
  

Ch. 11
States of matter



  

States of Matter

Solid
Definite volume
Definite shape

Liquid
Definite volume
Indefinite shape (conforms to container)

Gas
Indefinite volume (fills any container)
Indefinite shape (conforms to container)



  



  

Solids and Liquids
● High density – solid usually slightly more dense 
than the corresponding liquid

● Small compressibility
● Small thermal expansion

Gases
● Low density
● Large compressibility
● Large thermal expansion



  



  



  

Kinetic Molecular Theory

1)Matter is composed of particles that have 
definite sizes
2)The particles are in constant motion (have 
kinetic energy
3)Particles interact through attraction and 
repulsion, so have potential energy
4)The kinetic energy of particles increases with 
the temperature
5)Particles transfer energy to one another through 
elastic collisions



  

Changes of State
When matter changes from one phase to another:

Solid ↔ liquid
melting or fusion (s → l)
freezing (l → s)

Liquid ↔ gas
evaporation (l → g)
condensation (g → l)

Solid ↔ gas
sublimation (s → g)
deposition (g → s)



  

Endothermic process – an event in which energy 
is absorbed by the system

melting, evaporation, sublimation

Exothermic process – an event in which energy is 
released by the system

freezing, condensation, deposition



  



  

Energy – The capacity to do work
kinetic
potential
chemical
nuclear
thermal

Energy is measured in:
Joules (J)
calories (cal):  1 cal = 4.18 J
Calories, or food calories (Cal):  
1 Cal = 1000 cal = 1 kcal



  

Specific Heat – relates the amount of energy that 
is needed to raise 1 g of a substance (in a given 
state) by 1 °C

Larger specific heat – more energy needed to 
raise the temperature of a sample of the matter

Each phase of matter has a different specific heat

The units for specific heat are typically:
J/(g °C)
or J/(mol °C)



  



  



  

For a sample of matter, the thermal energy 
change is related to the temperature change by:

q = m C ΔT

where:
q = thermal energy change
m = mass of the sample
C = specific heat
ΔT = final – initial temperatures



  

If q > 0, then the object absorbs energy:
endothermic.

If q < 0, then the object releases energy:
exothermic.

If two objects are in contact, thermal energy is 
transferred from the warm object to the cold 
object.
The objects will eventually reach thermal 
equilibrium and be at the same temperature
Ideally, the total energy lost by the warm object 
exactly equals the total energy gained by the cool 
object.



  

Specific Heat vs Heat Capacity

Specific Heat
Relates thermal energy change to temperature 
change per gram/mole of matter
Different values for different phases/substances

Heat Capacity
Relates thermal energy change to temperature 
change for a specific object
Depends on specific heat of the substance and 
the amount of substance present
Heat capacity = specific heat * mass



  

Changes of State

When matter changes from one phase to another:

Energy is gained or lost

The temperature remains constant until all of the 
matter is converted to one phase

The energy is stored in kinetic energy of the 
atoms or in intermolecular forces



  

To calculate the thermal energy needed for phase 
changes, another thermodynamic constant is 
needed.

This value depends on the material and on the 
phase change:
Heat of fusion = ΔH

fus
 

Heat of freezing = -ΔH
fus

 
Heat of vaporization = ΔH

vap
  

Heat of condensation = -ΔH
vap

 
Heat of sublimation = ΔH

sub
  

Heat of deposition = -ΔH
sub

 



  

The units for these values are either J/g or J/mol.

For ΔH in J/g, the energy is related by the 
equation:

q = m ΔH 

For ΔH in J/mol, the energy is related by the 
equation:

q = n ΔH     where n = moles



  



  



  



  



  

Under normal conditions, a pure substance in 
liquid phase will boil at a specific temperature.

At lower temperatures, though, some of the liquid 
particles will still evaporate.

Temperature is a measure of the average kinetic 
energy of matter: at an instant in time, some 
particles have more than this average energy.

At a given temperatures, some of the liquid 
particles near the surface will have enough energy 
to escape and become gases.



  



  



  

If the liquid is in an open container, eventually all 
of the liquid will evaporate.

If the container is sealed, however, then the gas 
molecules will eventually collide with and reenter 
the liquid phase.



  



  

The evaporation and condensation processes will 
eventually reach equilibrium, and the 
concentration of gas particles becomes constant.

This concentration is referred to as 'vapor 
pressure', which is temperature dependent 
(increase with temperature).



  



  

At higher temperatures, more particles have 
enough energy to form gases.

These gas particles partially contribute to the total 
pressure of all of the gases present (atmospheric 
pressure under normal conditions).

So as the temperature is increased, the vapor 
pressure exerted by the evaporated liquid 
increases.



  



  



  

The boiling point occurs when this vapor pressure 
is equal to the total atmospheric pressure.

At higher altitudes, the atmospheric pressure is 
lower, so the boiling point of a liquid is lower than 
at sea level.

Water, for example, boils at 100 °C at sea level, 
but in Denver, Colorado, water boils at 95 °C.



  



  



  



  

Intermolecular Forces

Attractive forces between two molecules

Also used to refer to attraction between atoms or 
other small particles

Electrostatic based  –  weak attraction between 
opposite charges

Much weaker than covalent or ionic bonds



  



  

Dipole-dipole interaction – attraction between two 
polar molecules (+ on one dipole attracted to – on 
the other dipole, like a weak ionic bond)

Hydrogen 'bond' – Very strong dipole-dipole 
interaction.  

Occurs between a hydrogen bonded to a small, 
very electronegative atom (N, O or F) and 
unshared electrons on a small, very 
electronegative atom (N,O or F)



  



  



  



  

Ion-dipole interaction

Attraction between an ion and the oppositely 
charged end of a polar bond

When a solvent dissolves an ion, typically 
several polar molecules surround the ion to 
bring it into solution



  



  

Dipole-induced dipole interaction – As a dipole 
approaches another atom or molecule, it induces 
a weak temporary dipole in the other 
atom/molecule, which results in a weak attraction.

Induced dipole-induced dipole – As two non-polar 
atoms/molecules near each other, they induce 
weak temporary dipoles, resulting in a very weak 
attraction.  

Attraction due to induced dipoles are also called:
London forces
Weak forces
Van der Waals forces 



  



  



  

Bond Strength (strongest to weakest)

Covalent bonds
Ionic bonds

Ion-dipole attraction (~1/10 of ionic bond strength)
dipole-dipole attraction

Hydrogen 'bonding' – strongest dipole/dipole
London or Weak forces



  

Intermolecular forces account for many of the 
distinct properties of water:

Very high boiling point for such a small molecule, 
due to hydrogen bonding.

Very low vapor pressure for such a small 
molecule.

Excellent solvent – dissolves many polar 
molecules as well as many ionic compounds

Solid is lower density than liquid – in solid form 
the molecules form a lower density crystal to 
maximize the attractive hydrogen bonding



  



  



  



  

Surface Tension
Indicates how attracted a substance is to itself.
Due to intermolecular forces.
Liquids with large surface tensions have strong 
intermolecular forces.
Surface tension explains the meniscus of water 
in a glass tube.
A liquid forms 'beads' or droplets to minimize 
surface area and maximize intermolecular 
attraction
How well a liquid 'beads up' on a solid surface 
depends on:
The liquid surface tension
How attracted the liquid is to the surface
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