LECTURE 1

Goals of the Course
1. To be familiar with the periodic table and how it is organized according
to the relationships among the elements.
2. To have a firm grasp of fundamental physical principles regarding
energy (thermodynamics) and reaction rates (kinetics) such that you
can use this knowledge to make predictions.
3. To accumulate a database of descriptive chemistry of the inorganic
elements (facts are important!)
4. Ultimately, to achieve a basic understanding, through the knowledge of
facts, of the periodicity of structure, bonding and reactivity patterns.

An Excellent Example of the Importance of Inorganic
Compounds is Their Use as Drugs
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RELATIVE ELECTRONEGATIVITIES

Another interesting way to look at the organization of the
Periodic Table

Week 1
Review of Basic Concepts
• Periodic Table
• Thermodynamics & Kinetics
• Electronic Structure

WHAT IS INORGANIC CHEMISTRY?
Inorganic Chemistry is the chemistry of the elements other than that of C
combined with H, O, N, S, halogens, and the physical properties that these
elements and their compounds exhibit.
Inorganic Chemistry covers a vast area of aqueous as well as non-aqueous
chemistry. Types of inorganic compounds range from ionic solids to gases and
molecular compounds.
Inorganic Chemistry is the chemistry of life as much as it is the chemistry of
metallurgy.
To Name but a few Important Applications:
Main group elements (s, p block) are important in semiconductor technology
(e.g., Ga, As).
Transition elements (d block) are found in trace quantities as the active center
of enzymes that catalyze all the reactions in our body, and, indeed, are the
catalysts that allow us to produce vast quantities of fine chemicals and polymers
from petroleum (Rh is one of the most common and is in our catalytic converters
in our exhaust systems in our cars).
Rare earth elements (f block – lanthanides and actinides), many of which are
radioactive, are important in magnetic materials.

Classes of Inorganic Substances
In the broadest sense, the materials that we shall discuss can be grouped
into four classifications: elements, ionic compounds, molecular
compounds, and polymers or network solids. The following brief list is
presented to show the complicated variety of substances that are
encountered in a discussion of inorganic chemistry. Greater detail is
presented in the appropriate chapters to follow.

1. The elements. The elements have an impressive variety of
structures and properties. Thus they can be
(a) Either atomic (Ar, Kr) or molecular (H2, O2) gases.
(b) Molecular solids (P4, S8, C60).
(c) Extended molecules or network solids (diamond, graphite).
(d) Solid (W, Co) or liquid (Hg, Ga) metals.

2. Ionic Compounds. These compounds are always solids at the
standard temperature and pressure. They include
(a) Simple ionic compounds, such as NaCl, which are soluble in
water or other polar solvents.
(b) Ionic oxides that are insoluble in water (e.g., ZrO2) and
mixed oxides such as spinet (MgAl2O4), the various silicates
[e.g., CaMg(Sio3)2], etc.,
(c) Other binary halides, carbides, sulfides, and similar materials.
A few examples are AgCl, SiC, GaAs, and BN, some of
which should be better considered to be network solids.
(d) Compounds containing polyatomic (so-called complex) ions,
such as [SiF6]2-, [Co(NH3)6]3+, [Fe(CN)6]4-, and [Ni(H2O)6]2+.

3. Molecular compounds. These compounds may be solids,
liquids, or gases, and include for example:
(a) Simple, binary compounds, such as PF3, SO2, OsO4, and UF6.
(b) Complex metal-containing compounds, such as PtCl2(PMe3)2
and RuH(CO2Me)(PPh3)3.
(c) Organometallic compounds that characteristically have
metal-to-carbon bonds. Some examples are Ni(CO)4, Zr
(CH2C6H5)4, and U(C8H8)2.
4. Network solids or polymers. Examples of these substances
(discussed in Chapter 32), include the numerous and varied
inorganic polymers and superconductors. One example of the
latter has the formula YBa2Cu3O7.

Classes of Inorganic Structures
Organic compounds are mostly of tetrahedral geometry.
Why?
Carbon requires 4 electrons to complete its valence and a
tetrahedron is the best way to arrange four groups around a
central atom (w/o lone pairs) with s and p orbitals.
Inorganic chemistry is much more complicated.
tetrahedron
cube
octahedron
dodecahedron
Icosahedron

}

These form the basis for
many inorganic
structures

There are five Platonic solids:
• The tetrahedron, with 4 triangular faces:
• The cube, with 6 square faces:
• The octahedron, with 8 triangular faces:
• The dodecahedron, with 12 pentagonal faces.]
• The icosahedron, with 20 triangular faces:

Less Regular Polyhedra:

Trigonal bipyramid

Trigonal Prism

Square prism a square prism is a three-dimensional shape with two square
bases and flat sides. Therefore, all square prisms consist of at least two squares, even if
not all the sides are squares, as long as the bases are square, there is a square prism

Planar Structures:

Chains
Square planes
Triangles
Are also known for inorganic molecules and materials.
Quite diverse!

