and the nitrogen of a nitrile are sp hybridized.
1) In IUPAC systematic nonmenclature, acyclic nitriles are named by adding the

suffix mitrile to the name of the corresponding hydrocarbon.



2 1 - 3 2 1

H;C—C=N H;CH,CH,C—C=N
Ethanenitrile Butanenitrile
(acetonitrile) (butyronitrile)
3 2 5 4 3 2
H,C=CH-C=N H,C:HCH,CH,C—C=N
Propenenitrile 4-Pentenenitrile
(acrylonitrile)

2) Cyclic nitriles are named by adding the suffix carbonitrile to the name of the

ring system to which the —CN group 1s attached.

Benzenecarbonitrile (benzonitrile)  Cyclohexanecarbonitrile

2.14 PHYSICAL PROPERTIES AND MOLECULAR STRUCTURE

1. Physical properties are important in the identification of known compounds.
2. Successful isolation of a new compound obtained in a synthesis depends on
making reasonably accurate estimates of the physical properties of its melting

point, boiling point, and solubilities.



Table 2.4 Physical Properties of Representative Compounds

Compound Structure mp (°C) bp (°C) (1 atm)
Methane CH, -182.6 -162
Ethane CH,CHj, -183 -88.2
Ethene CH»=CH, -169 -102
Ethyne HC=CH -82 -84 subl®
Chloromethane CH-(Cl -97 -23.7
Chloroethane CH,CH,ClI -138.7 13.1
Ethyl alcohol CH;CH-OH -115 78.5
Acetaldehyde CH3;CHO -121 20
Acetic acid CH,CO-,H 16.6 118
Sodium acetate CH;CO-Na 324 dec?
Ethylamine CH3;CH>NH, -80 17
Diethyl ether (CH:CH,»),0 -116 34.6
Ethyl acetate CH,CO-,CH,CH, -84 77

# In this table dec = decomposes and subl = sublimes.

An instrument used to measure melting point. A microscale distillation apparatus.



2.14A TON-ION FORCES

1. The strong electrostatic lattice forces in ionic compounds give them high melting
points.
2. The boiling points of ionic compounds are higher still, so high that most ionic

organic compounds decompose before they boil.

AP W5SIY

Na* CH3C0,

Figure 2.6 The melting of sodium acetate.

2.14B DIPOLE-DIPOLE FORCES

1. Dipole-dipole attractions between the molecules of a polar compound:



