UNIT 3 - CHEMICAL BONDING

When elements form compounds, they either gain, lose or share electrons to get to the nearest stable noble gas electron
configuration. There are exceptions to this rule for some Group 15, 16, and 17 elements.

The first type of chemical bonding is ionic bonding. lonic bonding is the electrostatic attraction between positively and
negatively charged ions ( and ) in an ionic crystal

The second type of chemical bonding is covalent bonding, which occurs when the outer electrons of two atoms are shared.

lonic and covalent bonds are usually very strong and it takes an immense amount of energy to break them. The third type of
bonding occurs between metals and is called metallic bonding.

Although strong covalent bonds keep together the atoms within molecules, the forces between molecules are weak. These forces
are called van der Waals' forces, the general term used to describe all intermolecular forces. There are several types of van der
Waals forces, including

L Dipole (instantaneous dipole-induced dipole (id-id) forces. These are also called London dispersion forces)

L Permanent dipole-permanent dipole (pd-pd)

L Hydrogen bonding, which is a stronger form of permanent dipole-dipole forces

lonic Bonding
How are ions formed?

One way to form an ion is for an element to gain or lose one or more electrons:

L Positive ions are formed when an element loses electrons. Metal atoms usually lose electrons to form cations

L Negative ions are formed when an element gains electrons. Non-metal atoms usually gain electrons to form anions
The charge of the ion depends on how many electrons are lost or gained, for example, iron (Ill) loses three electrons, and so will
be written as Fe®*.

When metals combine with non-metals, the valence electrons of the metals

: 2+ 12-  are transferred to the valence shell of the non-metal. As a result of this, the
// \ /*\\ / ‘/“\ metal and non-metal atoms usually end up with complete outer shells.
( Oj - M {t o3
N J The strong force of attraction between the positive and negative ions in the
2 8, 2 [2, B]?* [2.8]* ionic crystal lattice results in an .Anionic bond is sometimes
MgO referred to as an

Dot and cross diagrams

Dot and cross diagrams help keep the electrons from separate elements distinguishable from each other so it is visible to the
reader which element donated what electron, and which element gained the electron. are usually asked
in exams, and you can either be asked to draw all the shells of each element or just the valence shells since this is the shell that
donates and receives electrons from other elements.
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Properties of lonic Bonds

High melting and boiling points

High enthalpy change of vaporization

Most ionic compounds are soluble in water because they are polar

lonic compounds conduct electricity when in liquid states (otherwise their electrons are locked in a regular lattice
arrangement and cannot move about and carry a charge)

Covalent Bonding

Single covalent bonds

When two nonmetal atoms combine, they share one or more pairs of electrons. A

a hydrogen shared pair of electrons is called a single covalent bond, or a bond pair. A single
ORO) . H—H is represented by a single line, for example, the single covalent bond
two hydrogen hydrogen molecule between two chlorine atoms: Cl—CL.

atoms (1) each hydrogen is now (2)

b meth . . .

methane ; When chlorine atoms, for example, combine, not all the electrons are used in the

s () (/ c \} Wk bonding process. The pairs of valence electrons not used in bonding are called

N — (Al —C—
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four carbon methane méle-r_ule: each

hydrogen atom hydrogen now shares two
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two  oxygen  water molecule: hydrogen and
hydrogen atom  oxygen both fill their outer shells

Multiple covalent bonds

atoms (1) (2,6) by sharing electrons
d ammonis Double covalent bonds
N /_)(' Some atoms can bond together by sharing two pairs of electrons. We call this a
3 ®+t N) — (HE o \H , and this is represented by a double line between the atoms, for example,
H
N~ f between two oxygen atoms: O=0.
three nitrogen  ammonia molecule: hydrogen
hydrogen  atom and nitrogen both fill their
atoms (1) (25)  outer shells by sharing electrons

e hydrogen chloride

N ~
(H+f o }—..”H- o} H—cl

- :T-/ " L'|/d s To form an oxygen molecule, each oxygen atom has to gain two electrons to complete
rogen : ) -

o Catom bydrecian and chiorine both its valence shell, so two pairs of electrons are shared and two covalent bonds are
(1 (287 fill their outer shells by formed

sharing electrons

f ethane
N .rt_.)\/@)} How For carbon dioxide (CO,), each oxygen atom needs two electrons, but the carbon atom
6 (Hy+2 C)—-@gc ):\ c -._Hj H—C—lc—H needs four, so two oxygen atoms each form two bonds with carbon so that the carbon

5 T H i
_ ) @)) gains a full outer shell.

Six two
hydrogen  carbon ethane molecule: . . .

atoms  atoms each carbon atom fills their outer shell by In ethene, two hydrogen atoms share a pair of electrons with each carbon atom, this
%0 2,4) sharing electrons with one other carbon . . .
atom and some hydrogen atoms leaves each carbon atom with two outer shell electrons for bonding with each other. A
double bond is formed between the two carbon atoms.
Nitrogen Iriple covalent bond

