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Tentative Course Material To Be Covered this term

Exam 1: Wednesday, September 29 (6 lectures covered).

Chapter 1. The Atomic Nature of Matter.
Chapter 2. Stoichiometry.
Chapter 3. Chemical Periodicity and the Formation of Simple Compounds.

Exam 2: Wednesday, November 2 (9 lectures covered)

Chapter 16. Quantum Mechanics and the Hydrogen Atom.
Chapter 17. Many-electron Atoms and Chemical Bonding.
Chapter 18. Molecular Orbitals, Spectroscopy, and Atmospheric Chemistry.

Exam 3: Wednesday, November 30 1 (6 lectures covered)

Chapter 19. Coordination Complexes.
Chapter 24. From Petroleum to Pharmaceuticals.

Period before final (3 lectures covered)

Chapter 25. Synthetic and Biological Polymers (plus spectroscopy of organic molecules)..

Date of the final exam will be announced by the registrar.
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Science:  An attitude or world view.  The
systematic logical and self-consistent

investigation, creation and organization of
knowledge through observations.

Rules which are found to be universal and
without exceptions lead to laws.

Observations in the form or experiments
lead to classifications and classifications
lead to rules.
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“Babel” of Chemical
Nomenclature 1770

• Chemistry Symbols
from the 18th century
encyclopedia published
by philosopher Denis
Diderot and
mathemetician Jan Le
Rond D’Alembert

• These symbols
describe Alloys,
compounds, chemical
operations, quantities,
glassware, etc.
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Chemistry employs the scientific method to
investigate, create and organize knowledge

that provides an understanding of the
structure and transformation of matter and

the interaction of light and matter.

Provide a chemist with any observation and
he/she interprets it in terms of the structure
and dynamics of atoms, molecules, photons (and
friends) as the key intellectual units.
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Molecular Structure: The key intellectual unit of all
of chemistry. From structure to function.

C
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Configuration:  How all the atoms are distributed in
space relative to one another in three dimensions.
The 4 hydrogen atoms point to the vertices
 of a tetrahedron.

C

H

HH

H

Constitution: How all the atoms are connected by
bonds to one another.  4 hydrogens connected
to carbon, not to other hydrogens.

Composition: Number and kinds of atoms
CH4: one carbon atom, 4 hydrogen atoms
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Antoine Lavoisier: 1743-1794

He established the Law of Conservation of Mass
by burning phosphorus and sulfur in air, and
proving that the products weighed more than the
original. The weight gained was lost from the air.

Repeating the experiments of Priestley, he
demonstrated that air is composed of two parts,
one of which combines with metals to form calxes.
He named this portion oxygen (Greek for acid-
former), and the other azote (Greek for no life).
He also discovered that the inflammable air of
Cavendish which he termed hydrogen (Greek for
water-former), combined with oxygen to produce
a dew, as Priestley had reported, which
appeared to be water. He begins therefore a
first systematic list of the elements.
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Schematic description of the scientific process
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From atoms to the Periodic Table: Key ideas and proponents

Lucretius (400 BC) Postulated atoms exist

1600-1800 Discovery of elements, compounds

Lavosier (1780) Law of conservation of mass

Proust (1790) Law of definite proportions of mass

Dalton (1800) Atomic theory to explain laws of 
conservation and definite proportions

Gay-Lussac (1808) Law of combining volumes of gases

Avogadro (1811) Equal volumes of gases, equal particles

Cannizzaro (1860) Scale of relative molecular weights

Mendeleev (1861) Periodic table based on relative atomic weights
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Chapter 1: Learning goals concerning the atomic nature of matter

(7) Understand the mole concept.

(6) Understand Avogadro’s hypothesis and Cannizzaro’s proposal.

(5) Understand the Law of combining volumes of gases.

(4) Understand the principles of Dalton’s atomic theory.

(3) Understand the Laws leading to the Dalton’s atomic theory
of matter (Conservation of mass and definite proportions).

(2) Understand the atomic and molecular interpretation of
elements, compounds and mixtures.

(1) Distinguish between elements, compounds and mixtures.
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Chapter 1: Some learning goals dealing with molecular
structure and the relationship between weights of
elements in a compound and the number of atoms
in a formula.

(9) Perform calculations employing the mole (the
chemical amount) concept.

(8) Distinguish between empirical formula, molecular
formula,structural formula.
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Chapter 1: Some learning skills and techniques:

(1) Translate coefficients of a balanced chemical equation
into moles.  Obtain relative number of moles of reactants
and products independent of the actual chemical amounts.

(4) Volume relationships in chemical reactions.  Translate
liters into moles.

(3) Mass relationships in chemical reactions.  Translate moles
    into grams (weight)  or moles into liters (volume of gas).

