Name: __________________________________




Period: ______

States of Matter 

I. Types of covalent bonds  
a. Polar covalent:  Electrons in the bond are shared unequally, due to differences in electronegativity (EN) of the atoms.  
b. Nonpolar covalent:  Electrons in the bond are shared equally, due to little or no difference in electronegativity of the atoms.

	If EN is:
	Bond type is:

	< 0.4
	Nonpolar covalent

	EN < 1.7
	Polar covalent

	> 1.7
	Ionic


Given:  Electronegativities of these elements

H = 2.2

C = 2.55

N = 3.04

O = 3.44

F = 3.98

Na = 0.93

K = 0.82

P = 2.19

S = 2.58

Cl = 3.16

Determine bond type for the following bonds:

H – H

_____________________

H – O 

________________________

H – C 

_____________________

Na – Cl
________________________

C – Cl 
_____________________

F – F 

________________________

K – F 

_____________________

H – N 

________________________

I. INTERMOLECULAR FORCES IN LIQUIDS
a. Intermolecular Forces:  Forces of attraction between molecules.   They are weak compared to covalent bonds.  (Bonds are forces of attraction within molecules.)
b. Types of Intermolecular Forces:
i. Dipole-dipole forces:  attractions between oppositely charged regions of polar molecules

Example:  HCl

ii. Hydrogen “bonding”:  A special type of dipole-dipole attraction that occurs between molecules that have a H bonded to either O, N, or F.  H-bonds are the strongest type of intermolecular force.

Examples:  H2O






NH3
iii. Dispersion forces (also called London forces):  weakest intermolecular force; exist in all molecules due to temporary shifts of electrons in the electron cloud, creating temporary dipoles.  A dipole is a region in a molecule that has partial positive or negative charge.  The larger the molecule, the larger the dispersion force (only important when neither of the other intermolecular forces exist).

Example:  He vs. Kr

Example:  CH4 vs. C8H18
The hydrogen bonds in water explain its relatively high boiling point, considering that it is a small molecule.  The H-bonds hold the water molecules together as a liquid, so you have to heat it a lot before it will change to a gas.  Compare boiling points of these molecules: 

	Molecule
	Intermolec. force(s) present
	Molar Mass (g/mol)
	Boiling Point (oC)

	CH4
	
	16.05
	- 164

	HCl
	
	36.46
	- 85

	H2O
	
	18.02
	100


II. PROPERTIES OF LIQUIDS
a. Density:  Liquids have a much higher density than gases.  This is because intermolecular forces hold the liquid particles close together.  Gas particles are far apart and have minimal attraction between particles.
b. Compressibility:  Liquids can be compressed only slightly.  This is because molecules are already closely packed.  Gases can be compressed a great deal because of the empty space between the particles.  
c. Viscosity:  Liquids are fluids, meaning their particles can slip past one another.  (Gases are also fluids.)  Viscosity is defined as resistance to flow.   

Example of a liquid with    
high viscosity:
low viscosity:

If you wanted to decrease the viscosity of a liquid, what could you do?

d. Surface Tension:  an attractive force that pulls down on the particles at the surface of a liquid.  In water, the attractive force responsible is hydrogen bonding.  

Evidence that water has a high surface tension:

a)

b)

Action of detergents:  Detergents are used to clean dirt/oil from clothing, dishes, etc.  How does this work?  The detergent interacts with water in such a way that the hydrogen bonding is disrupted, and this breaks the surface tension of the water, so that the dirt can mix with the water.  Detergents are called surfactants, because they are surface active agents.

Detergents have a special structure that aids the cleaning process.  A micelle is formed when detergents interact with dirt/oil and water.  

-Water is polar.  

-Dirt and oils are nonpolar.

-Detergents are long molecules that have polar “heads” and nonpolar “tails”.   

- “like dissolves like”
Because detergents have a dual nature, they can dissolve grease and carry it away in the water at the same time.

e. Cohesion and Adhesion:  Cohesion is the force of attraction between identical molecules in a liquid (cohesion is a result of intermolecular forces).  Adhesion is the force of attraction between liquid molecules and a solid that is touching them.