Classes of Inorganic Reactions
Cotton book cites 12 different ones:
1. Acid – Base. According to the definition of Bronsted-Lowry,
the neutralization of a proton donor by a proton acceptor.
According to the definition of Lewis, the formation of an adduct
between an electron-pair donor and an electron-pair acceptor. A
lesser known definition is that of Lux-Flood, namely the
reaction of an oxide ion acceptor with an oxide.
The general formula for acid–base reactions according to the
Brønsted–Lowry definition is:
HA + B → BH+ + A−
where HA represents the acid, B represents the base, BH+
represents the conjugate acid of B, and A− represents the
conjugate base of HA.
For example, a Brønsted-Lowry model for the dissociation of
hydrochloric acid (HCl) in aqueous solution would be
HCl + H2O ⇌ H3O+ + Cl−

For the Lewis definition, a Lewis base that can donate an
electron pair reacts with a Lewis acid that can accept this
electron pair.
Boron trifluoride, BF3 is a typical Lewis acid.
BF3 + F− → BF4- is a typical Lewis acid - base reaction
2. Addition. A reaction in which a group, molecule, or ion
combines with another. Common examples are additions across
a multiple bond and addition to an atom that is able to undergo
coordination sphere expansion (an increase in occupancy). This
reaction is the converse of elimination.
An example of an oxidative addition reaction is the oxidation of
Pt(II) with chlorine:
[PtIICl4]2− + Cl2 → [PtIVCl6]2−
3. Elimination. A reaction in which a group, molecule, or ion is
separated from another. Examples are dehydrohalogenations,
and eliminations from metal centers that are able to undergo
coordination number reduction (a decrease in occupancy). This
is the reverse of an addition reaction. [PtCl6]2− → [PtCl4]2- + Cl2

4. Redox (a reaction in which an atom, ion or molecule gains
(reduction) or loses (oxidation) an electron or electrons.
A good example is the reaction between hydrogen and fluorine
in which hydrogen is being oxidized and fluorine is being
reduced:

H2 + F2 → 2 HF
5. Insertion. The interposition of a new molecule, group, or ion between
atoms in a structure such that the added molecule, group, or ion separates
the two parts of the structure that were formerly bound together.

6. Substitution (Displacement). The exchange of one atom,
molecule or ion for another in a compound.
[PtIICl4]2− + 2NH3 → PtIICl2(NH3)2 + 2 Cl-

THIS IS AN EXCELLENT REVIEW ARTICLE
7. Rearrangement (Isomerization). A conversion of one isomer
into another (cis-trans for example).

8. Metathesis (Exchange). An exchange of comparable groups,
such that two compounds form two new ones:
AX + BY ! AY + BX
9.

Solvolysis. A reaction with solvent; when the solvent is water
it is called hydrolysis.

10.

Chelation. A reaction in which a group (typically called a
ligand) is able to bond to a central metal ion simultaneously
through more than one donor atom.

11.

12.

Cyclization. A reaction that leads to the formation of a ring.

Nuclear reaction. A reaction that changes the atomic
number or mass number of an atom.

Lecture 2
Review of Basic Concepts
Thermochemistry
Enthalpy – H

heat content

H Changes with all physical and chemical changes
∆H° Standard enthalpy (25°C, 1 atm)
(H=O for all elements in their standard forms – by definition)
Exothermic vs Endothermic
∆H < O
∆H > O
Heat is released
Heat is absorbed
Because ∆H = (H products – H reactants)

Many special Enthalpy changes:
-

fusion (melting) (s → l)
vaporization (l → g)
sublimation (s → g)
ionization (loss of an e- or electrons)
electron affinities (capture of an e- or electrons)

∆H: look at signs and rationalize
e.g.,
EXO

Cl(g) + e- → Cl-(g)

∆H°= -349 kJ/mol

EXO

O(g) + e- → O-(g)

∆H°= -142 kJ/mol

ENDO O-(g) + e- → O2-(g)

∆H°= 844 kJ/mol

Bond Energies:
Simple case
HF(g)

H(g) + F(g)

∆H = 566 kJ/mol

ENDOTHERMIC

The enthalpy of this process is the “H-F” Bond energy –
the energy released when the H-F bond is formed.
Not so simple case…
H2-N-N-H2

2N(g) + 4H(g)

∆H = 1724 kJ/mol
↑

NOTE: This is not the bond energy for any of the bonds –
It is a total enthalpy change.

