Hayley Irving | Executive Study Notes

| CHEMISTRY MODULE 1

1. PROPERTIES OF MATTER:

Inquiry Question: How do the properties of substances help us to classify and separate
them?

A. Explore homogeneous mixtures and heterogeneous mixtures through practical
investigations:

Filtration = Solubility

Decantation = Density

Fractional Distillation - Boiling Point
Chromatography = Solubility

Evaporation =2 Boiling Point

Separating Funnel 2 Density and Miscibility
Sieving 2 Size

Magnetic Separation = Magnetism
Centrifusion = Mass
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1. Gravimetric analysis: (mass of a substance)/(total mass of mixture) X
100%

a. Example: Sand, salt and water mixture of 100g. From filtration, sand
weights 50g. From evaporation, salt weighs 32g therefore water
weights 18g. Therefore, sand is 50%, salt is 32% and water is 18%.

B. Investigate the nomenclature of inorganic substances using [IUPAC naming
conventions

i.  Metal ions (cations): add ion to end
1. Example: sodium ion for Nal+
ii. ~ Non-metal ions (anions): remove end, add -ide
1. Example: fluoride for F1-
iii.  lonic compounds: one cation + one anion
1. Example: sodium chloride for NaCl
iv.  Covalent compounds: prefixes where mono is omitted for first element

1. Mono, di, tri, buta, penta, hexa, hepta, octa, nona, deca.....



2. Example: carbon dioxide for CO;

v.  Polyatomic ions:

1. Positive ions:

a. Ammonium - NH4+*

b.

Hydronium - H30*

2. -ateions:

a.
b.
c.
d.

Sulfate — SO4?-
Chlorate - Cl0O3?
Nitrate - NOs
Phosphate — PO43

3. -—iteions:

a. Sulfite - SO3?

b. Chlorite - NO»

c. Nitrite - NOz

d. Phosphite - PO33
4. Other:

a. Cyanide - CN-

C. Classify the elements based on their properties in the periodic table through their:

1. Metals are:
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Solid at RTP mainly

Lustrous

Malleable exc. Bismuth

Ductile

Silver-coloured exc. Gold and Copper
Dense exc. Aluminium

High MP/BP exc. Mercury

Good conductors of heat and electricity

2. Non-Metals are:

SN

C.
d.
e.

f
g-

Gases at RTP mainly
Non-malleable
Non-ductile

Dull in colour

Not dense

Low MP/BP

Poor conductors of heat and electricity

3. Metalloids are:

a.

Combinations of metallic and non-metallic properties



b. Shiny
¢. Non-malleable

d. Semi-conductors of heat and electricity

Periodic table arranged in proton/atomic number order
Size decreases along a period but increases down a group
Groups have similar reactivity due to valence electron numbers

a. Schrodinger: 2n? electrons per shell

2. ATOMIC STRUCTURE AND ATOMIC MASS

Inquiry Question: Why are atoms of elements different from one another?

A.

Investigate the basic structure of stable and unstable isotopes by examining:

Valence electrons equal to group number
Protons equal to atomic number

Neutrons equal to (atomic mass - atomic number)

Protons and neutrons are found in the nucleus
a. Protons are positively charged

b. Neutrons have no charge

Electrons are found in orbit around the nucleus

a. Electrons are negatively charged

Example: Carbon-12
a. Cisthe atomic symbol
b. 12 is the mass number, equal to the number of protons and neutrons

c. 6isthe atomic number, equal to the number of protons

B. Model the atom’s discrete energy levels, including electronic configuration and spdf
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notation

Electrons surround the nucleus in orbits containing fixed energy levels

They are referred to as energy shells

As long as electrons stay in their orbit, it does not lose or gain energy

Electrons are placed into sub-shells which are of varying energy levels

Example: 1s?2 where 1 is the shell number, s is the sub-shell type and 2 is
the number of electrons in the sub-shell

C. Calculate the relative atomic mass from isotopic composition



i.  Atomic massx X abundancex + atomic massy X abundancey .... = relative atomic
mass

D. Investigate the energy levels in atoms and ions through:

1. When metal atoms are heated they give off characteristic colours
a. This allows unknown samples can be identified

2. Examples: Barium 2 Yellow-Green, Lithium - Crimson, Strontium >
Scarlet, Sodium 2 Yellow, Copper = Blue, Potassium = Lilac

1. Bohr:
a. Electrons move between energy levels by absorbing/emitting light
energy

b. Energy levels per shell/orbit
c. Asan electron falls to a lower energy shell, it emits light energy
i.  Equal to energy difference between two shells

ii.  Corresponds to a specific light energy and therefore a
specific line in line spectrum

2. Schrodinger:
a. Quantum Mechanical Approach
b. Assumed electrons have wave-like properties
c. Shells contain separate energy levels of similar energy called subshells
d. Order of energy subshells: 1s<2s<2p<3s<3p<4s<3d<4p<5s<4d....

