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Unit 1 — General Chemistry Review

l. Atoms

A. The Structure of the Atom

Atomic structure is currently based on quantum mechanics, a statistical theory which predicts the
probability of finding an electron around the nucleus.

An electron can occupy s, p, d or f orbitals. The s and p orbitals that compose the valence shell
are important in organic chemistry.

The s orbital is sphere-shaped and surrounds the nucleus. It is the lowest energy orbital.
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The p orbital is propeller-shaped. There are 3 degenerate (of the same energy) p orbitals, aligned
orthogonal to each other.
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B. Electron Configurations

In ground state electron configurations, electrons occupy the lowest energy orbitals possible. In
the case of degenerate orbitals, electrons occupy the orbitals singly with the same spin, unless
pairing is essential (Hund’s Rule).

B 1s%2s%2p' (1 )
°c  1s%2s%2p® (1 1 )
‘N 1s’2s%2p® (11 1)
‘0 1sf2s%2p" (11 1)
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C. Lewis Dot Structures

These are used to conveniently illustrate the valence electrons for the representative elements.
The number of valence electrons is easily determined from the group number.

Li -Be* +B- -C- .N. .G. Fe INe:
or ‘Be  :B :C- Ne
I1. Bonding

Bonding between elements occurs because the compound that results is more stable than the
individual atoms. Bonding is governed by the tendency of the representative elements to achieve
an octet of electrons.

A. Electroneqativity

Electronegativity is the relative tendency of a covalently bonded atom to pull e~ density from the
bond toward itself. It is expressed on the Pauling scale (Table 1 — handout packet).

General trend:
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Fluorine has the highest electronegativity, which means that when it is bonded to any other atom,
it has the greater ability to pull the electron density of that bond toward itself.
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B. lonic Bonds

lonic bonding occurs between elements of largely different electronegativities. Typically, it is
between metals and non-metals. Lewis symbols are used to illustrate how the less electronegative
element (the metal) gives electrons to the more electronegative element (the non-metal), so that
each element can achieve an octet.

™ )

.. 0
Nae + Cl: —» Na + :Cl: — NaCl

lonic bonding is then the result of electrostatic attraction between the ions produced in the first
step. This is most common in inorganic compounds.

C. Covalent Bonds
Covalent bonding results from atoms sharing electrons. It occurs between atoms of similar

electronegativity, typically involving non-metals only.

When using Lewis symbols to illustrate covalent bonds, a single bond can be represented by two
dots or a dash.

H—F or H,F

Covalent bonds can result from sharing of two, four, or six electrons.

electrons shared representations bond name
2 H—H single bond
4 R double bond
L] O O L]
6 "N=N° triple bond

D. Bond Polarity

Non-polar bonds result from bonding of two atoms of the same element.

E—>

Since they both have the same electronegativity, the bond is perfectly symmetrical. The electron
density of the bond is equally shared between the two atoms.

Polar bonds result from bonding of two atoms of different elements.

€H)

Since F is more electronegative, the electrons of the bond are pulled closer to it.

D. Sackett



There are two ways to illustrate bond polarity:
_|_> 8+ 6_
H—F and H—F
Either method is acceptable, though &+/6- is much more useful in organic chemistry.

Carbon and hydrogen have similar electronegativities, so that the C — H bond is generally
considered non-polar.

C—H 5 &t
EN=25 21 C—H

Carbon, when bonded to other non-metals, is usually less electronegative, so typically the partial
positive ison C.

5 & ot &

C—o0 C—Cl
EN=25 35 EN=25 3.0

I11. Covalent Bonding

A. Drawing Lewis Dot Structures

The octet rule: The ultimate goal is for all atoms to end up with 8 e~s. This is a must. The only
exceptions are:

(@) H can have only 2 e~ (1 bond)

(b) Be prefer to have only 4 e~ (2 bonds)

(c) B and Al prefer to have only 6 e~ (3 bonds)

(1) Draw out a preliminary skeletal structure, attaching all atoms with single
bonds.
(a) least EN atom is central (except H)
(b) oxygens rarely bond to each other
(c) in oxyacids, H is attached to oxygen, not the central atom
(d) go for symmetry (though not as important for organic compounds)
(e) the following is a list of preferred # bonds (octet rule takes precedence)
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—H 1 bond (a must) —N—  3bonds
|
| — 0 —  2bonds
—C — 4 bonds o
|
X : 1 bond

(X = halogens)

(2) Calculate total number of valence electrons (group #) present in the molecule. Add 1 e~ per
negative charge. Subtract 1 e~ per positive charge.

(3) Subtract # e”s used in the skeletal structure from the total valence electrons.

(4) Place the remaining electrons around atoms needing an octet. Begin with atoms attached to
the central atom. Put lone pairs on the central atom last.