Meniscus of water in a glass tube is concave:  adhesion > cohesion 

Meniscus of Hg in a glass tube is convex:   cohesion > adhesion

III. PROPERTIES OF SOLIDS

a. Density:  In general, the particles of a solid are more closely packed than those of a liquid.  So most solids are more dense than most liquids, but there are exceptions (wax, cork).  When solid and liquid states of a substance coexist, the solid is more dense than the liquid, so the solid will sink in the liquid.  Water is an important exception (ice floats in water).  This is because the H2O molecules are less closely packed in ice than in liquid water.

b. Crystalline vs. Amorphous:  A crystalline solid has particles which are arranged in an orderly, geometric, 3-D structure.  Examples:  sodium chloride, ice, gems and minerals

In an amorphous solid, the particles are not arranged in any particular pattern. Examples: rubber, plastics.

IV. PHASE CHANGES - Can be represented on an energy diagram:
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Thermal Energy (Heat)

The horizontal portions of the graph (B, D) represent phase changes.  Phase changes always occur at constant temperature—that’s why the line is horizontal.  The diagonal sloping portions of the graph (A, C, E) represent temperature changes.

What is happening at each part of the graph:

A. Substance is a solid. Can heat it up or cool it down along this line.

B. Phase change:  solid-liquid.  The temperature at B (Tm) is the melting (freezing) point.  

C. Substance is a liquid.  Can heat it up or cool it down along this line.

D. Phase change:  liquid-gas.  The temperature at D (Tb) is the boiling (condensation) point.

E. Substance is a gas.  Can heat it up or cool it down along this line.

Q= heat or thermal energy in Joules (J) or calories (cal)

m=  mass in grams (g)

C = specific heat in J/(g oC) or cal/(g oC)

ΔT= change in temperature in oC

Hf = Heat of fusion (J/g or cal/g); use for liquid-solid phase change

Hv = Heat of vaporization (J/g or cal/g); use for gas-liquid phase change

· If you move left to right, all the processes are endothermic (heat must be supplied)
· If you move right to left, all the processes are exothermic (heat is removed/released).  

Example:  Moving from the A region into the B region means heating a solid to its melting point and then heating it more to change it to a liquid.  This is endothermic because you put heat in.

Moving from the B region into the A region means cooling a liquid to freeze it (at the freezing point) and then cooling the solid down even more.  This is exothermic because you take heat out.

A little more about phase changes:

Phase changes always occur at constant temperature.  For example, the freezing/melting point of water is 0oC.  If the temperature is exactly 0oC, there will be a mixture of liquid water and ice present.   Because we have both states of matter (solid and liquid) present at the freezing/melting point, we say the solid is “in equilibrium” with the liquid.  If you add heat at this point, you can melt all the ice and then heat the water further if you want.  If you take away heat (cool it), you can freeze the rest of the liquid and then cool the ice further if you want.

We know what melting, freezing, boiling and condensation mean.  What about:

a. Sublimation:   solid to gas phase change without passing through the liquid phase 
(Examples:  dry ice, solid air fresheners, mothballs, “shrinking” ice cubes, freeze-dried food)
b. Deposition:  gas to solid phase change without passing through the liquid phase

(Example:  frost on a windshield--water vapor in the air crystallizes on the cold glass)

c. Vaporization:  Evaporation and Boiling

i. Vaporization is the process by which a liquid changes to a gas. 
ii. Evaporation is vaporization only at the surface of the liquid.  Rate of evaporation depends on temperature, and also on intermolecular forces. 

A use of evaporation in our bodies is perspiration.  How does perspiration help your body cool?

How does a fan or a cool breeze help you cool even more?

As the temperature of a liquid increases, the average kinetic energy of the molecules increases, and evaporation happens at a faster rate.  We say the vapor pressure increases.  When the liquid reaches its boiling point, the vapor pressure of the liquid is equal to the external (atmospheric) pressure.  During boiling, vaporization occurs throughout the liquid.  The bubbles you see are bubbles of vapor forming from the liquid (it’s not air).  The pressure inside the bubbles equals atmospheric pressure.  The vapor then escapes into the atmosphere.

The boiling point of a liquid at a pressure of 1 atmosphere (sea level) is called the normal boiling point.  For water, that is 100oC.  The boiling point of a liquid changes as external pressure changes.

How can a pressure cooker be useful for cooking at high altitude?
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