Name: __________________

Intermolecular Forces and Properties
Unit 3

(sev e n cl a s s per i o d s )

Unit 3.1: Intermolecular Forces
1) Intermolecular forces (IMFs)
a) The attraction between molecules that are responsible for a substances state of matter
b) The stronger the IMF the higher the melting point of a solid, the higher the boiling point of the liquid, the
stronger the surface tension, the stronger the cohesive and adhesive forces.
c) London Dispersion Forces (LDs)
i) The weakest attraction
ii) Based on the dispersion of electrons. At any given movement the electrons
could pile up on one side of the atom producing a momentary dipole
iii) The more electrons an atom/compound has the stronger these forces
become (atoms are more polarizable).
(1) This is why chlorine, iodine, and bromine while all in the same family exhibit different states of matter.
All are diatomic (Cl2, I2, and Br2), however chlorine is a gas, bromine is a liquid, and iodine is a solid
because chlorine with only 34e- has weaker LDs than bromine, which has 70 e-. and iodine with 106ehas the strongest LDs due to the sheer number of electrons that can pile up one side of the atom or the
other.
iv) Induced dipole forces -- If one atom either develops,
or already possess a dipole, it can force the atoms
around it to also develop a dipole by repelling the
electrons around its negative pole (-) and attraction
them towards it’s positive pole (+)

d) Dipole-Dipole interactions
i) Atoms with a dipole moment will interact with each other by the
attraction of their negative pole (-) and positive pole (+)
ii) This explains why molecules with very few electrons, such as
NH3, have more condensed states of matter (liquid at room
temperature for NH3)
e) Hydrogen bonds
i) NOT ACTUAL BONDS!!!!
ii) The strongest of all IMFs
iii) When hydrogen is bonded to highly electronegative atoms (N, O, and F) it causes H to
develop a very strong partial positive, and N, O, or F to develop a strong partial
negative.
iv) Thus H, has a strong attraction for any neighboring N, O, or F bound to a H.
v) The more lone pairs that N, O, or F have the more sites for this attraction to bond to.
vi) This is why HF with an insanely small number of electrons (10) has a relatively high
boiling point.

2) States of matter
a) Solid (s)
i) Have the strongest attraction (IMFs) between their particles
ii) Strong attraction keeps the particles in fixed positions and thus they have a definite shape
iii) Strong attraction keeps the particles as close together as possible so they have a definite volume
b) Liquid (l)
i) If you heat up a solid, the particles vibrate faster and
faster and eventually their attractions weaken, thus
making a liquid
ii) Have the strong attraction (IMFs) between their
particles
iii) Strong attraction keeps the particles as close together
as possible so they have a definite volume
iv) Their weaker attractions allow the particles to move
around one another and thus they fill the container
they are in, and have no shape
v) Due to their strong intermolecular forces but mobile particles liquids have some unique properties
(1) Surface Tension --Molecules on the interior attract molecules on the outside forming a literal barrier.
This attraction for internal molecules gives liquids a “surface.” You can see this when water beads up
(2) Viscosity – a resistance to flowing. Molecules of different liquids have various strengths of
intermolecular forces which hold them together with varying degrees of strength. If a substance has
strong intermolecular forces it will stick together more and be viscous. This can be overcome with
increased temperature
(3) Capillary action – moving against gravity due to two properties
(a) Adhesion – attraction for other substances
(b) Cohesion – attraction to itself
(c) This is what causes water to travel up toilet paper if part of it gets wet. The
water in the bowl is attracted to the cellulose molecules of the paper and
attach to them filling in the space between them. Since water is also
attracted to itself it piggy backs on water molecules and those attach to
other cellulose molecules in the toilet paper. This also is what causes water
to from a meniscus in a graduated cylinder
c) Gas (g)
i) If you heat up a liquid, the particles move faster and faster and eventually their attractions break, thus
making a gas
ii) Have NO attraction (IMFs) between their particles
iii) With no attraction between their particles gases disperse throughout their container and have no definite
volume or shape
(1) Since the particles are small, there is a near infinite amount of space between each particle allowing
them to be compressed easily
iv) The Kinetic Molecular Theory
3) Kinetic Molecular Theory
a) Theories of how the molecules of a gas interact to cause the properties of a gas
b) SIX key ideas
i) Gases are comprised of mostly empty space – gas molecules are infinitesimally small and occupy next to no
volume compared to the space between them/