Some atoms can also share three electron pairs, which is known as a triple

covalent bond.
N + o e N Ne=N
For nitrogen to become a molecule, it needs to gain three electrons, so 3

twe nitrogen nitrogen malecule pairs of electrons are shared and covalent bonds are formed.
atoms (2,5)

Coordinate bonding (dative covalent bonding)

A , or dative covalent bond, is formed when one atom provides both the electrons needed for the bond. For
dative covalent bonding to occur, two conditions need to be met:

1) One aotom must have a lone pair of electrons

2) A second atom must have an unfilled orbital to accept the lone pair. In other words, an compound
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An example of this is the ammonium ion, NH*. It is formed when ammonia
+ combines with a hydrogen ion. The hydrogen ion is electron deficient and
@ g has space for two more electrons in its valence shell (basically it started as
H ' . .
+ | having no electrons whatsoever; it had an empty valence shell). The
@B * [@] = (P e‘b H—I|~J—1-H nitrogen atom in the ammonia molecule has a lone pair of electrons, which
U ) "

provides the two electrons hydrogen needs to have o full outer shell.

A dative bond is shown in a display formula with an arrow going from the
donating element to the element receiving electrons. Here, from nitrogen to

e AT P hydrogen.
a ‘HL cl [ a )
| /l > X ®
A <Al\j‘ A + l/A'\\\ ’:; Another molecule with dative bonds is aluminum chloride.
XN R /2
[/c:| \\ é C'\'T/C' :
\ A A Properties of Covalent Compounds
_ e | ow melting points
|G\‘,\CI ,LRCI\, 0 o « e Low boiling points
) kiﬁm\“. TR S N N e Low enthalpy change of vaporization
[ ]

.

PN //ﬁ\ o o’ ¢ Some are soluble in water because they are polar (e.g. HCl), and some aren't
TT\ T—'\ <l / because they are non-polar (e.g. iodine (Iy)

N e Covalent compounds cannot conduct electricity

Bond length and bond energy
In general, double bonds are shorter than single bonds, because they have a greater quantity or negative charge between the
two atoms’ nuclei. The greater force of attraction between the electrons and the nuclei pulls the atoms closer together, resulting

in a stronger bond.

We measure the strength of a bond through , which is the energy needed to break one mole of a given covalent
bond (in a gaseous state).

The distance from the nucleus of one atom to another depends on the two atoms forming the bond. The internuclear distance
between two covalently bonded atoms is called the

Bond Bond energy / k] mol—1 Bond length / nm
c—C 350 0.154
C=C 610 0.134
-0 360 0.143
=0 740 0.116

% The greater the size of the atom, the greater the bond length
% The greater the bond length, the smaller the bond energy

Bond strength can influence the reactivity of a compound. If the bond energy is extremely strong, for example in nitrogen (which
has a triple bond: N=N), it will require a large amount of energy to overcome the bond, therefore, the element will be less reactive
than one that has a lower bond energy. The polarity of the bond and whether the bond is a ¢ bond or a @ bond both play a
large part in determining chemical reactivity.
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Shapes of Molecules

Valence Shell Electron Pair Repulsion Theory (VSEPR)

VSEPR:

The valence shell electrons are the electrons in the main outer shell
Pairs of electrons repel each other because they have the some charge
A lone pair of electrons repel each other more than o bonded pair of electrons

Repulsion between multiple and simple bonds is treated the same as repulsion between single bonds.
Repulsions between pairs of double bonds are greater

The shape of a molecule can be deduced by this theory, with the most stable shape that minimizes the
forces of repulsion

The shape and bond angles of covalently bonded molecules depend on two things:
1) The number of pairs of electrons around each atom
2) Whether these pairs are lone pairs or bonding pairs

Lone pairs of electrons have a more concentrated electron charge cloud

[ greatest repulsion between lone pairs than bond pairs. The charges of lone pairs are wider and slightly closer to
L o

'K&
H

the nucleus, resulting in a different amount of repulsion between different
types of electron pairs.
intermediate repulsion

= H—O—H angle is 104.5° This diagram shows the repulsion between lone and bonding pairs of

electrons in a water molecule. The repulsion of the lone pairs is greater than

|—|east repulsion between bonding pairs the repulsion of the bond pairs, which is why the bonds between the H

atoms seem to be being pushed downwards due to the repulsion force.

Working out the shapes of molecules
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Linear: for this structure, electron pairs have minimum repulsion and are located as far apart as possible,
resulting in a linear structure with a bond angle of 180°.