(5) If an atom does not have an octet, move a lone pair from an adjacent atom in between the two
to make a double bond. Repeat until all octets are obtained.

example: Draw the Lewis dot structure for the hydrogen carbonate ion (HCO3).

rule 1: Here is the preliminary skeletal structure that fits best with this rule.

C is least electronegative of the two choices (H excluded).

oxygens are not bonded to each other

this is an oxyacid, so H is attached to O

this is fairly symmetrical

preferred bonds is not terribly important with the inorganic compounds, also, this item is
best considered after the Lewis dot is complete

rule 2: rule 3:
H 1x1) =1 total electrons.......................24
C 4x1) = 4 - electrons used in skeletal........ -8 (4 bonds)
@) (6x3) =18 remaining electrons 16
(b 1

total electrons = 24
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rule 4:

rule 5: Notice that in the structure above, C still doesn’t have 8 electrons. So, we take a lone pair
of an adjacent atom, and move that pair in between to form a double bond. There are three
adjacent atoms, so just pick any one.

:(|);>
/C\-O-,

H
o

The fact that different Lewis dot structures (all correct) can be obtained by moving lone pairs
from different atoms to make the double bond will be discussed in the resonance section, below.

B. Isomers
Isomers are different compounds with the same molecular formula. There are many types of

isomers. Isomers that have the atoms attached in different orders are called constitutional or
structural isomers.

e.g.,CzHBO
. .
H—C—C—O0—H H_C|3 O_T_H
H I|—| H H
ethanol dimethyl ether

C. Formal Charge

Formal charge compares the number of valence electrons for an atom to the number of electrons
nearest that atom in a Lewis dot structure. Formal charge is very useful in organic chemistry; it is
used to judge the quality of resonance structures and it helps with understanding how organic
reactions occur.
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Formal charge (fc) = # valence electrons (group #) - # bonds - # unshared electrons
ex. Determine the formal charge for each atom in the ozone (O3) molecule below.
fc(0O=)=6-2-4=0

fc (=0-)=6-3-2=+1
fc (-0)=6-1-6=-1

{6=0—0;

For molecules, formal charges will sum to zero; for ions, formal charges will sum to the charge
of the ion.

ex. Determine formal charge for each atom in the chlorate ion (CIO3") shown below.

fc(Cl) = 7-3-2=+2

I(|31 fc (O#1)=6-1-6=-1
. fc (O#2)=6-1-6=-1
NS fc (O#3)=6-1-6="-1
oy sum = -1

The only atoms that will have a non-zero formal charge are those that have an abnormal number
of bonds, compared to the preferred number of bonds listed in the Lewis dot section, above.

1VV. Molecules

A. Molecular Structure

For now, we will review Valence Shell Electron Pair Repulsion (VSEPR) Theory. This theory

states that all groups around a central atom (other atoms and electron pairs) will want to be as far
apart as possible, due to electron-electron repulsion.

molecular geometry example bond angles
H (0]
linear H—Be—H 180
trigonal planar H 120°
B
H/ \H
angular 118°
P
07 Yo
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tetrahedral H 109.5°
H//C§ﬂH
H
trigonal pyramidal 107°
H//NgﬂH
H
angular @ 104.5°
Za
H

Notice that bond angles decrease as lone pairs are added to the central atom. This is because lone
pairs take up more space than atoms of any kind.

B. Dipole Moment

Dipole moment (u) is expressed in Debye (D), and is a measure of the net molecular polarity. It
is the result of the sum of all individual bond polarities. Non-polar molecules have no dipole
moment. More polar molecules have higher dipole moments.

H
v 1

Con s 2 Com 5 0um T

>g:>\§?hH Cr//‘ESHH v \bHH

(‘ZI

all arrows cancel arrows don't electron pairs contribute
cancel to dipole moment
1) = O D p
n=162D n=185D

C. Intermolecular Forces

Intermolecular forces are the forces that hold molecules together. All intermolecular forces
experienced between neutral molecules are generally referred to as van der Waals forces. These
may be broken down into three categories.
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(1) Dipole-dipole forces occur between polar covalent molecules. The electronegative end of
one molecule is attracted to the electropositive end of another molecule.

(2) Hydrogen bonding is a special, stronger version of the dipole-dipole force. It occurs in
molecules with H—- N, H - O, or H — F bonds. The H in one molecule is attracted to the N, O, or
F in another molecule.

CHj
oo
/
CHg\ /H ----- O \H
0 |
CHj

(3) London or dispersion forces are temporarily induced dipoles caused by instantaneous,
unequal distribution of electrons about the nucleus. London forces occur in all molecules, but are
only apparent in non-polar covalent molecules. In these, none of the other forces exist.

(1) atom - electrons unequally
distributed - causes atom
to be polar

06 000]
OO
OEOOQ)]

(2) molecules - polar atom in one molecule
has a slightly polarizing effect on the
nearest atom in another molecule
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