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Chapter 13 
 
I. Forces of Attraction (13.2) 
 

� Intramolecular forces? (forces within) 
 
 

� Intermolecular Forces? (forces between) 
 
 
A. Dispersion forces or London forces 

� Weak force that result from a 
temporary shifts in the density of 
electrons in electron clouds.  

� Occur between non-polar 
molecules 

� one part of molecule becomes 
temporarily (-) and repels 

electron in neighboring molecule so that end becomes (+) 
� charge distribution is constantly shifting, but net effect is an overall force of 

attraction between molecules 
� Forces 

greater 
with 
molecular 
size and 
molecular 
weight. 

 
 
 
 

� London dispersion forces depend on the shape of the molecule. 

• The greater the surface area available for contact, the greater the 
dispersion forces. 

  • London dispersion forces between 
spherical molecules are smaller than those 
between more cylindrically shaped molecules. 

  • Example:  n-pentane vs. neopentane.   
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B. Dipole-dipole forces 

� occur between polar molecules 
� effective only over short distances, force 

increases as distance decreases 
� forces increase with number of electrons, 

therefore, atomic mass increases force (directly 
related to number of electrons present)  

� greater force then dispersion forces 
� In dipole-dipole interactions, when molecules are 

approximately the same in mass and size, the strengths of the intermolecular 
attractions increase with increasing polarity.  

 
** Some generalizations:  
When molecules have comparable molecular weight and shape, the dipole forces are 
about equal. Any differences are due to differences in strengths of the dipole-dipole 
forces. The most polar molecules have the strongest attractions.  
 
When molecular weights are very different, dispersion forces have the greatest impact. 
The most massive molecules have the strongest interactions.  
 
C. Hydrogen Bond  

� Hydrogen "bonding" occurs between a 
Hydrogen atom in a polar bond (H-F, H-
O, or H-N) and an unshared electron pair 
on a nearby small electronegative atom or 
ion (usually F, O or N).  

� ☺ Generally, boiling point increases with 
molecular mass......(see worksheet) 

� a very strong type of dipole-dipole force 
(10 times stronger than dispersion forces) 
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Hydrogen bonding is 
responsible for:  
1. Protein stabilization and 
base-pair alignment in DNA. 
2. Why ice floats (less dense) 
3. High melting points, 
specific heat, boiling point, 
and heat of vaporization of 
water 

 
 

II. Liquids and Solids (13.3) 
A. Measurements of Liquids 

� Density & Compression 
– liquids denser than gas, 
and basically are not compressible. It is possible to compress liquids, but it would 
take an enormous amount of pressure.  

� Fluidity  – the ability to flow. Liquid are less fluid than gases and more fluid than 
solids.  

� Viscosity – a measure of the resistance of a liquid to flow. The stronger the 
intermolecular forces the higher the viscosity. A liquid flows by sliding molecules over 
one another. 

� When temperatures change what happens to the viscosity of the oil in your 
car?  

 
 
� What are there different blends of motor oil? 

 

� Surface Tension 

Bulk molecules (those in the liquid) are equally attracted to their 
neighbors.  
Surface molecules are only attracted inward towards the bulk molecules. 

Hydrogen bonds are a unique kind of 
dipole-dipole interaction. A bond 
with H and N, O, or F is quite polar. 
+ �  + �       + � 
H-N  H-O       H-F 
 
The small electron-poor hydrogen 
can approach an electronegative atom 
on a nearby molecule very closely, 
creating strong interactions.  
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Therefore, surface molecules are packed more closely than bulk molecules. 
This causes the liquid to behave as if it had a “skin”.   
Surface tension is the amount of energy required to increase the surface 

area of a liquid by a unit amount. 

Stronger intermolecular forces cause higher surface tension.   
 • Water has a high surface tension (H-bonding) 
 • Hg(l) has an even higher surface tension (there are very strong 
metallic bonds between Hg atoms).   
 

� What do soaps and detergents do to the surface tension? 
 
 
 
 
 
 
� Capillary Action  –  
Cohesive and adhesive forces are at 
play: 
• Cohesive forces are intermolecular 
forces that bind molecules to one another. 
• Adhesive forces are intermolecular forces that bind molecules to a 
surface. 
• Illustrate this by looking at the meniscus in a tube filled with 
liquid.   
• The meniscus is the shape of the liquid surface.   
• If adhesive forces are greater than cohesive forces, the liquid 
surface is attracted to its container more than the bulk molecules.  
Therefore, the meniscus is U-shaped (e.g., water in glass). 
• If cohesive forces are greater than adhesive forces, the meniscus is 
curved downwards (e.g., Hg(l) in glass) 
• Capillary action  is the rise of liquids up very narrow tubes.   
 • The liquid climbs until adhesive and cohesive forces are balanced 
by gravity.  
 