L 2 Bond Pairs

L No lone pairs

L 180° bond angle

Trigonal Planar: the central atom is surrounded by three pairs of electrons. Placing the electron pairs in this
arrangement (forming a triangle) minimizes the electron pair repulsion.

L 3 Bond Pairs

L No lone pairs

L 120° bond angle

Tetrahedral: the four bonding pairs of electrons in this structure repel each other equally, and two of these
bonds are in different planes, with the dotted line showing the bond projecting INTO the paper, and the solid
triangle showing the bond projecting OUT of the paper.

L 4 Bond Pairs

L No lone pairs

L 109.5° bond angle

Trigonal Bipyrimidal:
L 5 Bond Pairs
L No lone pairs
L 90° bond angle (with 120° between the two projecting bonds)

Octahedral
L 6 bond pairs
L No lone pairs
L 90° bond angle (the same bond angle for all bonds, all planes)
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The shapes of molecules, however, are not constricted to just regular shapes. If the compound has an element that contains
lone pairs, the bond angle will change. One lone pair of electrons decreases the bond angle by 2.5°.

Ammonia for example, without a lone pair, would have a tetrahedral structure. But since it has
one lone pair of electrons, the bond angle will decrease by 2.5:109.5 - 2.5 = 107°. So the bond angle
oL ropulsions for ammonia would be 107°. Similarly, for water, H,O would, without any lone pairs, be a
H/'C\;/““' tetrahedral structure. Water has two lone pairs, so the bond angle would decrease by 5°
(because 2.5 x 2 =5). S0:109.5° - 5 = 104.5°.

a Methane

=

H

_Aone pair o bonds and 1t bonds
qe eb H }grea:e_r
") A Single covalent bonds are formed when two nonmetal atoms combine (when their orbitals

- overlap). This combined orbital is called a molecular orbital.

ﬁeaeﬂ groatest— o\ﬁ'r"e‘:;msii‘:m The amount of overlaps of the atomic orbitals determines the strength of the bond: the greater

repulsion o
H the overlap, the stronger the bond. The diagrom adjacent shows two hydrogen atoms combining

to form a molecular orbital.

% The merging of atomic orbitals is called hybridization. Mixing an s orbital with three, two, or one p orbitals forms sp?,
sp?, and sp atomic orbitals

% Sigma (o bonds) are formed from the linear overlap of atomic orbitals (head-on
overlap), whilst pi (Tt bonds) are formed from the sideways overlop of atomic

. + . —_— . .
orbitals.
s atomic molecular orbital in a ) ) )
orbitals hydrogen molecule P orbitals can also overlop linearly to form covalent bonds. When p orbitals are
involved in forming single bonds, they become modified to inclined some s orbital

character. The orbital is slightly altered to make the lobes of the p orbitals bigger.

. molecular
- are the nuclei of the atoms

°"}?'"a' sp® hybridization
: ¥ : w * When one ‘s’ orbital mixes with three ‘p’ orbitals to form four new orbitals named
modified p s atomic o bond sp®.
atomic orbital, between
;’r’ob;:ac‘;t'g;q E'%rf:’; CandH This kind of orbital is 25% s orbital and 75% p orbital. This kind of hybridization is
Yoo ""Ct:'“r"'ar why molecules form tetrahedral structures.
orbita
s
- + - — 0 . sp? hybridization
modified p modified G bond * When one ‘s’ orbital merges with two ‘p’ orbitals to form three new orbitals
orbital, e.g. p orbital, e.g. between
from carbon from carbon CandC L R . R . .
sp? hybridization is always in one plane and forms the trigonal planar structure in
. - - compounds.
. n(:)o n bond
- . This is an acceptable sp hybridization
p orbital porbital 1 olecular way of writing_the
orbital - molecular orbital % When one ‘s’ orbital merges with one ‘o’ orbital to form two new orbitals

forming the n bond.

This type of hybridization always forms a linear structure in compounds.

H op3 5

| H  sp
O()‘&% e H—(‘:--HIH OC)‘& = & >C=C
] H

H (]
'Fx- Py 2
sp® HYBRIDISED [P P | sp® HYBRIDISED

sp
Coe — O<@® H C=CH
5
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Metallic Bonding

The strength of metallic bonds increases as the number of delocalized electrons per atom increases. This means that the more
electrons a metal can lose, the stronger its metallic bonding will be. For example, Aluminum is in Group 3, so it can lose 3
electrons. Compared to let's say Sodium (which can only lose 1 electron), Aluminum has stronger metallic bonding because it has
more delocalized electrons.

Metallic bonding gives metals their unique properties:
L [t gives metals their high melting and boiling points because of how much energy it takes to overcome the strong
electrostatic forces of attraction between the cations and electrons
L The delocalized electrons are free to move around and carry a charge, which allows metals to conduct electricity.
Again, metals with more delocalized electrons can conduct more electricity.
L Metals are also excellent conductors of heat because of how the vibrations pass through the atoms that are packed
closely together. This is also why most metals are sonorous (make a ringing sound when struck)

Intermolecular Forces

The four most electronegative elements are Fluorine, Oxygen, Nitrogen, and Chlorine (in that order. You can use the acronym
FONCIL to remember this).