ii) It takes a large number of gases to amount to any measureable quantity – since gases are so spread out,
having only a few molecules would be very difficult to track, so most gases are made up of large number of
particles spread over a vast area
iii) Gases have no* attracted forces – the molecules of a gas are spread so much so from one another that they
do not attract each other in any way
*this is not entirely true, gases do have attractive forces (IMFs) but due to the vast difference between their molecules, they tend to have negligible attraction for one another. However, if you increase the pressure on a gas, and push those
molecules closer together you can cause those attractive forces to take over, thus a gas can condense

iv) When gases collide their collisions are elastic – when a gas strikes a substance it rebounds with the exact
same energy, thus energy is conserved
v) Gases are in constant motion – since they have no attractive forces they never stop moving and since their
collisions are elastic they only slow down when cooled
vi) The average kinetic energy of all the particles of a gas is proportional to its temperature in kelvin –
K = oC + 273

Heat

c) Gases that obey ALL the postulates of the kinetic molecular theory are called ideal gases
i) This is most gases held at high temperature and low pressures
d) Behavior of a gas
i) Diffusion – any substance, including gases, will move from an area where there
is a large concentration of it to an area where there is little
ii) Effusion – diffusion through a narrow opening; it is inversely proportional to the
molar mass of the gas; meaning larger gases effuse slower
4) Phase Change
a) Melting (+Hfus) – also known as Fusion; requires energy. A solid becomes a
liquid
b) Freezing (-Hfus) – also known as solidification; releases energy. A liquid
becomes a solid
c) Vaporization (+Hvap) –requires energy. A liquid
becomes a gas
d) Condensation (-Hvap) – releases energy.
A gas becomes a liquid
e) Sublimation (+Hsub) –requires energy. A
solid becomes a gas
f) Deposition (-Hsub) – releases energy. A gas
becomes a solid

Unit 3.2: Gas Laws
1) Pressure
a) A measure of how much force is pushing on a specific area
b) On a molecular level -- Collisions with walls of the containers
c) At sea level there are 14lbs of air pushing down on you
2) Units of pressure
a) Evangelista Torricelli
i) Italian physicist & mathematician
ii) Grand Duke of Tuscany attempted to raise H2O 12m but the H2O would not go above
10m
iii) Used mercury to show that pressure is related to elevation
iv) At sea level the mercury moved up 760mm (thus 760mmHg) -- 1mmHg became known as
a torr
b) Blaise Pascal
i) French mathematician
ii) Replicated Torricelli’s experiment
iii) Was interested in the vacuum Something that
didn’t “exist” at the time
iv) Decided that some form of air pressure was holding the mercury up
v) Used newtons (force) per square meter (area) to describe air pressure
vi) 1N/m2 = 1Pa  very little
c) Conférence Générale des Poids et Mesures
i) General conference on weights and measurements
ii) 50’s everyone was using different units (very confusing)
iii) Agreed that the pressure at sea level in Paris, France would forever be 1 atm

760mmHg = 760torr = 101.3kPa = 1atm
Example 1: The pressure at the bottom of the
Marianas trench is 1600
many atm is this?

𝑙𝑏𝑠
𝑖𝑛𝑐ℎ 2

5

(1.1x10 kPa). How

The pressure outside of an airplane at it’s cruising
altitude of 30K ft is 226 mmHg, what is this in torr,
and Pa?

d) Pressure can actually compress matter into more compressed forms (gas to liquid to solid)

3) Vapor pressure
a) Substances on the surface that break from their IMFs to form a vapor
b) When a substances vapor pressure exceeds atmospheric pressure it boils
Example 2: Given the graph, which substance has the lowest boiling point? Which substance has the strongest
intermolecular forces?

101.3 KPa

4) Daltons Law
a) John Dalton
i) English Chemist, physicist, and meteorologist
ii) Pioneered atomic theory (that Dalton)
b) The pressure of a system of gasses is equal to the partial pressures of the
gasses in it.
c) Two different formulas, one idea
𝑇
i) The sum of all the partial pressures equals the total
pressure
𝑎
ii) The partial pressure of a gas can be found by
multiplying the total pressure by the mole fraction

𝑃 = 𝑃1 + 𝑃2 + 𝑃3 +. ..
𝑚𝑜𝑙𝑎
𝑃 = 𝑃𝑇 (
)
𝑚𝑜𝑙 𝑇

Example 3: In a mixture of 3 gasses with a total
pressure of 10atm, if the partial pressure of gas A is
5.0atm, and gas B is 3.4atm, what is the partial
pressure of gas C?