Need to Estimate
If we know that:
NH3(g)

N(g) + 3H(g)

∆H = 1172 kJ/mol
Then

EN-H =

= 391 kJ/mol

If we assume this number is valid to use for
Hydrazine, the formula of which is H2NNH2 or
N2H4
Then
EN-N + 4EN-H = 1724 kJ/mol
EN-N = 1724 – 4(391)
= 160 kJ/mol
… we have to live with these estimates

Thermochemical data can be tabulated by this method:

Use these values to calculate the energy
that it would take to form a molecule.

Entropy and Free Energy
Two factors in chemical reactions:
1. Enthalpy, H, (
)
Energy (heat) dissipated
2. Entropy, S, (
)
State of organization
“order versus disorder”
which is a statistical probability
When ∆H is more negative (exothermic)
and ∆S is more positive (more disordered)
a reaction is more favored.
∆G Free energy which is in
Involves the relationship between ∆H, ∆S
∆G = ∆H - T∆S (T in degrees K)

Example:
CH2Cl2 Heat of formation of Dicholoromethane
C-H

H= 416 kJ/mol

C-Cl

H= 327 kJ/mol

2 x 416 + 2 x 327 = Hformation (CH2Cl2)
= 1308 kJ/mol
Using ∆G° as a Predictive Tool
∆G° = ∑∆Gf° (products)

-

∆Gf° (reactants)

Of course
∆G° = ∆H° - (298.15) ∆S°
↑
(standard temperature) T= 25°C or 298.15 K

The entropy change for a reaction is the
difference between the absolute entropies of
reactants and products.
∆S° = ∑ S° (products) – S° (reactants)
Q When is S = 0?
A At absolute zero for a perfectly crystalline
solid
Now, what is the relationship between ∆G and
the Equilibrium Constant K?
…recall

K=

aA + bB

cC + dD

∆G = -RT ln Keq
at 25°C (298.15 K) we have standard
conditions: ∆G° = -RT ln Keq
rearrange:
ln Keq = - ∆G°/RT
convert
Keq = e(-∆G°/RT)
Gas Constant R = 8.314 J/K•mol
Temperature T = 298.15 K)
Q uestion for ∆G° = 0 what is K?
Answer 1 because e0 is 1
Note: The more negative ∆G° is, the more
the reaction proceeds as written i.e. K is
large. Conversely, the more positive ∆G°
is, the more the reaction will tend to the
left ← rather then to the right→ as written.

Question How does a reaction become
overall thermodynamically favored?
Answer 3 Ways.
First consider ∆G° = ∆H° - T∆S°
1. When ∆H° and ∆S° both favor the reaction
that is, ∆H°< O, ∆S°>O
2. When ∆H° favors the reaction, but ∆S°
does not
that is, ∆H°<O, ∆S°<O
but ∆H° is still more negative than T∆S° is
positive
3. When ∆H° disfavors the reaction, but ∆S°
favors it ∆H°>O, ∆S°>O but T∆S° is larger

Examples of all three types of situations:
1.formation of CO; SO2

common case

½ O2(g) + C(s)
CO(g)
∆G° = -137.2 kJ/mol
∆H° = -110.5 kJ/mol
T∆S° = 26.7 kJ/mol
S(s) + O2(g)
SO2(g)
∆G° = -300.4 kJ/mol
∆H° = -292.9 kJ/mol
T∆S° = 7.5 kJ/mol

In both cases:
Enthalpy favors rxn
Entropy favors rxn

2.synthesis of ammonia (NH3) common case
N2(g) + 3H2(g)
2NH3(g)
∆G° = -16.7 kJ/mol
∆H° = -46.2 kJ/mol
Enthalpy favors rxn
T∆S° = - 29.5 kJ/mol
Entropy disfavors rxn

3. rare type
NaCl(s)

Na+(aq) + Cl- (aq)

∆G° = -2.7
∆H° = +1.9 (endothermic) Enthalpy disfavors rxn
T∆S° = +4.6
Entropy favors rxn
(less ordered in the dissolved form)
Q Does ∆G° value (sign) tell you whether a
reaction will occur or not?
A NO. It tells you what is thermodynamically
possible to attain at 25°C but does not tell you
whether it will happen to an appreciable extent
at 25°C simply upon mixing reactants.
Q What else needs to be considered?

