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              Unit V:  The Mole

A) The Mole Concept

1 Mole = 602 000 000 000 000 000 000 000

        = 6.02 x 1023 molecules AVOGADRO’S Number
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How big is this number?

B) Atomic Mass

1. John Dalton – assigned arbitrary relative masses to known elements
(Compound B has twice the mass of element X as Compound A therefore Compound B must contain twice as many atoms of X)

2. Joseph Gay-Lussac – reacted pairs of gases 
(1L of Gas A + 1L of Gas B = 2L Gas AB)

3. Amadeo Avogadro

(Equal volumes of different gasses, at the same temperature and pressure, contain the same number of particles)


Atomic Mass

· The mas of 1 mole of atoms of an element – Periodic Table
· Eg. mass of 1 mole of “C” atoms is 12.0g
       mass of 1 mole of “Ca” atoms is _____
Molar Mass (Molecular Mass)

· The mass in grams of 1 mole of molecules of an element or compound  
Diatomic Elements (H, O, N, F, Cl, Br, I, At)

Special Elements (Phosphorous is P or P4 and Sulphur is S or S8)

Assume the rest are monatomic

C) Finding Molar Mass of a Compound 
(page 79)
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Do exercises #6 and 7 p.80

D) Mass Conversions (p.81)

Molar Mass as a Conversion Factor

Molar mass is given in grams per mole (g/mol); for example Carbon has a molar mass of 12.0 g/mol.

Therefore, 1 mol  OR  12.0g = CONVERSION FACTOR 
      12.0g          1 mol

E.g. How many moles of Carbon are there in 22 grams of Carbon?
# moles C = 22 g x  1 mol    =
  12.0 g


E.g. How many grams of Carbon are there in 1.99 moles of Carbon?

# grams C = 1.99 mol x  12.0 g    =
  1 mol

E.g. How many grams of Calcium are there in 1.32 moles of Calcium?

# grams Ca = 1.32 mol x  40.1 g    =





            1 mol

E.g. How many moles of CO2 are there in 6.0 grams of CO2?

# moles CO2 = 6.0 grams x 1 mol CO2    =








                44.0 g

E.g. How many grams of NH4Cl are there in 8.0 moles of NH4Cl?

# grams  NH4Cl  = 8.0 moles x 53.5 g NH4Cl    =







       1 mol


Examples
Hydrates

Finding Molar Mass Given Mass and Moles (not formula)

Molar Mass = mass(g)



Moles

Eg. For a compound of phosphorous and chlorine, it is found and 0.200moles of the gas has a mass of 27.5g.  

a) Find the molar mass of the gas.

b) Guess the molecular formula.
Do exercises  #8 , 9, 10 p. 82

C) Moles and Volume (Gas) (p. 82)

Avagadro’s Hypothesis Revisited

a. Avagadro said that different gases at the same temperature and pressure contain the same number of particles AND occupy the same space

b. Chemists have set a standard for temp. and pressure known as standard temperature and pressure (STP) =0oC and 101.3 kPa

c. At STP, 1 mol of ANY GAS occupies 22.4 L of volume, this is known as ‘molar volume’

d. This creates ANOTHER CONVERSION FACTOR (
 1mol    OR    22.4 L

 22.4 L
      1 mol






But ONLY AT STP

E.g How many L of space will 2.3 mol of SO2 occupy at STP?




# L = 2.3 mol x 22.4 L SO2   =






         1 mol

E.g. How many mol of NH3 will fill a 200 L space at STP?




# mol = 200 L x  1 mol    = 







    22.4 L

Do exercises  #11, 12 p. 83

C) Moles and Volume (con’t)

Do the following:

E.g. Find the mass of a 200.0mL samples of NO2(g) at STP. 
E.g. Find the volume occupied by 3.60kg of fluorine at STP.

D)Number of Particle Conversions (p.83)

Atoms and Molecules

For a monatomic element:  a molecule= an atom (Eg. Ne)

For a diatomic element: a molecule is 2 atoms (Eg. Cl2 and Cl)

By definition the mole provides us with another unit conversion:

1 mole = 6.02 x 1023 particles

Therefore, 1 mol / 6.02 x 1023  OR  6.02 x 1023 / 1 mol

Question #1: How many molecules of H2SO4 are there in 0.4 moles of H2SO4?

# molecules H2SO4 = 0.5 moles H2SO4  = 6.02 x 1023  =





                                
      1 mol

Question #2: How many moles of NaBr are there in 1.7 x 1025 molecules of NaBr?
# moles NaBr = 1.7 x 1025 molecules of NaBr  x   1 mol      =









           6.02 x 1023




Do exercise #15 , 16, 17, 18, 19, 20  p.84


F) Multiple Conversions (p. 85)

· As before in Unit II, you must decide what you know and what you want. 

· You want all of the units to cancel but the ones you are trying to find.  

E.g. How many molecules are in a 2.62g sample of N2O4?

Find the volume occupied by 1.204x1026 molecules of SO2 at STP.

Find the total number of atoms in a 300.0g glass of water.  
Do exercises #22, 23, 24,  p. 86-87

Density and Moles

· Density is mass per unit of volume

Density of Gases at STP

E.g. Calculate the density of O2(g) at STP.

E.g. The density of air is about 1.29g?  What is more dense Cl2(g)  or air?

E.g. A mystery gas has a denisty of 1.696g/L at STP.  It is an element.

Density of Solids and Liquids

E.g. The density of Boron (solid) is 2.34g/mL.  How many molecules are there in a 60.0mL chunk of boron?

E.g. Liquid mercury has a density of 13.55g/mL. Find the volume occupied by 1.806 x 1027atoms of monotomic Hg.