Breathable air is 16% oxygen. What is the partial
pressure of oxygen at standard conditions in torr?

5) Boyles Law
a) Robert Boyles
i) Irish natural philosopher,
chemist, physicist and inventor
ii) Pressure increases as volume
decreases
iii) Mathematically
(1) 𝑃𝑉 = 𝑅
(2) Since R is a constant, if pressure were to change volume must change with it thus:

𝑃1 𝑉1 = 𝑃2 𝑉2

Example 4: A balloon is filled to 500mL with 1atm of
air, when placed in a vacuum the balloon increases
to 1000mL, what is the pressure in the vacuum?

A hot air balloon is filled at STP with 50L of nitrogen
gas, at an altitude of 30K ft the pressure in the
balloon drops to 226mmHg, what is the new volume
of the balloon if it’s temperature remains constant.

6) Charles Law
a) Jacques Alexandre César Charles
i) French inventor, scientist,
mathematician, and balloonist
ii) Pioneered hot air ballooning
(with hydrogen!)
b) Volume of a gas increases with temperature (your temperature must be in kelvin!)
c) Mathematically

𝑉1
𝑇1

i)

=

𝑉2

-or- 𝑉1 𝑇2 = 𝑉2 𝑇1
𝑇2

𝑉

V = RT --or-- 𝑇 = 𝑅

ii) Since R is constant if volume changes then R must change thus:
Example 5: A gas fills a balloon at a volume of 3.5L at
STP. If pressure remains constant but the balloon is
heated to 25oC, what is the new volume of the
balloon?

When a balloon is inflated at 1atm with 300mL of air
at 27oC is dropped into a pool of liquid N2, the
volume drops to 76.9mL. What is the temperature
of liquid nitrogen in oC

7) Gay-Lussac’s Law
a) Joseph Louis Gay-Lussac -- French chemist and physicist
b) Pressure increases with temperature
c) Mathematically
i)

𝑃 = 𝑅𝑇

𝑃
--or-𝑇

=𝑅

𝑃1
𝑇1

=

𝑃2
𝑇2

-or- 𝑃1 𝑇2

ii) Since R is a constant if temperature changes pressure must change as well so:

= 𝑃2 𝑇1

8) The combined gas law
a) All three gas laws run together
b) Since R is a constant if one of the variables changes
then the others must match so:

𝑃1 𝑉1 𝑃2 𝑉2
=
𝑇1
𝑇2
𝑃1 𝑉1 𝑇2 = 𝑃2 𝑉2 𝑇1
Example 6: A toy balloon has an internal pressure of 1.05 atm and a volume of 5.0 L. If the temperature where the
balloon is released is 20° C, what will happen to the volume when the balloon rises to an altitude where the pressure
is 0.65 atm and the temperature is –15° C?

9) Avogadro’s Hypothesis
a) If you have equal volumes of gas at all the same pressure and temperature, then they contain the same number
of molecules
b) Thus pressure is related to the number of moles of gas (n)
c) So: P=nR or

𝑃
𝑛

=𝑅

10) The ideal gas law
a) If we combine everything we’ve learned (Charles, Boyles, Gay-Lussac, and
𝑃𝑉

Avogadro) into one formula we would get: 𝑛𝑇 = 𝑅
b) R is a constant known as the ideal gas constant:
i)

𝐿·𝑎𝑡𝑚

0.08206 𝑚𝑜𝑙·𝐾
𝐿·𝑘𝑃𝑎

ii) 8.31𝑚𝑜𝑙·𝐾
𝐿·𝑚𝑚𝐻𝑔
𝑚𝑜𝑙·𝐾

iii) 62.4

c) Again your temperature MUST be in kelvin!
𝑅 = 0.0821

𝑎𝑡𝑚 ∙ 𝐿
𝑡𝑜𝑟𝑟 ∙ 𝐿
𝑘𝑃𝑎 ∙ 𝐿
= 62.4
= 8.31
𝑘 ∙ 𝑚𝑜𝑙
𝑘 ∙ 𝑚𝑜𝑙
𝑘 ∙ 𝑚𝑜𝑙

Example 7: How many moles of gas does it take to
occupy 120L at a pressure of 2.3 atm and a
temperature of 340K?

