 CHAPTER 3 - STOICHIOMETRY

3.1  Atomic Masses

· Isotope carbon-12 (12C) is assigned a relative mass of exactly 12 u (atomic mass unit); the masses of other atoms are assigned values relative to this carbon-12. 

· Relative atomic masses are determined on mass spectrometer, which is capable of separating ions 1 u apart. 

For example, the mass ratio of carbon-13 (13C) to carbon-12, that is,



(13C-mass/12C-mass) = 1.0836

Using 12C atomic mass of exactly 12 u, the atomic mass of carbon-13 is calculated to be:

Mass of 13C = (1.0836)(12 u) = 13.003 u
The mass ratio of oxygen-16 (16O) to 12C is 1.3329. Then,


Atomic mass of 16O = (1.3329)(12 u) = 15.995 u
The mass of other atoms can be determined in a similar manner. 

Since most natural elements occur as different isotopes, their atomic masses are the weighted average masses of all isotopes that make up individual elements. A mass spectrometer also gives the relative natural abundances of the isotopes. 

· For example, copper has two naturally occurring isotopes with the following masses and abundances: 63Cu: 62.93 u, 69.09%; 65Cu: 64.93 u, 30.91%. The weighted average atomic mass for copper is computed as follows:


   (0.6909)(62.93 u) + (0.3091)(64.93 u) = 63.55 u (given in periodic table)

The relative atomic masses of elements listed in the periodic tables are the weighted average values computed from their isotopic composition and abundances. 

Exercise-1:

1.
Naturally occurring magnesium is composed of 78.99% of 24Mg (23.9850 u), 10.00% 25Mg (24.9858 u), and 11.01% 26Mg (25.9826 u). Calculate the average atomic mass of magnesium. (Answer: 24.31 u)

2.
Chlorine has two naturally occurring isotopes, one with a mass of 34.96885 u and the other a mass of 36.96590 u. If the average atomic mass of chlorine is 35.453 u, what is the natural abundance of each isotope? (Answer: 75.76% 35Cl and 24.24% 37Cl)

——————————————————————————————————————————————

3.2  The Mole

A mole is a quantity that contains the same number of items (atoms, molecules, ions, etc.) equal to the number of carbon atoms in exactly 12 grams of 12C. 

· 1 mole = 6.022 x 1023 items. 6.022 x 1023  is also called the Avogadro’s number; thus, a mole contains the Avogadro’s number of items. 

The mass of one 12C atom is exactly 12 u; while the mass of one mole of 12C is exactly 12 g (also called gram-atomic mass). That is, 12 g of carbon-12 contains 6.022 x 1023 12C-atoms.

· Therefore, 12 g = 6.022 x 1023 x 12 u; 

· (  1 g = 6.022 x 1023 u;    or
1 u = 1.6605 x 10-24 g

The gram-atomic mass of an element implies the mass of one mole of that element. 

————————————————————————————————————-——————

Element
Atomic mass     Gram-atomic Mass
      
Number of Atoms in



   (u)

         (g)
     

one gram-atomic mass

Hydrogen
1.008 
1.008 
6.022 x 1023 

Carbon
12.01 
12.01 
6.022 x 1023 

Oxygen
16.00 
16.00
6.022 x 1023 

Aluminum
26.98
26.98
6.022 x 1023 

Gold
197.0
197.0
6.022 x 1023 

—————————————————————————————————————————

The gram-atomic mass is also the molar mass of the element expressed in grams.

3.3  Molar Mass


The molar mass of a compound is the mass of 1 mole of the compound in grams.

The molar masses of water, salt (NaCl), and table sugar (C12H22O11) are calculated as follows:

· Molar mass of H2O = (2 x 1.008 g) + (16.00 g) = 18.02 g/mol;

· Molar mass of NaCl 
= (22.99 g + 35.45 g)  = 58.44 g/mol;

· Molar mass of C12H22O11 = (12 x 12.01 g) + (22 x 1.008 g) + (11 x 16.00 g)



 
     
     =  342.3 g/mol
3.4  Percent Composition of Compounds 

· A pure substance always contains the same elements combined in the same proportion by mass.

The composition of a compound is often expressed in terms of the percentages (by mass) of its elements. If the formula of the compound is known, the mass percents of their elements can be calculated.