S+ S-
lowex ><>>< h.«.ﬁﬁv x . & o
aectov ( H —BCIE | ctedrow Pl - &l
devsity . mx deusity . o =

i o . wwetvica) dighibuhau
enmwetncal Mshikvhion 2
Elae R Cleckrams A elechvpus.

What makes a bond polar?

L Asymmetrical distribution of electrons
If one of the elements in a molecule is more electronegative than the other, it will pull the electrons toward its nucleus, resulting
in uneven electron distribution.

Non-polar Bond Polar Bond
Similar atoms with the same electronegativity (e.g. Different atoms with different electronegativities (e.g.
diatomic molecules like Cly) HCL, HBr - the electronegativity difference is great)
Equal pull on the bond pair Unequal pull on the bond pair
Equal distribution of electrons Unequal distribution of electrons

Electroneqativity — Periodicity

Electronegativity increases across a Period
Electronegativity decreases down a group

E Auencing E o

e Nuclear charge: atoms in the same period with a greater nuclear charge are more likely to attract the bonding pair of
electrons.

e Atomic radius: atoms in the same group where the valence electrons are further from the nucleus are less likely to
attract the bonding pair of electrons because the pull of the nucleus on the is weaker.

e Shielding: the greater the number of inner electron shells and sub-shells, the lower the effective nuclear charge on the
bonding electrons due to shielding.

The Pauling Scale

This is the most commonly used scale to measure electronegativity. It has no units. The difference in the electronegativity values
based on the Pauling scale can be used to determine where a substance is ionic or covalent.
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L Metals have relatively low Pauling values while non-metals have higher values. Therefore, if a substance is ionic (metal +
non-metal), the electronegativity difference will be greater than 1.8.

L If the substance is covalent, the electronegativity difference will be less than 1.8 (because non-metals have similar
Pauling values)

L Some compounds are not entirely covalent and have some ionic character in them. These have intermediate
electroneqativity differences, e.g. 1.0

i D; E i

Instantaneous dipole-induced dipole forces are sometimes called temporary dipole-induced dipole forces or London
Dispersion forces.

< euce, The electron charge clouds in a non-polar molecule or atom are constantly moving.
? Oftentimes more of the charge cloud is on one side of the molecule than the other
S+ o _{ 5, S+ meaning that one end of the molecule has, for a short time, more negative charge than
(‘b—‘{ the other. A temporary dipole is established. This dipole can induce a dipole on
neighboring molecules. As a result of this, there are forces of attraction between the o+
webiced wluced dlfﬁ’f/ end of the dipole in one molecule and the &- end of the dipole in a neighboring
dpele = molecule. These dipoles are always temporary because the electron clouds are always
moving.

(id-id) forces can increase by:
L Increasing the number of electrons and protons in the molecule

L Increasing the number of contact points between the molecules (contact points - places where molecules come close
together)

Molecules with pd-pd forces are considered polar.
The attractive force between the &+ charge on one molecule and the &- charge on a neighboring molecule causes a weak
attractive force between the molecules.
(pd-pd) forces are stronger than (id-id) forces and so require more energy to overcome.
e Polar molecules are often hydrophilic, meaning they are soluble in water. This is because water is also polar. Non-polar

molecules are hydrophobic, meaning they do not mix with water. They repel water molecules and clump together. Oil is
a non-polar substance, which is why it doesn't mix with water.

Hydrogen Bonding
Hydrogen bonding is the strongest form of intermolecular bonding. It is a type of permanent dipole-permanent dipole bonding.
For hydrogen bonding to occur between two molecules:

e One molecule must have a hydrogen atom covalently bonded to F, O, or N (the

- H H
three most electronegative atoms) \\ /
e A second molecule must have an F, O, or N atom with an available lone pair of ®)
electrons. " . CJO\_) . .
‘ H O W ‘H % H
For hydrogen bonding to happen, the molecules must have: \ / \ /
O O
e An H atom covalently bonded to a highly electronegative atom, e.g. N, O, or F (J:—) (JDEJ

e Another highly electronegative atom with a lone pair of electrons.

When a hydrogen atom is covalently bonded to a very electronegative atom, the bond is highly polarised. The &+ charge on the
hydrogen atom is high enough for a bond to be formed with a lone pair of electrons on the F, O, or N atom of a neighboring
molecule.

: Bol .

(id-id) - weakest IMF — lowest boiling points
(pd-pd) - strong IMF — moderate boiling point
Hydrogen bonding - strongest IMF — very high boiling point
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