If I have a 50mL container that holds 0.45 moles of
gas at a temperature of -15oC , what is the pressure
in the container?

11) Deviations from the ideal gas law
a) ALL gases deviate from the ideal gas law, and the easiest value to see this deviation is in a gas’ volume
(1) gas molecules do occupy space therefore the volume of a gas is always SLIGHTLY larger than calculated,
especially if that gas is a large molecule
(2) all molecules do exhibit some intermolecular forces, and the stronger those forces the more they will
compress a gas below calculated values
b) gases are only ideal under extreme circumstances: high temperature, and low pressures

c) Molar Mass – the ideal gas law can be rewritten to provide the molar mass of
𝑔
a gas provided it’s density ( ⁄𝑚𝐿) volume needs to be in liters so R cancels out
Example 8: A certain reaction occurs, producing an oxide of nitrogen as a gas.
The gas has a mass of 1.211 g and occupies a volume of 677 mL. The
temperature in the laboratory is 23°C and the air pressure is 0.987 atm.
Calculate the molar mass of the gas and deduce its formula. Assume the gas
is ideal.

𝐷𝑅𝑇
𝑀𝑀 =
𝑃

Unit 3.3: Solutions
1) Solution -- a homogenous mixture of two or more pure substances
a) Solvent – the substance in largest concentration, it is what “does” the dissolving
b) Solute – the substance(s) in smaller concentration, it is what is dissolved
c) The state of matter of the solvent typically determines the state of matter of the solution
d) Dissolving is done based on attractions (like dissolves like)
i) Polar compounds can attract each other and thus pull other polar
compounds into the solution, however they would have no such attraction
to
nonpolar compounds
(1) Ionic compounds, with a truly positive and negative charge, would
be attracted to the partial positive and negative sides of a polar
compound thus pulling them apart in a process known as
solvation
ii) Nonpolar compounds attract other nonpolar compounds and thus pull them into solution, however they
would be repelled by polar compounds
e) Solutions are typically clear (exceptions exist in which a salt contains a transition metal cation such as copper or
cobalt)
f) Solutions cannot be filtered as the solute is typically held on an atomic level by the solvent, however they can be
separated by boiling point (evaporate the water) or by crystallization (cool them below their saturation point)
2) Solubility
a) Since solubility occurs when molecules collide, increasing the rate of collisions will increase how much quickly
the solute dissolves
i) Stirring
ii) Increasing solute surface area
iii) Increasing temperature
b) Since the molecules of solvent have to move between the molecules of solute energy is absorbed (endothermic
process), thus increasing temperature shifts the reaction towards the products, causing the solute to dissolve
faster
c) Factors that affect solubility
i) Temperature – most solids become more soluble with increased temperature
ii) Pressure – gasses become more soluble with higher pressures
3) Solubility curves
a) Shows the solubility of a substance, how many grams will
dissolve, as temperature increases
b) The line – the maximum amount of substance that 100
grams (or 100 mL) of water can dissolve. This is known as
a saturated solution
c) Below the line -- there is still enough “space” for more
solute to dissolve. This is known as an unsaturated
solution
d) Above the line – there is too much solute for the solvent
to keep separated and so particles of the solute recollect
this causes the solution to be either cloudy or to have a
solid at the bottom known as a precipitate. This is known as a supersaturated solution.
e) Keep in mind these graphs are for 100 g of water, or 100 mL of water. If asked about a larger volume, then the
amount that would dissolve increases proportionally.

4) Solutions are discussed in terms of how much solute is present, as the solute is usually the reactive portion of the
substance
a) Molarity (M) -- the number of moles for each liter of solution
i) MOST COMMON!
𝑠𝑜𝑙𝑢𝑡𝑒
ii) can be calculated from grams of solute and milliliter of
solution

𝑚𝑜𝑙
𝑀=
𝐿𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛

Example 9:
What is the molarity of a solution of 100mL of water
and 36g of hydrochloric acid(HCl)?

