Day 16
	Time
	

	20
	Lewis Diagrams – dot symbols, dot diagrams – show element and outer e only (valence e)  WHY?
the max # of e = 2,8,8,8 etc.

d and f levels are behind s & p levels so d’s and f’s are not valence e.  – so… valence of transition elements?
Do handout electron dot diagram.

Compare # of e vs. outer shell vs. chem. behaviour.

So… only outer e are important for chemistry – called valence electrons.

Noble gas configurtation.

Pick element, gain or lose how many e?

	??
	Overhead Notes – Valence & Ox number

· Ionic Bonding

· Covalent bonding

	5 
	Song – If it isn’t love…

	HW
	R&MN 2.1 P#1,2

           2.2 P#1-5,8-14   Q # 1,4


Valence & Oxidation Number

Valence and Oxidation number are often interchangeable but valence specifically means the electrons in the outer energy level of the atom and oxidation is what charge the atom gets when bonding.

Remember atoms tend to get a noble gas electron configuration for their valence electrons (2,8,8,8 etc) when bonding – octet rule.  This is more stable.  Why? – I don’t know, it just is… you can tell because the noble gases don’t react.

	
	Gr. 1
	Gr. 2
	Gr. 3
	Gr. 4
	Gr. 5
	Gr. 6
	Gr. 7
	Gr. 8

	Val e-
	1
	2
	3
	4
	5
	6
	7
	8

	Ox #
	+1
	+2
	+3
	+4

-4
	-3
	-2
	-1
	0


There are exceptions and other possibilities for the oxidation number of atoms.  See back page of Nomenclature Independent Study.

Chemical Bonding

Atoms can combine with other atoms to form compounds.  This combination results in a vast number of chemical compounds.  (500,000 new ones per year).

Ionic Bonding

Ionic bond – the attraction that results between oppositely charged ions as a result of an electron transfer between these ions.  (metal plus non-metal)
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attraction

In this way, both the Na and the Cl have achieved a noble gas configuration.

More complex ionizations are possible.

Eg] Ca, Cl

Ca loses 2, Cl gains one




Cl
Ca
Cl

(Cl-)(Ca+2)(Cl-)

Or



Cl2 + Ca( CaCl2
Eg] Ca, O

Ca loses 2, O gains two




Ca
O


(Ca+2)(O-2)

Or



Ca + O (  CaO

Do handwritten examples from next page.

Which atom combinations tend to form ionic compounds? Ones where one atom has a much stronger pull for e- than the other.

Remember trends… IE increases to the right

So… a metal reacting with a non-metal tends to form ionic compounds.

Because of their strong attraction and crystal structure ionic compounds have distinctive properties…

· solid at room temp

· don’t conduct e- when solid but do conduct when liquid or dissolved.  Why?

· High MP and BP. (why?)

· Hard but brittle(why?)

Covalent Bonding

Covalent – the attraction between two nuclei for mutually shared e-.  Why would two positive nuclei attract?

1.  




repulsion should occur.

2. 




neither attraction nor repulsion

3.
If you could get the e- to spend more time between the nuclei, each nuclei would be attracted to the shared e- ( a bond!

4. The s orbital actually contorts a little bit making the e- spend more time in the middle.


+


(
Single covalent ( 1 shared pair of e- eg] H  oX  H








         

         ..       ..

Double covalent ( 2 shared pairs of e-  eg]  :O=O:

Triple Covalent ( 3 shared pairs of e-  eg]  :N =  N:

Check octet rule for each of the above.

By sharing e- each atom has the noble gas configuration for at least part of the time!

Show Lewis diagrams for H2, F2, Cl2, O2, N2.

Day 17
	Time
	

	??
	Take up HW

	30
	Notes – Polar Covalent

· Coordinate covalent

· Lewis Diagrams

	HW
	Lewis diagrams handout

R+MN 2.3 P#1-6,8-15

          2.4 P#1-12(more notes to come for this)


Polar Covalent Bonding

Polar Covalent Bonding – electrons in a covalent bond are shared unequally resulting in polar molecules.

Polar – a charge difference from one END to the other END.

Electronegativity is a measure of the electron attracting ability of an atom – review trends in the PT.  All bonding in a continuum based on difference in electronegativity.

Covalent 

(
0 EN diff

you will be given EN 

Polar Covalent
(
0<EN diff<1.7
values if needed but

Ionic


(
EN diff > 1.7
you must know trends.

Eg]

HCl

EN diff =0.96 ( polar bond
2.2 3.16

So in the HCl bond the charge density is pulled towards the Cl.







(+


   (-


The HCl molecule is polar because there is a charge difference form end to end.  The arrow indicates the direction of electron flow.