A Kinetics or the rate of the reaction.
Activation energies for reactants to go to
products can be very high, and the reaction will
require a catalyst to occur. e.g. NH3(g)
synthesis

To occur, a reaction needs a negative ∆G° and
for the rate to be appreciable.
The study of Kinetics is the way we know the
mechanism of a reaction ! how it occurs.
Reaction conditions affect rate
• Temperature, concentration, solvent,
pressure, presence of a catalyst

One can write a rate law for any reaction
4HBr(g) + O2(g)

2H2O(g) + 2Br2(g)

rate constant, k
↓
= -k [HBr] [O2]
rate of disappearance of O2 is related to the
product of the concentration of the two
reactants.
Q Did I make a mistake here?
Why isn’t the [HBr] concentration reflecting
the molar ratio of the reaction?
4 HBr(g) + 1 O2(g) ?

A No mistake. The rate law that best describes
the speed of the reaction is the one based on a
rate-limiting step. Obviously, in this reaction
the rate limiting step is the reaction of one mole
of O2 with one mole of HBr.
1+1=2
2nd order reaction (sum of exponents on conc.)
Q What is a first order reaction?
A One in which the rate law depends on the
concentration of only one reactant.
(easy to envision in decomposition reactions)
2N2O5(g)

4 NO2(g) + O2 (g)

Effect of temperature on Rates
Dependence of the rate constant, k, on Temp.,
T, in degrees Kelvin follows the Arrhenius Law
K =A e-Ea/RT
Ea is the activation energy
A is called the “frequency factor”
- The higher the activation energy, the slower
the reaction
- A plot of log K versus T allows for Ea to be
determined

LECTURE 3

Q Reaction Profile What is it?
A It is a graph of free energy, G, versus the
pathway of the reaction.
(The pathway is the change in bond distances
during the conversion from reactants to
products)
ex. Decomposition of formic acid

Q Based on the reaction profile, how can one
increase the rate of a reaction?
A For one thing, we cannot change the value
of the Equilibrium constant, K, unless we
change the reaction conditions (temp., pressure,
solvent etc.,) but we can alter the rate without
changing the reaction conditions by adding a
catalyst.
A Catalyst lowers the ∆G ≠, Activation Energy
Two Ways:
1.catalysts can assist in forming the activated
complex
2.catalysts can provide an entirely different
pathway by temporarily binding to the
reactants.
Continuing with the review…..

Electronic Structure
Chapter 2
Atomic Electronic Structure
The (a) number and (b) distribution of electrons
around an atom.
These two features essentially dictate the
properties of the atom.
First hints about the electronic structure of
atoms came from experimental work carried out
in late 1800’s & early 1900’s.
Absorption and Emission of radiation from
atoms was well-documented but not at all
understood.
• Not until 1913, were any theories advanced
that could even explain the emission
spectrum of Hydrogen.

This was when Rydberg realized that the
emission lines had specific wave numbers,
but he could not reconcile this relationship
with classical physics which said: the ewould spiral into the nucleus and emit a
continuum of energies.
• In 1913, Bohr broke from classical physics
and said there are Discrete, Quantized
Levels where an electron can reside in an
atom. He related the angular momentum
mvr to an integer value (Quantized Value)

mvr =
m is the mass
v is velocity
r is radius
h is Planck’s const.
n is an integer value

Absorption Spectrum of Hydrogen

Bohr orbits and the transitions associated with Emissions
from higher orbits to orbits n = 1, n = 2, n = 3.

Q Is the Bohr atom model capable of being
extended to other atoms besides H?
A NO
Q Why?
A Electrons are not discrete particles with
precisely defined positions and velocities.
Bohr himself used the idea put forth by Max
Planck that electromagnetic energy (photons
or any wave) is quantized:
E = hν
Planck’s constant
Electrons have the same wave-like
properties that photons have.