How many grams of sugar (C12H22O11) are in 500mL
of a 0.5M solution?

iii) To make a solution using molarity you:
(1) Mass out the amount of solute you will need
(2) Pour into a volumetric flask
(3) Dissolve the solute in solvent
(4) Fill the volumetric flask to the correct volume

b) Molality (m) – since the volume of liquid changes with
temperature, molarity is not always the best. For more
accurate concentrations during a temperature change we use
molality
c) Mole fraction () – a ratio of the moles of solute to the moles of
solvent. Useful when there is more than one solute (such as
gas systems or alloys)
d) Percent by mass (%) – common in the real world, can be by
mass or by volume. For solids, like alloys, this is by mass, for
liquids, such as alcohol, it is by volume.
e) Parts per million (ppm) – another common real world
concentration unit. Similar to percent, however out of 100 it is
out of 106 (a million).

𝑚=

𝜒=

𝑚𝑜𝑙𝑠𝑜𝑙𝑢𝑡𝑒
𝐾𝑔𝑠𝑜𝑙𝑣𝑒𝑛𝑡

𝑚𝑜𝑙𝑠𝑜𝑙𝑢𝑡𝑒
𝑚𝑜𝑙𝑠𝑜𝑙𝑢𝑡𝑒 + 𝑚𝑜𝑙𝑠𝑜𝑙𝑣𝑒𝑛𝑡

%=

𝑚𝑎𝑠𝑠𝑠𝑜𝑙𝑢𝑡𝑒
× 100
𝑚𝑎𝑠𝑠𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛

𝑝𝑚 =

𝑚𝑎𝑠𝑠𝑠𝑜𝑙𝑢𝑡𝑒
× 106
𝑚𝑎𝑠𝑠𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛

Example 10a:

Example 10b:

What is the molality of a solution made from 100.mL
water and 5.0g sodium chloride (NaCl?)

What is the concentration of a solution made from
0.4 mol benzene in 1.6mol naphaline?

Example 10c:

Example10d:

What mass of sugar is in 25og of 10% sugar water?

A solution is made of 20g salt and 100mL water,
what is the ppm salt?

5) Dilutions
a) Adding solvent to lower the concentration of the solute. Since the amount of solute doesn’t change this
effectively lowers the concentration by raising the volume
b) We can find the volume of concentrated needed to dilute to a
final volume using the formula
c) This tells use the concentration of the concentrate (M1) and
1 1
2 2
volume of concentrate (V1) needed to be added to solvent,
usually water. To create a dilute concentration (M2) with a final
volume(V2)
i) If asked about how much water was added subtract V2-V1
d) To make a dilution
i) Obtain the volume of concentrate needed (V1)
ii) Place in a volumetric flask
iii) Fill to a final volume (V2)

𝑀 𝑉 =𝑀 𝑉

Example 11:


What volume of a 3.0M KI solution would you use to make 0.300L of a 1.25M KI solution?



How many milliliters of a 5.0M H2SO4 stock solution would you need to prepare 100mL of a 0.25M H2SO4?

How much water would you need to add to your 5.0M stock solution?



If you dilute 20.0mL of a 3.5M solution to make 100mL of solution, what is the molarity of the dilute
solution?

6) Types of solutions
a) Solution – a homogenous mixture of two or more substances with
similar sized particles. Solvents hold the solutes and the two will not
separate except by physical processes (boiling). Since both particles
are usually quiet small the mixture allows light to pass through it easily
b) Colloid – a mixture of two substances with large differences in their
particles size. The solute is large enough that it causes light to refract
(tyndall effect). The solute and solvent are inseparable except by
physical properties (boiling). An example of this is fog
c) Suspensions – a heterogenous mixture which when agitated appears to be a solution, however over time they
separate. These are not true solutions, and typically have instructions such as: ”shake before use.”

Unit 3.4: Laboratory techniques
1) Gravimetric analysis
a) The formation of a precipitate is a driving force for a chemical reaction. A precipitate is an insoluble solid that is
formed when two aqueous solutions are mixed. We often separate the precipitate (ppt) from solution by
filtration in what is called a gravimetric analysis.
b) To identify the precipitate, you MUST know your solubility rules

Example 12:

Using the solubility rules, predict what will happen when the following pairs of solutions are mixed.
a. KNO3(aq) and BaC12(aq)

b. Na2SO4(aq) and Pb(NO3)2(aq)

c. KOH (aq) and Fe(NO3)3(aq)

2) Chromatography
a) A line of the mixture to be separate
is placed at one end of a sheet of
porous paper.
b) The paper acts as a wick to draw up
the liquid.
c) The component with the weakest
attraction for the paper travels
faster than those that cling to the
paper.