E. Investigate the properties of unstable isotopes using natural and human-made
radioisotopes as examples including:

1. Alpha particles are helium nuclei emitted by radioisotopes that have too
few neutrons to be stable = low energy radiation

2. Beta particles are electrons emitted when a neutron turns into a proton
and electron 2 moderate energy radiation

3. Gamma rays are electromagnetic radiation waves emitted when alpha or
beta reactions leave a nucleus with too much energy = high energy
radiation

1. Naturally occurring Alpha + Gamma >
a. 238,U > 2349,Th +4;He + Y

2. Naturally occurring Beta 2
a. 14C 214N +04e

3. Artificial Beta 2



a. 9942Mo 2 99my3Tc + 0 5e

3. PERIODICITY

Inquiry Question: Are there patterns in the properties of elements?

A. Demonstrate, explain and predict the relationships in the observable trends in the
physical and chemical properties of elements in periods and groups in the periodic
table, including:

i.  State of matter at RTP
1. Metals are solid exc. Mercury
2. Non-metals are mainly gases
ii.  Electronic charge and atomic radii

1. Aseach proton is added, electronic charge increases so atomic radius
shrinks

2. As a new shell is added at a new period, atomic radius increases due to
low electronic charge

iii.  Firstionization energy and electronegativity

1. lonization energy increases along a period and decreases down a group
due to electronic charge shrinking/growing

2. Electronegativity increases along a period and decreases down a group
due to electronic charge growing/shrinking
iv.  Reactivity with water
1. Metals increases down a group and decreases along a period

2. Non-metals decreases down a group and increases along a period

4. BONDING

Inquiry Question: What binds atoms together in elements and compounds?

A. Investigate the role of electronegativity in determining the ionic or covalent nature
of bonds between atoms

i.  lonic has large difference in electronegativity
1. One wants to lose electrons, other wants to gain an electron
2. Cation donates electron to anion
ii.  Covalent has small difference in electronegativity
1. Both want to gain an electron
2. Share electrons

B. Investigate the differences between ionic and covalent compounds through:

i.  Using nomenclature, valency and chemical formulae



1. Example: sodium sulphide (ionic)
a. [Na]*+[S J?[Na]t*

2. Example: carbon dioxide (covalent)
a. :0=C=0:

1. Electronegativity is key factor
a. Covalent bonds with equal distribution of valence shells are non-polar

b. Unequal distribution makes it polar as the charge will pull electrons
towards more electronegative atom

1. Valence-shell electron-pair repulsion (VSEPR) theory

a. Negatively charged electron pairs repel each other

1. Main Study: Carbon
a. Diamond

i. Does not contain individual molecules but forms continuous
3D lattice structure

ii.  No weak intermolecular forces present only strong covalent
bonds to give strength

iii.  Conductive of heat and electricity
b. Graphite
i. Covalent bonds between atoms in layers
ii. Weak dispersion forces between layers
iii.  Hard in one direction but slippery in another
iv.  Covalent layer
v.  Conductive.

C. Investigate the different chemical structures of atoms and elements, including but
not limited to:

No freely moving electrons present

Ions present only as liquid/gas form

3D lattice

High MP/BP, brittle crystals show strong forces

Electrical conductivity as liquid

S o LN =

Not malleable
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Freely moving charged particles
High densities

Attractive forces hard to break
High MP/BP

Good conductors

Malleable

Continuous 3D lattice

High MP/BP

Very hard due to fixed positions
Strong bonds

Strong covalent bonds but mainly intermolecular forces
Low MP/BP
Insoluble

Not conductive

D. Explore the similarities and differences between the nature of intermolecular and
intramolecular bonds and the strength of the forces associated with each, in order to
explain the:

1.

1.