 

B. Measurements of Solids 
� Density– Strong intermolecular forces keep solids densely 

packed. 
� Crystalline Solids – a solid whose atoms, ions, or 

molecular are arranged in an 
orderly, geometric, three-
dimensional structure. In ionic 
solids remember the unit cell 
repeats to form a crystal lattice 
framework.  

 
 
 

Simple cubic unit cell 
Body-centered cubic unit cell 
Face-centered cubic unit cell 
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Amorphous solid – a solid where the particles are not arranged in a regular, repeating pattern. 
Amorphous means “without shape.” Amorphous solids have intermolecular forces that vary in 
strength. Thus they tend to melt over a range of temperatures.   Examples include: glass, 
rubber, and plastics.    

 III. Phase Changes 13.4  
Phase changes are changes of state.  Matter in one 

state is converted into another state.   
• Sublimation: solid � gas. 

• Melting or fusion: solid � liquid. 
• Vaporization: liquid � gas.  
• Deposition: gas � solid.  
• Condensation: gas � liquid. 
• Freezing: liquid � solid. 
 

 

The following sequence is endothermic:  
heat solid � melt � heat liquid � boil � 

heat gas 
 

The following sequence is exothermic:  
cool gas � condense � cool liquid � 

freeze � cool solid 

 

 

 

 

Heating Curves 

Plot of temperature change versus heat 
added is a heating curve. 

• During a phase change adding heat 
causes no temperature change. 
• The added energy is used to break 
intermolecular bonds rather than cause a 
temperature change.   
• These points are used to calculate ∆Hfus 
and ∆Hvap. 

 

 

 

Energy Changes Accompanying Phase Changes 

Each state of matter can change into either of the other two states. Every phase change is 
accompanied by an energy change.  

 

Melting or fusion: ∆Hfus = heat of fusion (energy required to melt in kJ/mole) 
Vaporization: ∆Hvap = heat of vaporization (energy required to vaporize in kJ/mole) 
Sublimation: ∆Hsub = heat of sublimation (energy required to sublime in kJ/mole) 
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Generally the heat of fusion (melting) is 
less than heat of vaporization: 

 • It takes more energy to completely 
separate molecules, than to partially 
separate them. 

• All phase changes are possible under the 
right conditions (e.g., water sublimes 
when snow disappears without forming 
puddles). 

 

 

 

 

Vapor Pressure 
Explaining Vapor Pressure on the Molecular Level 
Molecules can escape from the surface of a 

liquid into the gas phase by vaporization 
or evaporation. If temperature stays 
constant, the pressure of a vapor in a 
closed container will become constant; 
this is called vapor pressure. It is the 
pressure exerted by the liquid’s vapor 
when the liquid and the vapor states are 
in dynamic equilibrium.   

 

 

At any instant, some surface molecules have 
enough kinetic energy to escape the 
attractive forces of nearby molecules and 
enter the gas phase. The weaker the forces, more molecules can escape and the substance has a 
higher vapor pressure. Substances with high vapor pressure like gasoline or alcohols evaporate 
easily, and are called volatile. Vapor pressure increases with increasing temperature.  

 

Vapor Pressure and Boiling Point 
Liquids boil when the external pressure at the liquid 

surface equals the vapor pressure. 
 • The normal boiling point  is the boiling point at 

760 mm Hg (1 atm). 
  Two ways to get a liquid to boil: 
 • Increase temperature or decrease pressure. 
 • Pressure cookers operate at high pressure.   
 • At high pressure the boiling point of water is 

higher than at 1 atm.   
 • Therefore, food is cooked at a higher 

temperature. 
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Critical Temperature and Pressure 
A gas liquefies at some point when pressure is applied to it, but at some point the temperature is 

so high that no amount of pressure will get it to liquefy. The highest temperature at which a 
distinct liquid phase can form is the critical temperature. The critical pressure is the 
pressure required for liquefaction at this critical temperature. 

 
Nonpolar, low molecular 

weight substances have 
lower critical temperature 
and pressures. Water and 
ammonia have very high 
critical temperatures and 
pressure because of strong 
hydrogen bonding forces.  

 

 

Phase diagram:  
plot of pressure vs. temperature summarizing all equilibria between phases. 

Phase diagrams tell us which phase will exist at a given temperature and pressure. 
Features of a phase diagram include: 
 • Vapor-pressure curve: generally as temperature increases, vapor pressure increases. 
 • Critical point: critical temperature and pressure for the gas. 
 • Normal melting point: melting point at 1 atm. 
 • Triple point : temperature and pressure at which all three phases are in equilibrium.  
 • Any temperature and pressure combination not on a curve represents a single phase. 

 