3) Distillation
a) Separation of a solution based
on boiling point
b) Utilized to separate liquids
c) A solution is heated and a
component reaches its boiling
point, thus it begins to
vaporize
d) It reaches the condenser and
cools below its boiling point
returning to a liquid
4) Determination of concentration by Beers Law
a) a Colorimeter, or a spectrophotometer measures the transmittance /
absorbance of light as it passes through a solution
b) The amount of light transmitted by a colored solution is proportional
to its concentration. (Beers’ Law)
c) A higher concentration of the colored solution absorbs more light
(and transmits less) than a solution of lower concentration. The
Colorimeter monitors the light received by the photocell as
percent transmittance. Once the setting for the colorimetric
device is established
d) The amount of light that penetrates the solution and strikes the
photocell is used to compute the transmittance of each solution.
e) The transmittance will subsequently be converted into
absorbance.
f) You ALWAYS use the wavelength with the greatest absorbance!

𝐴 = 𝑎𝑏𝑐

A = absorbance
a = molar absorptivity
b = path length
c = concentration

Use this 

Example 13:

Calculate the concentration of a solution having an absorbance equal to 0.600 and a molar absorptivity
constant of

5.00×10−3
𝑐𝑚 𝑀

with a path length of 1.0 cm.

5) Photoelectric effect – the observation that many metals will emit electrons
when bombarded with photons of light; this is the principle behind solar cells
a) James Maxwell developed an elegant mathematical theory in 1864 to
describe all forms of radiation in terms of oscillating or wave-like electric
and magnetic fields in space.
i) electromagnetic radiation—UV, visible light, IR, microwaves, television and
radio signals, and X-rays
ii) wavelength (λ)—(lambda) length between 2 successive crests.
iii) frequency (υ)—(nu in chemistry; f in physics—either is OK), number of cycles
per second that pass a certain point in space (Hz-cycles per second)
b) amplitude—maximum height of a wave as measured from the axis of propagation
c) nodes—points of zero amplitude (equilibrium position); always occur at λ/2 for
sinusoidal waves
d) velocity—speed of the wave
e) Notice that λ and υ are inversely proportional. When one is large, the other is small

𝐸 = ℎ𝑣
𝑐 = 𝑣

E = energy
h = planks constant (6.626x10-34Js)
v = frequency
 = wave length
c = speed of light (2.998x108𝑚⁄𝑠)

Example 14:

The brilliant red colors seen in fireworks are due to the emission of light with wavelengths around 650 nm
when strontium salts such as Sr(NO3)2 and SrCO3 are heated. (This can be easily demonstrated in the lab
by dissolving one of these salts in methanol that contains a little water and igniting the mixture in an
evaporating dish.) Calculate the frequency of red light of wavelength 6.50 × 102 nm.

Type of force

Relative strength
to other IMFs
weakest

London-dispersion
(induced dipole-induced dipole)

Intermolecular forces
(van der waals forces)

Dipole-induced dipole

Ion-induced dipole

Dipole-dipole

Intramolecular forces

Hydrogen bonding

Covalent bonds

Ionic bonds
Strongest

What determines strength?

When does it happen?

Why does it happen?

Type of force

London-dispersion

Picture

Type of force

(induced dipole-induced
dipole)

Dipole-dipole

Dipole-induced dipole

Hydrogen bonding

Ion-induced dipole

Picture

States of matter and Kinetic Molecular Theory
State of matter
Draw a particle sketch of each state of matter
Solid (s)

Liquid (l)

Gas (g)

Kinetic molecular theory
Draw a particle sketch which is representative of each postulate of the kinetic molecular theory and write a brief
description
Postulate

Picture

Postulate

Picture

Gasses are most ideal under what conditions? ______________temperatures and __________________pressures

Grahams law of effusion
When balloons are filled with helium, it is rarely pure helium that is stored in the tank. It is often a mixture of helium,
and common air. The resulting solution has the following break down once a balloon is full:
 40% He
Slowest
fastest
 40% N2
 10% O2
_________<_________<_________<_________<_________
 5% Ar
 5% CO2
Balloons are porous, thus these gases begin to effuse out. Rank them in order of the rate at which they would effuse

