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        Chapter 3	   		Dr. Nabil EL-Halabi
Stoichiometry
Atomic Mass: 
Clearly we cannot weigh a single atom, but it is possible to determine the mass of one atom relative to another experimentally.
By international agreement, an atom of the carbon isotope (called carbon-12) that has 6 protons and 6 neutrons has a mass of exactly 12 atomic mass units (amu).
This carbon-12 atom serves as the standard, so one atomic mass unit is defined as amass exactly equal to one-twelfth the mass of one carbon-12 atom:
	Mass of one carbon-12 atom = 12 amu
	1 amu = mass of one carbon-12 atom / 12
Hydrogen atom is only 8.400 percent as massive as the standard carbon-12 atom. 
So the mass of hydrogen atom = (8.400 / 100) x 12 = 1.008 amu 
Atomic mass is the mass of the atom in atomic mass units.
(Atomic mass is also called atomic weight).

Average Atomic Mass:
When we measure the atomic mass of an element, we must generally settle for the average mass of the naturally occurring mixture of isotopes.
Example:	The natural abundances of carbon-12 and carbon-13 are 98.90 % and 1.10 %, respectively. 
The atomic mass of carbon-13 = 13.00335 amu. 
Average atomic mass of carbon = (0.9890)(12.00000 amu) + (0.0110)(13.00335 amu) = 12.0 amu
A more accurate determination gives the atomic mass of carbon as 12.01 amu. 

It is important to understand that when we say that the atomic mass of carbon is 12.01 amu, we are referring to the average value. If carbon atoms could be examined individually, we would find either an atom of atomic mass 12.00000 amu or one of 13.00335 amu, but never one of 12.01 amu.
Example 3.1 

Molar Mass of an Element and Avogadro’s Number:
Mole: is the amount of a substance that contains as many objects (atoms, molecules, or other particles) as there are atoms in exactly 12 g (or 0.012 kg) of the carbon-12 isotope.
The actual number of atoms in 12 g of carbon-12 is determined experimentally. This number is called Avogadro’s number (NA).
Avogadro’s number (NA) = 6.0221367 x 1023
Molar mass (M): is the mass (in grams or kilograms) of 1 mole of units (such as atoms or molecules) of a substance.
For any substance, molar mass in grams is numerically equal to its atomic mass in amu.
Example:	Atomic mass of Na = 22.99 amu
Molar mass of Na= 22.99g

Using atomic mass and molar mass, we can calculate the mass in grams of a single C-12 atom.

12.00 g C-12 = 1 mol C-12
1 mol C-12 = 6.00 x 1023 atoms
1 C-12 atom x (1 mol C-12 atoms / 6.00 x 1023 C-12 atoms) x (12.00 g C-12 / 1 mol C-12) = 
1.993 x 10-23 g C-12.

We can use this result to determine the relationship between atomic mass units and grams.
Grams / amu = (1.993 x 10-23 g / 1 C-12 atom) x (1 C-12 atom / 12 amu) = 1.661 x 10-24 g / amu.
Thus 1 amu = 1.661 x 10-24 g		or 	1 g = 6.00 x 1023 amu
Avogadro’s number can be used to convert from the atomic mass units to mass in grams and vice versa.
Examples: 3.2, 3.3, 3.4.

Molecular Mass (Molecular Weight): is the sum of the atomic masses (in amu) in the molecule.
Example: 
Molecular mass of H2O = 2(atomic mass of H) + atomic mass of O
Molecular mass of H2O = 2(1.008 amu) + 16.00 amu = 18.02 amu
The molar mass of a compound (in grams) is numerically equal to its molecular mass (in amu).
Example:	Molecular mass of H2O = 18.02 amu
		Molar mass of H2O = 18.02 g
Note that 1 mole of H2O weighs 18.02 g and contains 6.00 x 1023 H2O molecules.
Examples: 3.5, 3.6, 3.7.

The Mass Spectrometer:
The most direct and most accurate method for determining atomic and molecular masses is mass spectrometry, the instrument used in this method is called Mass Spectrometer. (Figure 3.3).

Percent Composition of Compounds:
The percent composition: is the percent by mass of each element in a compound.
Percent composition of an element = (n x molar mas of element / molar mass of compound) x 100%
n is the number of moles of the element in 1 mole of the compound.

Example: the percent composition of H2O2 is calculated as follows:
% H = (2 x 1.008 / 34.02) x 100% = 5.926%
% O = (2 x 16.00 / 34.02) x 100% = 94.06%
Examples: 3.8, 3.9, 3.10.