(2) Translate coefficients into molecules.  Obtain relative
      number of molecules of reactants and products

independent of the actual chemical amounts.
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(1) Distinguish between elements, compounds and mixtures.
Pure substance (an idealization):   A pure substance does not change its chemical

characteristics upon exhaustive attempts of purification.

Atomic interpretation: A pure substance possesses a structure that is composed of a
definite number and kinds of atoms that are connected in a specific manner.

Element: An element is a substance which cannot be decomposed into simpler
substances by chemical processes.  Exemplars: hydrogen, carbon, oxygen.

Atomic interpretation:  An element is a substance that contains only one kind of
atom.  Exemplars:  Hydrogen (H) atoms, carbon atoms (C), oxygen atoms (O).

Compound:  A compound is a substance that can be decomposed into simpler
substances by chemical processes.  Exemplars:  water, carbon dioxide, carbon
monoxide.

Atomic interpretation:  A compound is a substance that contains atoms of two or
more chemical elements.  Exemplars: H, C, O.
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(Goal 1) Distinguish between elements, compounds and mixtures.
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The intellectual history of atomic theory.

The ancient Greek philosophers attempted to reconcile the
observation that natural objects are in a constant state of
change, yet intuitively there is a permanence underlying the
change.

Conjecture: The permanence reflects the existence of
indestructible atoms, the change reflects the ever changing
positions and motions of the atoms.

The atoms are constant, but their positions and motions change.

However, the Greek philosophers did not believe in measurements.
They felt that the intellect trumped laboratory work!
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The four elements of
ancient times.
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The existence of atoms is
postulated by Lucretius in his
poem: De Rerum Natura (100
BC).

“Pay attention, therefore,
while I demonstrate that
there exist certain bodies
that are absolutely solid and
indestructible, namely those
atoms which according to our
teaching are the seeds or
prime units of things from
which the whole universe is
constructed.”
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(2) Understand the atomic and molecular interpretation of
elements, compounds and mixtures

Element: a molecule that contains only one type of atom.
Examples: Hydrogen molecules (H2), Oxygen molecules (O2),
Ozone (O3), buckyballs (C60), Diamond (Cn), Graphite (Cn),

Compound: a molecule that contains two or more atoms.
Examples: Water (H2O), Hydrogen peroxide (H2O2), Carbon
monoxide (CO), Carbon dioxide (CO2), glucose (C6H12O6).

Mixture: a combination of two or more elements or compounds.
Examples: Brass (Cu + Zn), Salt water (NaCl + H2O)

Remember: A pure substance can only be an element or a
compound.  The word material is a term to refer to a
sample of unknown composition and may be a pure substance
or mixture.
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(3) Understand the Laws leading to the Dalton’s atomic theory of
matter: from Laws (observations) to structures

Law: A scientific law is a summary of a large number of scientific
facts in a compact yet broad and sweeping statement.

Law of conservation of mass:  Mass is neither created nor destroyed
during a chemical reaction.

Exemplar:  4.0 g of hydrogen + 32.0 g of oxygen = 36.0 g of water

Law of definite proportions: In a pure compound, the constituent
elements are always present in a definite proportion or % by
weight.  The relative weights are fixed.

Exemplar: Pure water is always in the ratio of 11.1 % H and 88.9 %
O, no matter what the source or method of preparation.
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Dense but Fluid: Liquid

All States of Matter Are Made of Atoms and Molecules

(c) Rare, or Low: Gas

(a) Dense, Well-Packed and
Mostly Stationary:  Solid

Densities of Molecules:
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(4)Understand the principles of Dalton’s atomic
theory.

Dalton developed an atomic theory to explain two
Laws:

(1) The Law of conservation of mass during a chemical
reaction:  Mass is neither created nor destroyed in a
chemical reaction.

(2) The Law of definite proportions of weights of
elements in a compound: the ratio of weights of
elements are the same in all pure compounds.
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Dalton’s Atomic Theory of Matter.

(1) All matter consists of indestructible atoms possess mass.

(2) All atoms of a given element are identical in mass and other properties.

(3) Different elements have different kinds of atoms.  The mass of
different atoms are different.

(4) The properties of atoms are unchanged when they are involved in
chemical transformations (Law of conservation of mass = conservation of atoms).

(5) Compounds are formed from elements when atoms of unlike elements
combine (Law of definite proportions = when a fixed number of different atoms
combine their numbers and weights are in definite relative proportions).

