Chapter 3

Stoichiometry

Chapter Objectives:

In this chapter, we will consider the quantities of materials consumed and produced in chemical reactions. This area of study is called chemical stoichiometry.  To understand chemical stoichiometry, you must first understand the concept of relative atomic masses.
Reading:  Pages 80 – 120
Problems:


Day 1 (3. 1 – 3.3): page 127 (13, 15, 26, 31, 37, 39, 41, 45, 47, 51, 53, 55, 57, 59, 61, 63)


Day 2 (3.4 – 3.5): page 130 (73a., 75, 81, 83, 87, 89)


Day 3 (3.6 – 3.7): page 131 (95, 97, 99, 100)

Day 4 (3.8 – end): page 132 (105, 107, 109a, 117, 126)
You should be able to:
1. Define and calculate molecular weights and formula weights.
2. Define a mole and be able to calculate and use molar mass.
3. Determine the mass percent composition from chemical formulas.
4. Determine the chemical formulas from mass percent composition.
5. Relate molecular formulas to empirical formulas.
6. Write and balance chemical equations.
7. Use stoichiometric equivalents to determine limiting reactants in a reaction.
8. Define theoretical yield, actual yield and percent yield.
9. Calculate percent yield.
Chapter 3: Stoichiometry
3.1  Atomic Masses


A.  C-12, The Relative Standard



1.  C-12 is assigned a mass of exactly 12 atomic mass units (amu).



2.  Masses of all elements are determined in comparison to the carbon-12

                           atom (12C), the most common isotope of carbon.



3.  Comparisons are made using a mass spectrometer.


B.  Atomic Mass (Average atomic mass, atomic weight)



1.  Atomic masses are the average of the naturally occurring isotopes of

                          an element.



2.  Atomic mass does not represent the mass of any actual atom.



3.  Atomic mass can be used to “weigh out” large numbers of atoms.


C.  Determining Average Atomic Mass



1.  Sum the (Mass of each isotope x fractional abundance)



Example:  You have a sample of neon that is made up of

                                      90.51% neon-20,  0.27% neon-21, and  9.22% neon-22.  What

                                      is the relative abundance of neon?


                        (0.9051 x 20) + (0.0027 x 21) + (0.0922 x 22) = 20.18 amu

3.2  The Mole


A.  Avogadro’s Number



1.  6.022 x 1023 units = 1 mole



2.  Named in honor of Avogadro (he did NOT discover it)


B.  Measuring moles



1.  An element’s atomic mass expressed in grams contains 1 mole of

                           atoms of that element.




a.  12.01 grams of carbon is 1 mole of carbon.




b.  12 grams of carbon-12 is 1 mole of carbon-12

3.3  Molar Mass


A.  Molar Mass (Gram molecular weight)



1.  The mass in grams of one mole of a compound.



2.  The sum of the masses of the component atoms in a compound.




a.  Molar mass of ethane (C2H6):





Mass of 2 moles of C = 2(12.01g)





Mass of 6 moles of H = 6(1.008g)
                                                                                   30.07 g

3.4 Percent Composition of Compounds


A.  Calculating any percentage



1.  (part / whole) x 100


B.  Percentage Composition



1.  Calculate the % of each element in the total mass of the compound.



(# atoms of 1 element)(atomic mass of that element)   x 100

                                    (molar mass of entire compound)

3.5  Determining the Formula of a Compound


A.  Determining the Empirical Formula (SIMPLEST formula)



1.  Determine the percentage of each element in your compound.



2.  Treat % as grams and convert grams of each element to moles.



3.  Divide by the smallest number to get a whole # ratio.



4.  If it’s not whole, multiply by an integer so all numbers are whole.



Example:  Determine the empirical formula of a compound that is made up

                                      of 43.64 % phosphorus and 56.36 % oxygen.

            43.64 g P    1 mol P     = 1.409 mol P            56.36 g O    1 mol O  = 3.523 mol O

                                30.97 g                                                           16.00 g 

                           1.409   = 1 P                                           3.523    = 2.5 O

                           1.409                                                      1.409

                                            1 x 2 = 2 P                                              2.5 x 2 = 5 O

                                                                   P2O5

B.  Determining the Molecular Formula (ACTUAL formula)



1.  Find the empirical formula mass.



2.  Divide the known molecular mass by the empirical formula mass.


3.  Multiply the empirical formula by that # to get the molecular mass.



Example:  Determine the molecular formula for a compound with an

                                       empirical formula of P2O5 and a mass of 709.7 g/mol.