Experimental Determination of Empirical Formulas:
The procedure is as follows. First, chemical analysis tells us the number of grams of each element present in a given amount of a compound. Then we convert the quantities in grams to number of moles of each element.
Example:
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Mass of C = 22.0 g CO2 x (1 mol CO2 / 44.01 g CO2) x (1 mol C / 1 mol CO2) x (12.01 g C / 1 mol C) = 6.00 g C.
Mass of H = 13.5 g H2O x (1 mol H2O / 18.02 g H2O) x (2 mol H / 1 mol H2O) x (1.008 g H / 1 mol H) = 1.51 g H.
Mass of oxygen = mass of sample – (mass of C + mass of H)
		  = 11.5 g – (6.00 g + 1.51 g) = 4.0 g
The number of moles of each element in 11.5 g of ethanol is 
Moles of C = 6.00 g x (1mol C / 12.01g C) = 0.500 mol C
Moles of H = 1.51 g x (1mol H / 1.008 g H) = 1.50 mol H
Moles of O = 4.00 g x (1mol O / 16.00 g O) = 0.25 mol O
The formula of ethanol is therefore C0.50H1.5O0.25 
We divide the subscripts by 0.25 (the smallest subscript)
The empirical formula will be C2H6O
To calculate the actual, molecular formula we must know the approximate molar mass of the compound in addition to its empirical formula.
Example: 3.11.

Chemical Reactions and Chemical Equations:
a Chemical reaction, a process in which a substance (or substances) is changed into one or more new substances. 
Writing Chemical Equations:
Consider what happens when H2 burns in air to form H2O.
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The balanced chemical equation shows that “two hydrogen molecules can combine or react with one oxygen molecule to form two water molecules”
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Reactants: the starting materials in a chemical reaction.
Products: substances formed as a result of a chemical reaction.
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		        2 molecules    +    1 molecule			2 molecules
		         2 moles          +        1 mole			   2 moles
		  2 (2.o2g) = 4.04    +         32g			2 (18.02g) = 36.04g
			36.04 g reactants				36.04g products

A Chemical equation: is the chemist’s shorthand description of a reaction.
Chemists often indicate the physical states of the reactants and products by using the letters g, l, and s to denote gas, liquid, and solid, respectively. For example,
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aq denotes the aqueous (that is, water) environment.

Balancing Chemical Equations:
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another example:
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Example: 3.12

Amounts of Reactants and Products:
Stoichiometry: is the quantitative study of reactants and products in a chemical reaction.
Mole method: which means simply that the stoichiometric coefficients in a chemical equation can be interpreted as the number of moles of each substance.
The mole method. First convert the quantity of reactant (in grams or other units) to number of moles. Next, use the mole ratio in the balanced equation to calculate the number of moles of product formed. Finally, convert moles of product to grams of product. Figure 3.8
Thus, the overall sequence of steps to solve the problem were: 

file_7.png


file_8.wmf





For example:
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1 mol O2	2 mol CO / 1 mol O2 =1	or   1 mol O2 / 2 mol CO = 1
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 means "stoichiometrically equivalent to” 
Examples: 3.13, 3.14.

Limiting Reagents and Yields of Reactions:
	The reactants are usually not present in exact stoichiometric amounts, that is, in the proportions indicated by the balanced equation.
	The reactant used up first in a reaction is called the limiting reagent.
	Excess reagents are the reactants present in quantities greater than necessary to react with the quantity of the limiting reagent.

For example, in the production of water from hydrogen and oxygen gas suppose we have 10 moles of H2 and 7 moles of O2. 
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Because the stoichiometry of the reaction is such that 1 mol of O2file_15.bin
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2 moles of H2, the number of moles of O2 needed to react with all of the H2 is: 
10 mol H2 x (1 mol O2 / 2mol H2) = 5 mol O2
Thus, after all the hydrogen reactant has been consumed, there will be 2 moles of O2 reactant left.
The reactant that is completely consumed in a chemical reaction is called the limiting reactant (or limiting reagent) because it determines (or limits) the amount of product formed. In the example above, the H2 is the limiting reactant, and because the stoichiometry is 2H2file_16.bin
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2H2O, it limits the amount of product formed (H2O) to 10 moles. We actually have enough oxygen (O2) to form 14 moles of H2O. 
One approach to solving the question of which reactant is the limiting reactant (given an initial amount for each reactant) is to calculate the amount of product that could be formed from each amount of reactant, assuming all other reactants are available in unlimited quantities. In this case, the limiting reactant will be the one that produces the least amount of potential product.

Example: 3.15

Yields of Reactions
The Theoretical yield of the reaction: is the amount of product that would result if all the limiting
reagent reacted. (The maximum obtainable yield, predicted by the balanced equation).
The Actual yield: is the quantity of product that actually results from a reaction.
Actual yield < Theoretical yield 
For the following reasons: 
	For some reason not all the reactants may react.

There maybe some significant side reactions. 
Physical recovery of 100% of the sample may be impossible (like getting all the peanut butter out of the jar) 

The percent yield, which describes the proportion of the actual yield to the theoretical yield. It is
calculated as follows:
	Percent Yield = (actual yield / theoretical yield) x 100
Example: 3.16



Selected Problems: 9, 10, 15, 23, 25, 27, 32, 43, 44, 48, 52, 59, 66, 68, 69, 72, 75, 80, 87, 91, 96.

