Name: __________________

Covalent Bonds
Unit 4b

( s e v e n c la s s p e r i od s )

Unit 4b.1: Covalent bonds
1) A different type of intramolecular force (bond)
a) Ionic compounds – form between ions
i) Electrons are transferred between atoms, cations donate electrons to anions
ii) The strongest of intramolecular forces
b) Covalent compounds – form between atoms
i) Atoms share electrons in their valence shells
ii) Weaker intramolecular attraction because the electrons of one atom still repel
the electrons of the bonded atom, and the nuclei repel one another as well.
Only the attraction of the bonded electrons, for the nucleus of the bound atom
hold the bond together.

c) The type of bond is determined by electronegativity
i) Electronegativity is based largely on size. Smaller atoms attract
neighboring electrons with much greater force (𝑓𝑎 ∝

3.0 - 0.9 = 2.1 ∴

𝑞1 𝑞2
𝑟2

and

since r2 is small the attraction is greater)
ii) Thus electronegativity is greatest on the upper right side of the
periodic table, and decreases as you move left and down. F has
the largest electronegativity while Cs and Fr have the least.
3.0
iii)
Ionic bonds -- Form when the difference in electronegativity is greater than 1.7, because
0.9
the greater electronegative atom attracts the electrons so much that they leave the less
electronegative atom forming ions

iv) Covalent bonds – form in two different types.
(1) Non-polar covalent bonds occur when the difference in electronegativity is less
than 0.4, this causes the bound electrons to be shared equally between both
atoms.

(2) Polar covalent bonds occur when the difference in electronegativity is between 0.4
and 1.7. The bound electrons favor one atom over another cause them to develop a
partial positive (+) and partial negative charge (-).
(a) The greater the difference in electronegativity the more polar the bond
2) Electron dot diagrams
a) A pictorial representation of the valence electrons of an atom.
b) The number of valence electrons can be GENERALLY found by looking at the last number of the column the
element is in. This does NOT apply to transition metals, which usually only have 2 valence electrons.
c) Valence electrons are placed around the elemental symbol (top, bottom, left, right) spreading them out, till no
more space is available then doubling the up.
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Unit 4b.2: Covalent Nomenclature
1) In ionic bonds every cation would attract anions to surround, and they in turn would attract more
cations in an infinite lattice of positive/negative attractions. Thus we report their formulas by charge,
ignoring how many of each element is present (ex: NaCl, CoO2, Ag2SO4).
2) Covalent compound for distinct molecules, individual groups of atoms with definitive properties. Thus there is an
actual number of each element present (ex: H2, C12H22O11, H2O)
a) Named based on the number of each element present. We denote the number
of atoms of an element with Latin prefixes.
i) However the use of the “mono-“ prefix is not used on the first element as it
would be redundant.
ii) The last element receives the suffix “-ide,” because it usually is the more
electronegative element (thus slightly negative)

b) Some compounds are so well known that their names come from antiquiety, these are covalent compounds that
have been around forever. There are MANY, however here are the few you will see in this course:
Common
Name

IUPAC
Nomenclature

Formula

Water

Dihydrogen monoxide
Hydrogen oxide
Hydrohydroxic acid

H2O
HOH

Ammonia

Nitrogen trihydride

NH3

Methane

Carbon tetrahydride

CH4

Diamonds
Graphite

Carbon

C(diamond)
C(graphite)

Exercise 1: Write the formula of each compound

Exercise 2: Write IUPAC name of each compound

Nitrogen tribromide

PH3

Diarsenic pentsulfide

Si2Cl6

Pentacarbon decafluoride

CO

3) Types of covalent bonds
a) Network covalent bonds
i) Exist as a repeating pattern (like an ionic compound)
ii) Thus we only use their empirical formulas to name them, the simplest ratio of one element to another.
iii) Examples: sand (SiO2), diamonds, and graphite
b) Molecular covalent molecules
i) Exist as individual molecules which interact with each other, but are chemically single entities
ii) Since they are individuals their formulas are the actual number of each element present
iii) Examples: water, ammonia, sugar, etc.
4) Lewis structures
a) Goes by MANY names: Lewis dot diagrams, Electron dot diagrams, & Lewis dot formulas to name a few
b) Pictorial representations of MOLECULAR covalent bonds
c) Represents the VALENCE electrons utilized in bonding. These electrons are either used in bonds or form pairs
around a single atom.
i) Lone pairs – electrons NOT used in bonding, these are held by a SINGLE atom.

ii) Bonded pairs – electrons used in a
bond, these orbit between TWO
atoms in a molecule. This forms a
region of electron density, which
attracts the nucleus of each atom in
the bond thus holding the atoms
together
d) Steps to draw a Lewis structure
i) Add up ALL valence electrons
ii) Divide by 2 to determine how many pairs are present
iii) Determine the central atom. The least electronegative atom
becomes the central atom. Elements that can only form 1 bond
(halogens, and H) are GENERALLY not the central atom. However
ONLY hydrogen can NEVER be the central atom. A general rule of
thumb is that the first element in the formula is the central atom
as formulas are always listed in order of decreasing electronegativity,
with the exception of acids, which list H first.
iv) Connect every other atom to the central atom, that will use a pair each
v) Add remaining electrons to the terminal atoms (outside) to give them
their octet, thus making them stable. There are some exceptions to what
number of electrons make an atom stable, for example H can only support
2 electrons so it can have NO lone pairs. See the section below on
exceptions to the octet rule for more information.
vi) Add any additional electrons to the central atom as lone pairs, thus
making them stable. There are some exceptions to what number of
electrons make an atom stable. See the section below on exceptions
to the octet rule for more information.
vii) Some elements can share more than 2 electrons, thus forming double (sharing 4 electrons) or triple (sharing
6 electrons) bonds. There elements are C, N, O, P, and S. Silicon is sometimes included in this, however as it
is a metalloid we tend to avoid using it in this unit. (see example 4)
viii) Exceptions to the octet rule
(1) Elements that are stable with LESS than an octet (see example 5)
(a) Elements with a nuclear charge less than carbon (Z < 6) can not support the attraction of 8 electrons,
therefore they are stable with less than 8. For example: hydrogen can only have 2 electrons (1
bond), and boron can only have 6 electrons (3 bonds).
(2) Elements that are stable with MORE than an octet (see example 5)
(a) Elements with a large nuclear charge, specifically those greater than Mg (Z > 12) can support the
attraction of more than 8 electrons. This is because after Mg the 3d orbital becomes available for
elements to “tuck” electrons into. This is known as an expanded octet.