Eg]  CO2
0 =3.44, C=2.55
EN diff = 0.89, polar bonds



(-
      (++
      (-



CO2 is made of polar bonds but is a non-polar molecule!  There is no charge difference from end to end.  The symmetry of the molecule cancels the polarity.  Notice how the two arrows cancel each other.  The overall polarity is the vector sum of these arrows and can be written as one arrow.

Coordinate covalent bonds – same as covalent (or polar covalent) but BOTH of the shared electrons come from the SAME atom.

Eg]  NH4+



NH3 

+ 
H+

Ammonium

ammonia 
+ 
acid




H



H
     +


H
N:
+ H+  (  H
N
H




H



H

These electrons both came from the N atom even though H is sharing them.

Lewis structures – account for all valence electrons

· bonded pairs are written as lines

Do handout – rules for drawing lewis structures

· include molecular polarities with one arrow!
Eg] HCl, H2O, BrCl, NH3, CF4, PO4-3










Day 18
	Time
	Balloons

	15
	Take up HW at board

	45
	Notes VSEPR with VSEPR Notation overhead

	
	HW – R+MN 2.4 P#1-12


VSEPR

Valence Shell electron Pair Repulsion Theory

VSEPR theory is used to predict the shape of molecules

Shape of molecule is very important, enzymes, antigen-antibody, proteins, toxic chemicals have same shape but different chemical properties so they block sites – opiates.
1. The valence bonded or unbonded pairs of e- are viewed as –ve charge clouds.  Why? 

2.  These clouds repel each other.
3.  To achieve minimum potential energy it is necessary to locate these clouds as far away from each other as possible.
4. Since the clouds are associated with atoms, once the clouds are located the atoms can be located thereby determining shape of molecule
5. Unbonded pairs occupy more volume than bonded pairs.

Why?


vs.




      
Causes angles to be smaller.

6. VSEPR applies only to species with a central atom.

VSEPR Notation


A = central atom


X = bonded atom


E = lone pairs (unbonded) on central atom


Eg]AX3E2  
two lone pairs on the central atom 




3 atoms bound to the central atom


eg]ClF3
Determining Shape

1. Find the number of bonding and non-bonding (lone pairs of e- on the central atom – see handout – multiple bonds are confusing!)

2. Assume that all pairs of e- have an atom attached to them.  This will determine the basic shape to start with.

3. Subtract off bonded atoms – 1 for every lone pair to get final shape

Go through VSEPR theory handout and do some examples

Show how to draw in 3D ie] tetrahedral

Polarity – the symmetry from VSEPR theory can cancel polarity.
VSEPR THEORY

RULES FOR FINDING LONE PAIRS OF ELECTRONS

1. Add up all of the valence electrons (remember to include any charges)

Eg.
NCl3
( 5 + (3*7) = 26e

2. Subtract 8 electrons for every outer atom (only 2 for Hydrogen)

The difference divided by 2 gives the number of lone pairs


Eg.  3*8 = 24e on outer Cl’s

total e    = 
 26









         

-24










  

    2 


Divide that difference by two to get the number of lone pairs 

ie) 2/2 =1


There is one lone pair on the N.

Therefore the basic shape  = 3 bonding pairs + 1 lone pair = 4 pairs ( tetrahedral.

Actual shape, since one of those pairs has no atom on it is trigonal pyramid.

Do the following examples:  VSEPR code, Shape, Polarity
HCl

BF3

H2O

NH3

PCl5

CH4


HCCl3
NH4+
CO3-2
NH2-

CO2

VSEPR Notation

	# of e pairs
	#

bonding pairs
	#

unbonded

pairs
	VSEPR Code
	Basic 

Shape
	Actual 

Shape & angles
	Example

	1
	1
	0
	AX
	linear


	Linear

180o
	HCl

	2
	2
	0
	AX2
	linear


	Linear

180o
	BeF2

	2
	1
	1
	AXE
	linear


	Linear

180o
	

	3
	3
	0
	AX3
	trigonal planar
	trigonal

planar

120o
	BF3

	3
	2
	1
	AX2E
	trigonal planar
	Angular

<120o
	SnCl2

	1
	1
	2
	AXE2
	trigonal planar
	Linear

180o
	

	4
	4
	0
	AX4
	tetra-hedral
	tetra-

hedral

109.5o
	CCl4

	4
	3
	1
	AX3E
	tetra-hedral
	trigonal 

pyramid

<109.5o
	NH3

	4
	2
	2
	AX2E2
	tetra-hedral
	Angular

<109.5o
	H2O

	4
	1
	3
	AXE3
	tetra-hedral
	Linear

180o
	HCl


	5
	5
	0
	AX5
	Trigonal bypyramid
	Trigonal bypyramid

120o, 90o
	PCl5

	5
	4
	1
	AX4E
	Trigonal bypyramid
	Disphenoid (seesaw)