Converting Units of Pressure Worksheet:
1) 6.67 atm  kPa

11) 5.9 atm  kPa

2) 242 mmHg  atm

12) 317 mmHg  atm

3) 54.3 kPa  torr

13) 72.6 kPa  torr

4) 639 mmHg  torr

14) 873 mmHg  torr

5) 8.7 atm  Pa

15) 3.8 atm  Pa

6) 1.95 atm  kPa

16) 3.77 atm  kPa

7) 468 mmHg  atm

17) 329 mmHg  atm

8) 53.7 kPa  torr

18) 85.6 kPa  torr

9) 687 mmHg  torr

19) 741 mmHg  torr

10) 9.4 atm  Pa

20) 4.63 atm  Pa

Gas Laws
Dalton’s Law
1. A student collects 90mL of butane over water at 27oC. If the pressure of the sample is 0.948 atm, what is the dry
partial pressure of the butane (𝑃𝐻𝑂 =0.037atm)?

2. A sample of gas contains 0.15 mol Ar, 0.23 mol He, and 0.40 mol N2. If the total pressure of the sample is
4.00atm, what is the partial pressure of each gas?

Boyles Law
1. What volume would 125mL of 25.0oC gas occupy at STP?

2. What pressure would 130mL of a gas at 740 torr exhibit if all of it were transferred to a 50mL container,
assuming temperature is constant?

Charles law
1. If a gas occupies a volume of 5mL at 27oC, what volume would it occupy at -5oC?

2. At 100oC water vapor occupies 47.3mL, at STP what volume would it occupy?

Combine gas law
1. If 120mL of dry oxygen are collected at 27oC and 740mmHg, what volume would the gas occupy at STP?

2. At standard conditions a balloon is filled to a volume of 5 L, what volume would the balloon occupy at an
altitude where the pressure decreases to 0.5 atm, and the temperature drops to 0oC?

The ideal gas law
1. How many mol CO2, are in a sample of gas at 25oC, and 3atm, if it occupies 153mL?

2. An equal amount of two gasses (Ar and N2), if the sample occupies 50mL, with a pressure of 1.05 atm at 25oC,
how many grams of each gas are present?

3. What is the identity of a common gas that has a density of 1.43 g L-1 at STP?

4. What is the density of sulfur dioxide at STP, if at 25oC and 755 torr it has a density of 2.93 g L-1

P 13.3 (pg 1 of 3)
1.

Imagine you have a sealed 20.0 L balloon filled with helium gas at 750 mmHg in the house at 25ºC.
a. If you brought it outside on a winter day and its temperature dropped to -10ºC. Determine the volume of the balloon.
Assume that the pressure in the balloon will stay constant.
b.

2.

Combined Gas Law (“Before & After” Problems)

Then if you bring the same balloon into a sauna at 35ºC, what would the volume of the balloon become?

If you have a sealed syringe set up like the picture on the right and you have 5 ml of gas that weighs 0.0034 g
inside at 45ºC and 1 atm pressure. When you draw the syringe back to a volume of 20 ml and cool the gas to
30ºC,
a. What will be the mass of the gas?
b.

gas

What will be the pressure of the gas inside the syringe?

3.

If you had a closed 10 L container of gas at 2 atm pressure and 20ºC, and you reduced the volume to 4 L what would the
temperature of the gas need to be, to be sure that the pressure increased to 5 atm?

4.

If you had the same 10 L container of gas at 2 atm pressure and 20ºC, and you reduced the volume to only 8 L what would
the temperature of the gas need to be, to be sure that the pressure increased to 5 atm?

5.

A sample of air in a sealed rigid container is at 30ºC to what temp in celsius do you have to heat it to double the pressure?

6.

If you had 3 moles of gas in a rigid container at 20ºC and 5 atm pressure and you wanted to double the pressure while
maintaining a constant temperature, how many moles of gas should you squirt in?

7.

If you have 18.0 g of gas in a 5.0 L glass flask at 10ºC and 3 atm pressure what mass of gas do you need to release so that the
pressure will drop to 1 atm

8.

The two sealed containers shown at the right are at the same temp and pressure, how many
molecules must be in the gray container?

9.