Intramolecular bonds are bonds between each atom within a molecule

a. EXAMPLE: hydrogen bonding, dipole-dipole and covalent bonding of a
water molecule

b. Hydrogen bonding only occurs with H—0, H—F, and H—N

Intermolecular bonds are bonds between multiple molecules (weak)
a. EXAMPLE: Water to other water molecules - VSEPR Theory
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	B. Model the atom’s discrete energy levels, including electronic configuration and spdf notation
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	iii. Electrons are placed into sub-shells which are of varying energy levels
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	C. Calculate the relative atomic mass from isotopic composition
	i. Atomic massx X abundanceX + atomic massy X abundancey …. = relative atomic mass

	D. Investigate the energy levels in atoms and ions through:
	i. Collecting primary data from flame tests using different ionic solutions of metals
	1. When metal atoms are heated they give off characteristic colours
	a. This allows unknown samples can be identified

	2. Examples: Barium ( Yellow-Green, Lithium ( Crimson, Strontium ( Scarlet, Sodium ( Yellow, Copper ( Blue, Potassium ( Lilac
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	i. Equal to energy difference between two shells
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	1. Alpha particles are helium nuclei emitted by radioisotopes that have too few neutrons to be stable ( low energy radiation
	2. Beta particles are electrons emitted when a neutron turns into a proton and electron ( moderate energy radiation
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	3. Periodicity
	A. Demonstrate, explain and predict the relationships in the observable trends in the physical and chemical properties of elements in periods and groups in the periodic table, including:
	i. State of matter at RTP
	1. Metals are solid exc. Mercury
	2. Non-metals are mainly gases

	ii. Electronic charge and atomic radii
	1. As each proton is added, electronic charge increases so atomic radius shrinks
	2. As a new shell is added at a new period, atomic radius increases due to low electronic charge

	iii. First ionization energy and electronegativity
	1. Ionization energy increases along a period and decreases down a group due to electronic charge shrinking/growing
	2. Electronegativity increases along a period and decreases down a group due to electronic charge growing/shrinking

	iv. Reactivity with water
	1. Metals increases down a group and decreases along a period
	2. Non-metals decreases down a group and increases along a period



	4. Bonding
	A. Investigate the role of electronegativity in determining the ionic or covalent nature of bonds between atoms
	i. Ionic has large difference in electronegativity
	1. One wants to lose electrons, other wants to gain an electron
	2. Cation donates electron to anion

	ii. Covalent has small difference in electronegativity
	1. Both want to gain an electron
	2. Share electrons


	B. Investigate the differences between ionic and covalent compounds through:
	i. Using nomenclature, valency and chemical formulae
	1. Example: sodium sulphide (ionic)
	a. [Na]1+[ S ]2-[Na]1+

	2. Example: carbon dioxide (covalent)
	a. ::O=C=O::


	ii. Examining the spectrum of bonds between atoms with varying degrees of polarity with respect to their constituent elements’ positions on the periodic table
	1. Electronegativity is key factor
	a. Covalent bonds with equal distribution of valence shells are non-polar
	b. Unequal distribution makes it polar as the charge will pull electrons towards more electronegative atom


	iii. Modelling the shapes of molecular substances
	1. Valence-shell electron-pair repulsion (VSEPR) theory
	a. Negatively charged electron pairs repel each other


	iv. Investigate elements that possess the physical property of allotropy
	1. Main Study: Carbon
	a. Diamond
	i. Does not contain individual molecules but forms continuous 3D lattice structure
	ii. No weak intermolecular forces present only strong covalent bonds to give strength
	iii. Conductive of heat and electricity

	b. Graphite
	i. Covalent bonds between atoms in layers
	ii. Weak dispersion forces between layers
	iii. Hard in one direction but slippery in another
	iv. Covalent layer
	v. Conductive.




	C. Investigate the different chemical structures of atoms and elements, including but not limited to:
	i. Ionic:
	1. No freely moving electrons present
	2. Ions present only as liquid/gas form
	3. 3D lattice
	4. High MP/BP, brittle crystals show strong forces
	5. Electrical conductivity as liquid
	6. Not malleable

	ii. Metallic solids
	1. Freely moving charged particles
	2. High densities
	3. Attractive forces hard to break
	4. High MP/BP
	5. Good conductors
	6. Malleable

	iii. Covalent networks
	1. Continuous 3D lattice
	2. High MP/BP
	3. Very hard due to fixed positions
	4. Strong bonds

	iv. Covalent molecular
	1. Strong covalent bonds but mainly intermolecular forces
	2. Low MP/BP
	3. Insoluble
	4. Not conductive


	D. Explore the similarities and differences between the nature of intermolecular and intramolecular bonds and the strength of the forces associated with each, in order to explain the:
	i. Physical properties of elements:
	1. Intramolecular bonds are bonds between each atom within a molecule
	a. EXAMPLE: hydrogen bonding, dipole-dipole and covalent bonding of a water molecule
	b. Hydrogen bonding only occurs with H—O, H—F, and H—N


	ii. Physical properties of compounds:
	1. Intermolecular bonds are bonds between multiple molecules (weak)
	a. EXAMPLE: Water to other water molecules – VSEPR Theory