<120o, <90o
	SF4

	5
	3
	2
	AX3E2
	Trigonal bypyramid
	T-shape

<90o
	ClF3

	5
	2
	3
	AX2E3
	Trigonal bypyramid
	Linear

180o
	XeF2

	5
	1
	4
	AXE4
	Trigonal bypyramid
	Linear

180o
	

	6
	6
	0
	AX6
	Octahedral
	Octahedral

90o
	SF6

	6
	5
	1
	AX5E
	Octahedral
	Square pyramid

<90o
	IF5

	6
	4
	2
	AX4E2
	Octahedral
	Square plane

90o
	XeF4

	6
	3
	3
	AX3E3
	Octahedral
	T-shape

<90o
	

	6
	2
	4
	AX2E4
	Octahedral
	Linear

180o
	

	6
	1
	5
	AXE5
	Octahedral
	Linear

180o
	


Day 19
	Time
	Model kits

	25 
	Do molecular shapes activity

	40
	Notes – Intermolecular forces

	
	 Quiz tomorrow – Lewis structures

· VSEPR

· Polarity

· Intermolecular forces


Bonding & Properties

An aggregate is a collection of molecules, ions or atoms that is described by the physical and chemical characteristics of that substance.

Eg]  One Na atom does not have a melting point of 97.8oC.  You must have a large number of interacting sodium atoms before properties arise.

The interactions between the units in an aggregate are what lead to the physical and chemical properties of that substance.

Substances are usually classified in terms of the bonding that make up the aggregate.

Ionic

Ionic substances – structural units are oppositely charged ions.  The bond is ionic eg]  NaCl
MgO

Is it proper to talk about an NaCl molecule?
NO!

Ionic substances are networks of oppositely charged ions forming crystals.

Properties of Ionic Substances:

A – high MP and BP

B – does not conduct electricity when solid

C – does conduct electricity when liquid

D – brittle

The above properties can almost all be attributed the high strength of the ionic bond.  This strength is measured as the crystal lattice energy – the energy given off when the crystal forms.  Since energy is given off, the crystal is more stable.  The crystal lattice energy of ionic substances is very high because it involves the bringing together of oppositely charged ions.

A - The high MP and BP are due to this strong bond from opposite charges.

B – Solid ionic crystals do not conduct because the electrons are locked on the ions but the ions are stuck in the crystal lattice points – no charge flow.

C – When liquid or dissolved  ionic substances do conduct because the electrons are locked on the ions but the ions are free to move. (moderately)

D – Ionic crystals are brittle because of the alignment of the charges.  Once the ions are moved slightly, they repel so the substance breaks.

Molecular

Molecular substances – structural units are molecules (polar or non-polar) and the attractive forces between the molecules are called intermolecular forces.
Eg]  non-polar( S8

polar ( H2O

In general the intramolecular forces (within the molecule) are much stronger than the intermolecular forces (between different molecules).

Properties of Molecular Substances:

A – low MP and BP

B – does not conduct electricity when solid or liquid

C – large amount of energy required after melting or boiling to decompose the substances.

A – Weak intermolecular forces are easy to break allowing molecules to roll past each other (become a liquid).  These weak intermolecular forces vary widely  

eg]
H2O

MP  =  100oC


CO2

MP  =  -80oC

B – Molecular substances do not conduct because the electrons are stuck on the molecule yet the molecule carries no charge thus no transfer of charge is possible.

C – The high decomposition temperature vs. MP or BP is due to the weak intermolecular forces – allowing for low MP and BP but very strong intramolecular forces – actual covalent bonds – that require a large amount of energy to break.

WHAT ARE THESE WEAK INTERMOLECULAR FORCES?

1.  Van der Waals forces 

· dipole-dipole interactions

· London forces – induced dipole-dipole interactions

2.  Hydrogen bonding

Dipole-dipole  

· polar molecules will align themselves so that oppositely charged ends are facing each other

· not nearly as strong as the full charges of ionic bonds.


London Forces

- these occur between every type of molecule 

(even 0 electronegativity difference molecules)

- they are the result of temporarily induced dipoles due to the

 
fluctuation in electron charge density.

