Name: __________________

Molecular and Ionic Compound Structure and Properties
Unit 2

(sev e n cl a s s per i o d s )

Unit 2.1: Types of Chemical Bonds
1) Metals
a) Solids at room temp
i) Except Hg
b) Shiny (luster)
c) Malleable (bendable)
d) Ductile - can be stretched into wires
e) Conduct energy because they are positive
ions (cations) with delocalized electrons that
can move around one another. This means
that they can pass along:
i) Electricity – when an electron is added it
displaces the delocalized electrons and one
moves out.
ii) Heat – the strong attraction of the cations for the “sea of delocalized” electrons holds them fixed in place, in
a crystal lattice, which if energy is added to lattice cause them to vibrate faster. When one vibrates the
other around it do as well.
f) Form alloys
i) A mixture of two or more metals
ii) Have properties of both elements (Zn is added to resist corrosion; Al is added to reduce density / make the
metal lighter; etc.)
iii) Two types of alloys:

2) Noble Gasses
a) Inert (unreactive) elements because their electrons are in a
low energy state
b) Electrons in the LOWEST energy state – “stable octet”
c) Everything in the universe strives for the lowest energy
state, therefore element will gain or lose electrons to reach
this low energy state
i) Atoms that gain electrons become more negative and
are called anions. The get the suffix “-ide”
ii) Atoms that loose electrons become more positive and are
called cations
d) Some elements often gain or lose the same number of electrons and
therefore are have known charges.
3) Ions are truly positive and negative and therefore experience an
electrostatic attraction based on coulombs law (𝑓𝑎 ∝

𝑞1 𝑞2
)
𝑟2

4) Were we to write how many of each element is present in the substance it
would be something along the lines of (𝑁𝑎∞ 𝐶𝑙∞ ) which is not help full so
instead we write the simplest ratio of 1 element of another known as an empirical formula or formula unit
a) The formula unit is the number of each ion needed to balance the charges on the ions. The EASIEST way to do
the crisscross method. Take the numerical value of the charge and make it the subscript of the adjacent
element, then simplify. The metal is always listed first!
Notice that the charges cancel out

2(3+) + 3(2-) = 0
b) If you have polyatomic ions, the polyatomic ion is its
own entity. This group of elements have a collective charge; their subscripts
are INDEPENDENT of the charge. Therefore, should you need more of them you
will need multiples of that group. We demonstrate this with parenthesis.

Example 1
Write the formula for the following pairings:

Na+ S2-

a.)

Cu2+ Cl-

c.)

b.)

Se2- Ni4+

d.) (NO3)- Ag3+

Ionic Bonds
1) In solid form salts do not conduct electricity since the nonmetal doesn’t allow
electrons to move, there are no free and mobile ions to complete a circuit.
2) Held together by the electrostatic forces, the attraction of positive charges for
negative ones.
a) Obeys Coulombs Law (𝑓𝑎 ≅

𝑞1 𝑞2
)
𝑟2

3) Have the highest melting points and boiling points because of the true attraction between ions. The strength of this
attraction is controlled by coulombs law:
a) Larger ions have a weaker attraction for each other because of their size (r2 is larger causing fa to be smaller)
b) The greater the charge of the ions the stronger the attraction (q1q2 is larger causing fa to be larger)
c) The greater the value of fa the higher the boiling point and melting point.
4) The attraction between ions is one of the two types of intermolecular forces we will discuss in this class. These are
attractions between atoms that hold compounds together
5) Lattice energy
a) The amount of energy needed to separate 1 mole of a salt into its cations and anions
b) Again controlled by the strength of its attraction (coulombs law)

Largest because both ions are small thus r2 is smaller causing fa to be larger

𝑓𝑎 ≅

𝑞1 𝑞2
𝑟2

Least because iodide is larger thus r2 is greater causing fa to be to be less

c)

Lattice energy can be circumvented by water. Water is polar and thus can
separate the ions of most salts due to the attraction of the salts for waters polar
ends. Anions (-) are attracted to the hydrogen ends of water, and cations (+) are
attracted to the oxygen ends of water. The water surrounds the ions in a process
known as hydration. To the naked eye this appears as dissolving.

d) One the ions are free and mobile they can be used to complete a circuit, thus salts all from electrolytes when
dissolved.