Example 3: Draw the Lewis structure for each molecule.
NCl3

SO42-

Example 4: Draw the Lewis structure for each molecule.
CO2

CN1-

Example 5: Draw the Lewis structure for each molecule.
BI3

SeCl6

5) Types of bonds
a) Sigma () bonds – bonded electrons that orbit between the nuclei of each atom in the plane of the nuclei.
General rule of thumb they are the bonds that connect atoms (the first line you draw)
b) Pi () bonds – bonded electrons that orbit around the nuclei of each atom above, below, to the left, and right of
the nuclei. General rule of thumb they are any lines you draw after the first connecting two atoms (double and
triple bonds)
c) the strength of a bond is determined by its bond order (the number of links
holding two atoms together). The higher the bond order, the larger the region
Furthest
of electron density the greater the attraction of each nucleus for the bond. This
pulls the nuclei, and thus the atoms, closer together. Therefore, the strength of
the bond is proportional to the number of bonded electrons
closest
d) Resonance
i) When there is more than one way to draw a Lewis structure this causes a resonance structure. Since
electrons are free to orbit around the nucleus of either atom, they may fluctuate between various bonds.
This means that at any given moment a bond may move between two or more locations. This is known as
resonance, and causes a fractal bond order. These would be closer than a 1 but further than a 2. For
example, Nitrite (NO2-)
The double bond could be
attached to the oxygen on the
left or right. Therefore the
bond exist in both locations
and fluctuated between the
two.

Unit 4b.3: Valence Shell Electron Pair Repulsion (VSEPR) Model
1) Hybridization
a) The number of regions of electron density determines which orbitals need to merge (hybridize) to
accommodate the increase in the number of electrons.
b) You can merge the s orbital, all three p orbitals (px py and pz), as well as the d orbitals (we won’t use more than 2
d orbitals however). Thus allowing us to utilize s, p, p, p, d, and d.
c) For each region of electron density you will need to merge an orbital.

Hybridization

Geometries
Angles
Polarities

Regions
of
electron
density

CO2
Remember that in
molecules where the
outside atoms are
different, shapes that
tend to be nonpolar
usually become polar

2
BF3

SO2

CH4

NH3

3

Remember to count the
number of regions of
electron density. Lone
pairs, double and triple
bonds are all only one
region
H2O

4
PCl5

SF4

ClF3

XeF2

5
SF6

BrF5

XeF4

6

2) Polarity
a) When electron are NOT shared equally between the bonded atoms
b) Based on electronegativity. F is the most electronegative, and it decreases as you move away from F on the
periodic table.

i)

Elements with high electronegativities will attract electrons more thus making
them slightly negative (-). They pull electrons towards them leaving less
electronegative atoms with fewer electrons around them, making them slightly
positive (+)
c) Create a dipole moment or polar bond, in which one atom is partially positive and one
is partially negative
d) If polar bonds are not cancelled out by the molecules geometry the molecule will
develop a dipole moment, and the molecule is polar. See your VSEPR model table on the pervious page.
3) Intermolecular forces (IMF)
a) The attraction between molecules that are responsible for a substances state of matter
b) The stronger the IMF the higher the melting point of a solid, the higher the boiling point of the liquid, the
stronger the surface tension, the stronger the cohesive and adhesive forces.
c) London Dispersion Forces (LDs)
i) The weakest attraction
ii) Based on electron movement. At any given movement the electrons could
pile up on one side of the atom producing a momentary dipole
iii) The more electrons an atom/compound has the stronger these forces
become.
(1) This is why chlorine, iodine, and bromine while all in the same family exhibit different states of matter.
All are diatomic (Cl2, I2, and Br2), however chlorine is a gas, bromine is a liquid, and iodine is a solid
because chlorine with only 34e- has weaker LDs than bromine, which has 70 e-. and iodine with 106ehas the strongest LDs due to the sheer number of electrons that can pile up one side of the atom or the
other.
iv) Induced dipole forces -- If one atom either develops,
or already possess a dipole, it can force the atoms
around it to also develop a dipole by repelling the
electrons around its negative pole (-) and attraction
them towards it’s positive pole (+)

d) Dipole-Dipole interactions
i) Atoms with a dipole moment will interact with each other by the
attraction of their negative pole (-) and positive pole (+)
ii) This explains why molecules with very few electrons, such as
NH3, have more condensed states of matter (liquid at room
temperature for NH3)
e) Hydrogen bonds
i) NOT ACTUAL BONDS!!!!
ii) The strongest of all IMFs
iii) When hydrogen is bonded to highly electronegative atoms (N, O, and F) it causes H to
develop a very strong partial positive, and N, O, or F to develop a strong partial
negative.
iv) Thus H, has a strong attraction for any neighboring N, O, or F bound to a H.
v) The more lone pairs that N, O, or F have the more sites for this attraction to bond to.
vi) This is why HF with an insanely small number of electrons (10) has a relatively high
boiling point.