(6) Deduction: More than one compound can be formed by the combination
of two different atoms. (Implies a Law of multiple proportions = combinations
of two different atoms sometimes occur in small whole numbers, e.g., NO,
N2O, NO2).
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Common

Name

%N %O Moles N in 100 g

of substance
Moles O in

100g

Molar Ratio

N/O

Empirical

Formula

Molecular

Formula

Nitric

Oxide

47% 53% 3.4

(47g/14gmol-1)
3.3

(53g/16 gmol-1)

1.03 ~ 1/1 NO NO

Nitrous

Oxide

64% 36% 4.6

(64g/14 gmol-1)
2.3

(36g/16 gmol-1)

2.0 ~ 2/1 N2O N2O

Nitrogen

Dioxide

30% 70% 2.1

(30g/14 gmol-1)
4.4

(70g/16 gmol-1)

0.48 ~ 1/2 NO2 NO2

Dinitrogen

Dioxide

47% 53% 3.4

(47g/14 gmol-1)
3.3

(53g/16 gmol-1)

1.03 ~ 1/1 NO N2O2

Four binary compounds of N and O: NO, N2O, NO2, N2O2

Common

Name

%H %O Moles H in 100 g

of substance
Moles O in

100g

Molar

Ratio H/O

Empirical

Formula

Molecular

Formula

Water 11% 89% 11 mol

(11g/1gmol-1)

5.6 mol

(89g/16 gmol-1)
1.95 ~ 2/1 H2O H2O

Hydrogen

Peroxide

6.0% 94% 6.0 mol

(6g/1 gmol-1)

5.9 mol

(94g/16 gmol-1)
1.01 ~ 1/1 HO H2O2

Hydrogen

Trioxide

4.0% 96% 4.0 mol

(4g/1 gmol-1)

6.0 mol

(96g/16 gmol-1)
.0.67 ~ 2/3 H2O3 H2O3

Three binary compounds of H and O: H2O, H2O2, H2O3

Example of the Law of multiple proportions
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The electrolysis of
water.

The tube on the left is
hydrogen gas and the
tube on the right is
oxygen gas.  The ratio
of the volume of
hydrogen gas to the
volume of oxygen gas
is exactly 2:1.
What does this tell us
about the composition
of water?
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(5) Understand the Law of combining volumes of gases.

The volumes of gases taking part in a chemical reaction show simple
whole number ratios to one another (when measurements are
made at the same T and P).

Exemplars:
1 L of nitrogen gas + 3 L of hydrogen gas yields
2 L of ammonia gas.
Volume ratio: 1:3:2

2 L of hydrogen gas + 1 L of oxygen gas yields 2 L of water gas
Volume ratio: 2:1:2

1 L of hydrogen gas + 1 L of chlorine gas yields
2 L of hydrogen chloride gas Volume ratio: 1:1:2
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6) Understand Avogadro’s hypothesis or Law (interpretation of the Law
of combining gases).

Equal volumes of any gas (measured at the same temperature and volume)
contain equal numbers of “particles”.

The quotes are put about “particles” because Avogadro did not want to
differential between atoms and molecules as particles.

The remarkable feature of this hypothesis is that it implies that the
size or weight of the particle is irrelevant to the space that the
particle occupies in the gas phase!

A way to understand this peculiar feature of gases is to note that the
gas phase is mainly empty space and that the space taken up by a
particle is due to its motion.  The particle may be viewed as a three
dimensional “spring” that takes up as much space as possible in the
presence of other springs of exactly the same size (same motion).
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Avogadro’s interpretation of the combining gas Law:

Exemplars:
1 L of nitrogen gas + 3 L of hydrogen gas yields 2 L
of ammonia gas
Mole ratio same as volume ratio: 1:3:2

Atomic interpretation: 1 N2 + 3 H2    2 NH3

2 L of hydrogen gas + 1 L of oxygen gas yields 2 L of water
gas Mole ratio same as volume ratio: 2:1:2

Atomic interpretation: 2 H2 + 1 O2    2 H2O
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(a) Atomic and molecular
interpretation of the Law of
combining volumes.

Imagine that each circle in the figure
on the right represents a container of
the same volume.  The containers hold
different gases (molecules) but equal
number of molecules.  The reactants
are all gases elements which happen to
be diatomic molecules.

As the result of reaction, the number
of atoms does not change, but the
number molecules (the volume of the
gases) may change depending on the
molecular composition of the
products.
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(b) Relative molecular weights
from the weights of equal volumes of

gases

Cannizzaro: The weights of equal
volumes of gases are proportional to
the relative particle weights (atomic or
molecular weights)

Thought process: the composition of a
molecule of a gas must possess a whole
integral number of the atoms of the
elements that make up the molecule.

Relate the weights of the gases to an
equal volume of hydrogen.  Relative
weights of equal volumes provide
relative weights of molecules!
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From experiment it was determined that one mole of hydrogen gas
weights 2 g and that 2 g of hydrogen gas occupies 22.4 L under

standard conditions.  Conclude: under standard conditions one mole
of any gas occupies 22.4 L.  The relative weights of 22.4 L of any gas
reflect the relative molecular weights of the molecules that make up

the gas!