A 5.00mL sample of solid lead is known to contain 0.274 moles of Pb.  Calculate the density of Pb.
250.0mL of a gas which is known to be a fluoride of sulphur has a mass of 1.63g at STP.  Find the molar mass and the molecular formula for the gas.

Do exercises #25-34  and  #41 (a, b, c), p.89

(Optional review: #35-43)

G) Percentage Composition (p. 90)

Defined: The percentage (by mass) of each element in a chemical formula.

E.g. What is the percentage composition of H2O?  (I.e.  ‘What 

percentage of the mass of a water molecule is oxygen and what percentage is hydrogen?’)

Assume there is 1 mol of H2O, molar mass = 18.0g/mol

% of H in compound   =   2.0 g   x   100%   = 





          18.0 g

% of H in compound   =  16.0 g   x   100%   = 





          18.0 g

E.g. What is the percentage composition of HNO3?  

Assume there is 1 mol of HNO3, molar mass = 63.0g/mol

% of H in compound   =   1.0 g   x   100%   = 





           63.0 g

% of N in compound   =  14.0 g   x   100%   = 





           63.0 g

% of 0 in compound   =  48.0 g   x   100%   = 





          63.0 g

E.g. Find the mass of carbon contained in a 25.0g sample of CO2.

E.g. Find the mass of potassium contained in 450.0g of K2CO3.
Do exercise #44 (a, b, c, j, k, l), p.91

H) Empirical Formula (p. 91)

Defined: The smallest ‘whole-number ratio’ of atoms with the molecular makeup of a compound.

Molecular Formula: gives the actual number of each kind of element in a molecule of a compound.
You can work backwards from a percentage composition to an empirical Formula.

E.g. What is the empirical formula of a compound made of 70.0% Fe and 30.0% O?

Assume that you have 100 g of the compound:

mass of Fe  =  70.0% of 100 g  =  70.0 g

mass of O  =  20.0% of 100 g  =  20.0 g

moles Fe  =  70.0 g  x  1 mol
= 

      55.9 g



moles O  =  30.0 g  x  1 mol
= 
 

    16.0 g



Empirical formula = 

E.g. A sample of an unknown compound is analyzed and found to contain 8.4g of C, 2.1g of H and 5.6g of O.  Find the empirical formula.

E.g. 0.888grams of a compound made up of carbon, hydrogen and oxygen are found to contain 0.576g of carbon and 0.120g of hydrogen. Find the mass of oxygen and the emperical formula.

Do exercise #46 (a, b, c, k, l, m, n), p.93

I)Finding The Molecular Formula (p. 93)

· It is easy to find the molar mass of an empirical formula using the atomic masses given on your periodic table.  This is the “empirical mass”.

E.g.  The empirical mass of the empirical formula CH2 would be 14.0

· CH2,  C2H4,  C3H6,  and C4H8, all of these formulas are whole-number multiples of CH2.  

· Therefore, the molar mass of these compounds must be whole number multiples of the empirical mass of CH2
· To find the molecular formula from the empirical formula, you must know what the whole-number multiple is (N)
N = the WHOLE NUMBER multiple of the empirical mass.

Multiple = N = molar mass

                               empirical mass


Molecular formula = N x empirical formula

E.g. A molecule has an empirical formula of HO and a molar mass of 34.0.  What is the molecular formula?


Empirical mass of HO = 17.0g


N = molar mass   = 34.0g = 2


                     empirical mass  17.0g



2 x (HO) = H2O2  

Do exercises #47, 49, 51, 53, 55 p.95

J) Molar Concentration (p. 96)

1. Concentration:  how much of a substance is in a given amount of solution.

· Symbol = [   ], 

E.g. [NaCl] means “concentration of NaCl”

· Concentrated = high concentration

· Dilute = low concentration

2. Molar Concentration:  how many moles of a substance in 1 L of solution.

· Symbol = M

E.g. 3M means “3 mol/L”

· Can use the formula: molarity (c) =  moles (n)      

c  =  n 
       


   
     volume (V)
 
                 V


Units for concentration:

E.g. What is the molarity of an NaBr solution when 3.5 L contains 4 mol of NaBr?





[NaBr] = 4 mol   = 






        3.5 L

E.g. How many moles of CaCl2 are there in 1.5 L of a 0.5 M solution?


n = cV

mol CaCl2 = (1.5 L) ( 0.5 mol/L) = 

E.g. What is the mass of NaCl (in grams) in 5 L of a 0.75 M solution?



n = cV

mol NaCl = (5 L) (0.75 mol/L) = 






mass NaCl = 

mol  x  58.5 g   =  











    1 mol

E.g. Callum dissolves 40.0g of NaOH in enough water to make 200.0mL of solution.  What is the molar concentration of NaOH?

Do exercise #59 (a,b,c,d), 61, 69 p.98

K) Dilutions of Solutions

Do exercise #72-77 p.99/100

Dilution formula:

cinitial x Vinitial = cfinal x Vfinal  (AKA c1V1 = c2V2)


cfinal = cinitial x Vinitial

OR 



   Vfinal


E.g. Rachel adds 150.0mL of water to 50.0mL of 0.60M HCl.  Find the final [HCl]. 
E.g. Carter adds water to 100.0mL of 0.25M HF to a volume of 400.0mL.  Find the [HF].

E.g. Jason dilutes 60.0mL of 0.40M HNO3 to 0.15M.  What is the final volume?

How much water did he add?

Diluting Stock Solutions

· Stock solution – concentrated solutions from lab suppliers

E.g. 12M HCl, 15M HNO3  18M H2SO4  

Heather wants to make 100.0mL of 0.20M HCl.  What volume of 12.0M HCl should she start with?

Do exercise #78, 80, 82, 88, 90, 92, 94 p.103
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