Nonelectrolytes

Weak electrolytes

Strong electrolytes

(compounds that do not contain ions)

(compounds that do not dissociate in sol’n)

(compounds that dissociate completely in sol’n)

e) Writing dissociation equations
i) Your reactants will always be a solid form of the solute,
symbolize this with a (s) after the reactants
ii) Separate the cation ions from the anions. Remember cations are
typically metals (except for (NH4)+), and anions are non-metals
(1) Polyatomic ions are exclusively nonmetals, therefore they
will remain TOGETHER during any dissociation
iii) Once dissociated salts are in an aqueous solution, which we
symbolize by placing an (aq) after each one. They also will retain
their charges.
iv) Balance the reaction
6)Exercise 2: Write the dissociation equation for each salt
7)
8)NaC2H3O2 (s)
9)

(NH4)3PO3 (s)

Unit 2.2: 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) Lewis 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.
1

2

13

14

15

16

Skips the transition metals

17

18

Only has 2 electrons so 2

1) 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.
2) 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

3) 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.

4) Formula Charge
a) Often, many nonequivalent Lewis structures may be obtained which all follow the rules. Use the idea of formal
charge to determine the most favored structure. Physicists tell us that oxidation states of more than +⁄− two
are pure fantasy and that formal charges are much more realistic.
b) formal charge--The difference between
This is not a real formula so NEVER write it!
the number of valence electrons on the
𝐹𝑜𝑟𝑚𝑎𝑙 𝐶ℎ𝑎𝑟𝑔𝑒 = (𝑉𝑎𝑙𝑒𝑛𝑐𝑒 𝐸𝑙𝑒𝑐𝑡𝑟𝑜𝑛𝑠) − ("𝑜𝑤𝑛𝑒𝑑" 𝑒𝑙𝑒𝑐𝑡𝑟𝑜𝑛𝑠)
free element and the number of
electrons assigned to the atom in the molecule.
c) THE SUM OF THE FORMAL CHARGES MUST EQUAL AN ION’S CHARGE!! Use formal charges along with the
following to determine resonance structure
i) Atoms in molecules (or ions) should have formal charges as small as possible—as close to zero as possible
[principle of electroneutrality]
ii) A molecule (or ion) is most stable when any negative formal charge resides on the most electronegative
atom.
6-7=-1

6-6=0

6-4=+2

6-5=+1

** Caution** Although formal charges are considered closer to the atomic charges than the oxidation states, they are still
only estimates and should not be taken as the actual atomic charges. Second, using formal charges can often lead to
erroneous structures, so tests based on experiments must be used to make the final decisions on the correct description of
bonding.
Example 6: Give possible Lewis structures for XeO3, an explosive compound of xenon. Which Lewis structure or structures
are most appropriate according to the formal charges?

Unit 2.3: 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

2
BF3

SO2

CH4

NH3

3

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

6

BrF5

XeF4

Ionic Compounds and Dissociation
Ionic compounds
For each name write the formula, for each formula unit, write the IUPAC name.
1) silver chloride

10) PbCrO4

2) sodium acetate

11) FeCl3

3) ammonium sulfate

12) Ca(NO3)2

4) calcium carbonate

13) Fe2O3

5) potassium carbonate

14) CuSO4

6) sodium hydroxide

15) HgS

7) silver chlorate

16) ZnCl2

8) iron(II) sulfate

17) CH3COOPb

9) lead(II) phosphate

18) AlPO4

Dissociation
Compound write a dissociation equation. Predict
weather the solution would be a strong or weak
electrolyte based on the solubility chart provided
1. Barium bromide

strong / weak

2. Lead (II) hydroxide

strong / weak

3. Zinc sulfate

strong / weak

4. Calcium nitrate

strong / weak

Covalent Compounds and Formula charges
Covalent compounds
For each name write the formula, for each formula unit, write the IUPAC name.
1) antimony tribromide

6) Si2Br6

2) hexaboron silicide

7) SCl4

3) chlorine dioxide

8) CH4

4) hydrogen iodide

9) B2Si

5) iodine pentafluoride

10) NF3

Lewis Diagram and formal charge
Draw Lewis structures for the following molecules or ions, including any resonance structures. If the molecules exhibits
resonance determine each atom’s formal charge. Circle the most probable structure.
11) CBr4

12) (SO3)2-

13) (NO3)-

14) O3

15) For numbers 11 through 14 determine the number of sigma, and pi bonds. Which has the shortest bonds for it’s
central atom? Which has the longest?