     2(30.97) + 5(16.00) = 141.9 g/mol           709.7   = 5           5(P2O5)  =  P10O25
                                                                      141.9
3.6  Chemical Equations


A. Chemical Reactions


1.  Reactants are on the left side.



2.  Products are on the right side.



3.  Atoms are neither created nor destroyed.  Therefore, the # of atoms of

                          each reactant element must equal the # atoms of each product element


B.  Symbols



1.  Physical States




a.  solid – (s)



b.  liquid – (l)



c.  gas – (g)



d.  aqueous – (aq)  (means it’s dissolved in water)



2.  Relative numbers of reactants and products




a.  Coefficients give the atomic/molecular/mole ratios


C.  Types of Chemical Reactions:



1.  Synthesis                      A + B ( AB

                      2.  Decomposition             AB  ( A + B

                      3.  Single Replacement    A + BC ( AC + B

                      4.  Double Replacement   AB + CD ( AD + CB

                      5.  Combustion                 CxHy + O2 ( CO2 + H2O  (usually)
                      6.  Oxidation-Reduction

3.7  Balancing Chemical Equations


A.  Determine what reaction is occurring



1.  It is sometimes helpful to write this in word form:

                                 hydrogen + oxygen ( water


B.  Write the unbalanced equation



1.  Focus on writing symbols correctly.  (Don’t forget HOFBrINCl.)




H2   +   O2   (   H2O


C.  Balance the equation by inspection



1.  It is often helpful to work systematically from left to right.




2H2  +  O2  (   2H2O


D.  Include phases.




2H2 (g)  +  O2 (g)  (  2H2O (l)

E.  Determine if the reaction will occur or not.



1.  If single replacement, use the Activity Series.



         a.  If the single element is higher on the activity series, rxn will occur.

                               b.  If the single element is lower, reaction does not react (DNR)



2.  If double replacement, use the solubility rules.




a.  A double replacement reaction does not occur if BOTH products

                                      are aqueous (soluble).
3.8  Stoichiometric Calculations:  Amounts of Reactants and Products


A.  Balance the chemical equation.

B.  Convert grams of reactant or product to moles.


C.  Use the mole/mole ratio (coefficients) to convert into a new substance.


D.  Convert from moles into desired unit.
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3.9 Limiting Reactants


A.  Idea – To make a cheeseburger, you MUST have 2 buns, 1 burger, 1 cheese.

                            You have 8 buns, 3 burgers, and 2 pieces of cheese.  How many

                            cheeseburgers can you make?


     Answer – 2.  The amount of cheese LIMITED how much you could make. 

                           The other ingredients were EXCESS because you had them leftover.

B.  Facts about limiting reactants:



1.  Limiting Reactant – reactant that is completely consumed and limits the

                           amount of product that can be formed.



2.  The limiting reactant gets used up.



3.  The limiting reactant determines how much product is formed.


C.  Solving Chemistry Limiting Reactant Problems:



1.  Use TWO fenceposts - one for each reactant.  Determine how much

                          product you could get by starting with each reactant.



2.  Choose the SMALLER amount produced.  That’s how much is actually

                           produced.  The reactant that produced it is the LIMITING REACTANT.

Limiting Reactant Example:  

The following reaction occurs:   4NH3 (g) + 5O2 (g) ( 4NO (g) + 6H2O (l)
If you react 17.6g NH3 with 26.2g O2, what mass of NO will be formed?  What is

the LR?  What is the excess and by how much?

17.6 g NH3    1 mol NH3       4 mol NO     30.01 g NO   =  31.0 g NO

                     17.03 g NH3    4 mol NH3    1 mol NO


26.2 g O2       1 mol O2         4 mol NO     30.01 g NO   = 19.6 g NO

                      32.00 g O2      5 mol O2      1 mol NO

Even though you have enough NH3 to make 31.0 g NO, you only have enough

O2 to make 19.6 g NO.  Therefore, 19.6 g of NO is produced. 

O2 is the limiting reactant.

NH3 is the excess reactant.

Mass NH3 needed:  19.6 g NO    1 mol NO     4 mol NH3    17.03 g NH3  = 11.1 g NH3
                                                    30.01 g NO   4 mol NO       1 mol NH3

17.6 g NH3 available – 11.1 g NH3 used up = 6.5 g NH3 in excess
D.  Calculating Percent Yield


1.  Actual yield – how much you got in lab by performing the reaction.



2.  Theoretical yield – how much you calculated that you SHOULD have

                                                        gotten by doing limiting reactant calculations.



3.       actual yield        x 100%  = percent yield

                            theoretical yield

Molarity

A.  Molarity is a measure of concentration.  (How many particles per volume.)
1.  Unit:  moles/liter

2.  To calculate:  M = mol
                                    L

3.  To dilute something, use:  M1V1 = M2V2     (where M = molarity

                                                                              and V = volume in liters)