Dawn of Dual Particle-Wave Theories
Wave Mechanics
Two important players:
De Broglie

h/mv
Particle-Wave
Equation

Schrödinger
=
Wave equation

{
{

All particles with
velocities, v, and
mass, m can be
described by a
wavelength

Proposed a
general
mathematical
expression for
an electron

The Theory of Wave Mechanics is the method
of operator algebra

Ψ=R(r)

Ө (ө) Ф (φ)

{

{

- Hamiltonian operator defines a series of
operations to perform
- Wave function describes the e- in terms of
its wave properties

Radial

angular

Wave functions have two components:
The physical manifestation of Ψ is what we call
an orbital. Orbitals have:
1) shape determined by angular part
2) extension determined by radial part
or size
The most simplistic way that these two are
depicted is in the form of boundary surface
diagrams (our usual meaning of an orbital)

Boundary surface Diagrams
The orbitals are identical in shape
(probabilities) and energies

Boundary Surface Diagrams for dorbitals
Although the dz2 orbital looks
different, it is identical in all aspects to
the other orbitals

The square of Ψ, Ψ2, gives a measure of the edensity in various regions.
Q How does the Bohr model compare to the
wave function model?
A The precise orbit of an e- in a Bohr orbit is
the place where the e- density probability is the
highest:

Bohr model

dot density
diagram

e- density
probability
function

Another way to show how the e- density
(or probability for finding the e-) varies in an
orbital is a contour map:

2p orbital

3p orbital

There are major differences that arise because
of the function 4πr2[R(r)]2 which is the edensity probability function.
-

e density probability functions
2
2
2
2
4πr [R(r)]
(r [R(r)] for short)
1s
2s
no probability of the e- at the nucleus
2p

3p

for a 2p orbital the e- density increases to a
maximum then drops off. 3p is different

Summary of Quantum numbers for an
electron:
n

principal Q.N n can be 0 → ∞
n determines the size of the orbitals

ℓ

orbital Q. N. ℓ = 0,1,2…(n-1)
ℓ determines the shape of orbitals

mℓ

+ℓ…o…-

ms

ℓ ℓ=1

mℓ = 1, 0 etc.,

½ for each election

Four Q.N.’s in all:
n = 1 shell
ℓ=0
n = 2 shell
ℓ=0
ℓ=1
n = 3 shell
ℓ=0
ℓ=1
ℓ=2
etc.,

1s
2s
2p
3s
3p
3d

Electronic Configuration
The term used to describe the manner in which
electrons are arranged in an atom
1.) Aufbau Principle:
Add electrons from the lowest to the highest
levels
2.) Hund’s Rule of maximum multiplicity:
Add electrons in orbitals of the same energy
(degenerate set) with same spin before pairing
spins.
e.g. 1s2s22p63s23p64s23d4 is:

X

√

Pauli Exclusion Principle:
No two electrons can have the same 4
Quantum numbers (in other words, if two
electrons are in the same shell (n), same set of
orbitals (ℓ), and same exact orbital (mℓ), then
they would have different values of ms (spins)
+ ½ for one and - ½ for the other
__ __ __
mℓ = -1 0 +1
2p

Both electrons:
n=2
ℓ=1
mℓ = -1
but ms= + ½ for one
and ms = - ½ for other

Orbital energies in the Hydrogen Atom

Orbital energies in the Multi-Electron
Atom

Knowledge of Atomic Structure is so
important, because it allows us to understand
the periodic relationships among elements.
Concepts that follow from Electronic Structure:
1. The interpenetrations of atomic orbitals
which depends on size & shape (in other
words, how they fit together)
2. Because of their interpenetration, we order
the orbitals in the Aufbau way: 1s, 2s, 2p,
3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d,
6p…
3. Because of the different interpenetrations
and orientations of the orbitals, the
electrons experience different nuclear
charges.
and finally….MAIN POINT!!!

4. Properties Such as:
• Ionization Energies
• Atomic & Ionic Sizes
• Electron Affinities
• Electronegativities
Reflect on the Electronic Configuration of a
group (column) and a period (row)
_____________________________________
Ionization Energy or Enthalpy
∆Hion in kJ/mol – First Ionization Energy
Three trends are noticeable:
1. Maximum at Noble Gases
2. Minimum at alkali metals
(closed-shell is favored)
3. The increase in going from alkali metal
to noble gas. (e.g. Na to Ar for example)
is not regular → there are two “dips

Q. Why?
A. Because of differences in shielding of s &
p orbitals
Shielding
When you put electrons in orbitals with the
same Quantum number, n, (same shell), as you
keep adding more, they are less shielded from
the positive charge of the nucleus.
The leads to it being more difficult to remove
electrons (higher I.E.)
in other words…
The Effective Nuclear Charge increases as you
go across a row

Q. Why do the changes at Al and S happen?
A. Because

1

Na is 2s
2
Mg is 2s
- Al is 2s22p1 - it is favored to lose the one p
electron to go back to a filled sub-shell
-S is 2s22p4 - it is easier to lose an electron to
get it back to the stable half-filled sub-shell
2s22p3