The same containers as shown to the right, but this time the pressure in the right container is twice
that of the left container, how many molecules must be in the gray container?

P 13.4

(pg 1 of 2 )

Ideal Gas Law & Density

Please note that both mm Hg and atm are used as units of pressure. It is a simple conversion: 760 mm = 1 atm
1.

Given 3.43 g of gas in a 2.00 L container at 25.0ºC and a pressure of 1140 mm Hg:
a. Determine the number of moles of gas in the container.
b. Recalling that molar mass (molecular weight) is nothing more than a quotient of grams per mole (mass/moles), determine the molar
mass of this gas.
c. What might be the identity of this gas?

2.

A 3.0 L flask at 30.0ºC contains 0.250 mole of Cl2 gas.
a. What is the pressure in the flask?
b. What is the mass of the gas in the flask?
c. What is the density of the chlorine gas in this flask?

3.

A 500.0 ml flask contained O2 gas at 25.0ºC at a pressure of 4.5 atm.
a. What is the number of moles in the flask?
b. What is the mass of the gas in the flask?
c. What is the density of the oxygen in the flask

4.

A 5.0 L flask of carbon dioxide gas at a pressure of 4.54 atm had a mass of 36 g?
a. How many moles of gas are in this flask?
b. What is the temperature, in Kelvin and ºC, of the gas in this flask?

5.

How large of a metal gas canister would you need to contain 20.0 moles of compressed gas at a pressure of 22 atm and at room
temperature, 25.0ºC?

6.

The density of SO2 gas n a container at room temperature, 25.0ºC is 2.51 g/L.
a. Determine the number of moles of 1.00 L of this gas.
b. Determine the pressure in this flask.

7.

Determine the density of O2 at STP.

Name: ______________________________________

20 Pts.

Chemistry worksheet: Solution Concentration
Show all your work with proper units and sig figs. Box final answer!
a.) Calculate the molarity of a solution that contains 13.50g
of Mg(C2H3O2)2 in 250.0 ml of solution.

h.) 2.00g of Mg(ClO3)2 is dissolved into 30.0 ml of solution.
What is the Mg2+ and ClO3- ion concentration?

b.) A solution is prepared by dissolving 10.0g of camphor in
130.0 g of toluene. What is the mass percent of this
solution?

i.) What volume of a 0.500 M Co(NO3)2 solution is needed
to prepare 200.0 ml of a 0.150 M Co(NO3)2 solution?

c.) Find the molarity of a solution that contains 0.250g of
sodium dichromate in 100.0 ml of solution.

j.) 10.00 ml of a 0.714 M iron(III) acetate solution is diluted
to a new volume of 50.0 ml. What is the new molarity of
the solution?

d.) What is the molality of a solution that contains 2.00
grams of sodium phosphate in 812 g of water?

k.) What mass of vitamin C (formula mass 176 g/mol) is
needed to prepare a 350.0 ml of a 0.115 M vitamin C
solution?

e.) 23.0 g of potassium iodate is dissolved into 360 ml of
solution. What is the molarity of this solution?

l.) Calculate the percent by mass of a solution that contains
8.60g of sodium biphosphate salt in 155.0g of water.

f.) How many grams of CaCl2 are needed to prepare 300.0
ml of a 0.450M solution?

m.) How many grams of nickel(II) nitrate are needed to
prepare 200.0 ml of a 0.125M solution?

g.) 50.0 ml of a 2.5M sulfuric acid solution is diluted to a
new total volume of 3250 ml. What is the new molarity
of this solution?

n.) 1.20g of 4-nitro-2-tolueneulfonic acid dihydrate (M.M.=
253 g/mol) is dissolved into 50.0g of water. What is the
molality of the solution?

Dilutions Worksheet
1. If I add 25 mL of water to 125 mL of a 0.15 M NaOH solution, what will the molarity of the diluted solution be?

2. If I add water to 100 mL of a 0.15 M NaOH solution until the final volume is 150 mL, what will the molarity of the
diluted solution be?

3. How much 0.05 M HCl solution can be made by diluting 250 mL of 10 M HCl?

4. I have 345 mL of a 1.5 M NaCl solution. If I boil the water until the volume of the solution is 250 mL, what will
the molarity of the solution be?

5. How much water would I need to add to 500 mL of a 2.4 M KCl solution to make a 1.0 M solution?