                                                                                              

Covalent bonds are 100’s of times stronger than London forces.  The magnitude of the London force depends on the size of the electron cloud.  Larger clouds are easier to deform so stronger attraction.

	molecule
	# of e-
	BP (oC)

	CH4
	10
	-161

	SiH4
	18
	-112

	GeH4
	36
	-90

	SnH4
	54
	-52



Examine the following

	EN diff
	Form
	#e
	BP
	EN diff
	Form
	#e
	BP
	EN diff
	Form
	#e
	BP

	3.04
	NH3
	10
	-33
	3.44
	H2O
	10
	+100
	3.98
	HF
	10
	+19.4

	2.19
	PH3
	18
	-85
	2.58
	H2S
	18
	-60
	3.10
	HCl
	18
	-85

	2.18
	AsH3
	36
	-55
	2.55
	H2Se
	36
	-42
	2.96
	HBr
	36
	-67

	2.05
	SbH3
	54
	-17
	2.1
	H2Te
	54
	-2
	2.66
	HI
	54
	-36


The higher boiling point of the first row indicates a greater intermolecular force.
Hydrogen Bond – the relatively strong intermolecular force that results from electrostatic interaction between a hydrogen of one molecule and a highly electronegative atom (N, O or F) of another molecule.

The high electronegativity results in a practically bare proton (hydrogen nuclei).  This is a small charge but a very high charge density.  This positive charge is then attracted to nearby electron rich (negative) atoms.
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Hydrogen bonds are approximately 10 times as strong as London forces.

H bonding can be used to explain why water is more dense than ice (thankfully) and to explain the high surface tension of water and biomolecular shapes.  

Copy table 2 pg 80


Copy table 2 pg 85

Day 20
	Time
	Demos!

	40
	Notes – KMT, Chem rxns, evidence,  balancing

	
	

	HW
	R+MN 5.2 balancing

Balancing HO


Chapter 3 – Chemical Reactions

Kinetic Molecular Theory

· matter is made of particles

· particles are in motion

· spaces between the particles

· motion increases and spaces increase as temp increases

What is a chemical rxn?  How is it different than a physical change?

A chemical reaction is a rearrangement of atoms producing a new substance with very different properties from the original substances.  It is not easily reversible. (5000 new chem /week)

Demo - Pringles Can – H + O are explosive but after reacting they put out fire = H2O

What is the evidence for a chemical change?

Evidence for a chemical change (demos!)

· colour change

Pb(NO3)2 + KI

· odour


NH4SCN + Ba(OH)2
· ppt





· gas w/o boiling
Mg + HCl

· change in energy
or match

These pieces of evidence are not proof a chemical reaction has occurred, you must still decide.

How does the reaction happen?

A chemical reaction is the result of collisions between reactant molecules.  The collisions must be at the proper orientation and have enough energy to break the bonds in the reactants allowing atoms to recombine.


Reaction Coordinate – a theoretical graph tracking one collision in a reaction.

Exothermic




Endothermic



E
R




E


P












P



R



Rxn coor




Rxn coor

talk about the bat/ball idea

Balancing Reactions
Conservation of mass – mass cannot be created or destroyed.  Atoms have mass so they can’t be created or destroyed.

Conservation of charge – electrons and protons also have mass so they can’t be created or destroyed.  Therefore charge can’t be created or destroyed.

So… when writing chemical equations whatever is on the left side must also be on the right side.  There must be the same number of each atom and the same charge!  (otherwise you’ve done a nuclear reaction -that would be bad)

eg]
H2  +  O2  (  H2O


2H2  +  O2  (  2H2O

Mg  +  O2  (   MgO
ox#’s tell us this.  You can’t just
2Mg  +  O2 (  2MgO
make it MgO2 !!!!!!!!!!!
– Law of Constant Compostion – 

would Mg + 2O2 (  MgO4?

try  
Al  +  Cl2

SF4  +  H2O  (  SO2  +  HF


Al  +  H2SO4  (  Al2(SO4)3  +  H2

C2H6  +  O2  (  CO2  +  H2O
Do handout  -  Balancing

Day 21
	Time
	Demos!

	20
	Notes – rxn types

	15
	Prep lab – Rxn types



	HW
	prep lab, chpt 3 ass’t


There are 4 basic types of chemical reactions.

Marriage, divorce, cheating, swapping & ending in a blaze of glory.

1. Synthesis (marriage) – two substances combine.

Mg + O2 ( MgO

2. Decomposition (divorce) – one substance breaks into two.

Na2CO3   heat
   Na2O + CO2
3. Single Displacement (cheating) – one substance gets replaced.

CuSO4 + Fe ( FeSO4 + Cu

4. Double displacement (swapping) – substances switch.

Pb(NO3)2 + KI ( PbI2 + KNO3
5. Combustion (blaze of glory) – methane bubbles.

CH4 + O2 ( CO2 + H2O

Day 22
	Time
	

	
	Quiz – Lewis, VSEPR, polarity, inter forces

	
	Lab – Rxn types – full report

	
	Continue chpt 3 asst

	
	


Day 23
	Time
	

	
	Finish chpt 3 asst


Day 24

	Time
	

	
	WP for test chpt 1-3


Day 25

	Time
	

	
	test chpt 1-3
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