· Mass % of Element = (Total mass of that Element per mole of compound) x 100%





      

Molar mass of the Compound

For example, the mass percents of hydrogen, nitrogen,  and oxygen in ammonium nitrate, NH4NO3 are calculated as follows:

Molar mass of NH4NO3 = (4 x 1.008 g) + (2 x 14.01 g) + (3 x 16.00 g) = 80.05 g/mol

Total mass of H/mol NH4NO3 = 4 x 1.008 g = 4.03 g

· Mass Percent of H =  (4.03 g/80.05 g) x 100%  =  5.04%

Total mass of N per mol NH4NO3 = 2 x 14.01 g = 28.02 g

· Mass Percent of N =  (28.02 g/80.05 g) x 100%  = 35.00%

Total mass of O/mol NH4NO3 =  3 x 16.00 g  = 48.00 g

· Mass Percent of O =  (48.00 g/80.05 g) x 100%  = 59.96%

3.5  Determining the Formula of a Compound 


To determine the formula of a compound we first have to know its elemental composition and their mass percentages. This information can be obtained by performing elemental analyses on a sample of the compound. Knowledge of the elemental composition will yield the empirical formula, and if the molar mass (or molecular mass) is also known, the molecular formula can be deduced. 

· The empirical formula is a formula that shows the simplest mole ratio of elements in the compound. 

· The molecular formula of a compound is the true formula that indicates the actual number of atoms of each type  in a molecule (or the number of moles of each type of element in 1 mole of the compound). But it does not tell how atoms are connected in the molecule.

· The structural formula shows how atoms are bonded in the actual molecule.

Determination of Empirical Formula and Molecular Formula
Example:

1.
Elemental analysis showed that an organic compound contains the elements C, H, N, and O. When a 1.279-g sample was completely burned in excess of oxygen, 1.60 g of CO2 and 0.77 g H2O were obtained. In a separate analysis, a 1.625-g sample yields 0.216 g of nitrogen. Determine the empirical formula of the compound.

Solution: The masses of carbon and hydrogen in the sample are calculated as follows:

Mass of carbon =  1.60 g CO2  x  1 mol_  x  1 mol C_  x  12.0 g C  =  0.436 g



       

       44.0 g
      1 mol CO2
  1 mol C

Percent C in sample = (0.436 g C/1.279 g sample) x 100% = 34.1%

Mass of hydrogen = 0.77 g H2O x   1 mol_ x   2 mol H_  x  1.008 g H  =  0.086 g






18.0 g
   1 mol H2O
    1 mol

Percent H in sample = (0.086 g H/1.279 g sample) x 100% = 6.7%

Percent N in sample = (0.216 g N/1.625 g sample) x 100% = 13.3%

Percent O in sample = 100% – 34.1% C – 6.7% H – 13.3% N = 45.9%

If a 100-g sample of the compound, there will be 34.1 g C, 6.7 g H, 13.3 g N, and 45.9 g O. 

Converting the mass of each element into its moles, we will obtain

Mole of C = (34.1 g C)/(12.0 g/mol) = 2.84 mol 

Mole of H = (6.7 g)/(1.008 g/mol) = 6.6 mol 

Mole of N = (13.3 g N)/(14.0 g/mol) = 0.950 mol N

Mole of O = (45.9 g O)/(16.0 g/mol) = 2.87 mol O

Dividing throughout by the mole of N (the smallest mole in the compound), we obtain the following mole ratio:  2.99 C-to-6.9 H-to-1 N-to-3.02 O, which simplifies to 3C:7H:1N:3O;

This mole ratio yields the empirical formula  C3H7NO3.

Deriving Empirical and Molecular Formula from percent Composition and Molar Mass
Example:


A compound with molar mass 180 g/mol consists of 40.0% carbon, 6.7% hydrogen and 53.3% oxygen. Determine the empirical and molecular formula of the compound.

Solution: Assuming a 100-g sample, the masses of carbon hydrogen and oxygen in the sample are: 40.0 g, 6.7 g, and 53.3 g, respectively.

Moles of C = (40.0 g C)/(12.0 g/mol) = 3.33 mol C;

Moles of H = (6.7 g H)/(1.008 g/mol) = 6.6 mol H;

Moles of O = (53.3 g O)/(16.0 g/mol) = 3.33 mol O.

Dividing by the smallest mole yields a mole ratio: 1C:2H:1O, which yields an empirical formula of CH2O. 

The molecular formula is  (CH2O)n, 

where  n =            Molar mass______ =   180 g/mol = 6


         Empirical formula mass
30 g/mol

This yields a molecular formula of C6H12O6 .

Exercise-2: 

1.
A 2.32-g sample of an organic compound containing carbon, hydrogen, and oxygen was burned completely in excess of oxygen, which yields 5.28 g CO2 and 2.16 g water. Determine the empirical formula of the compound. (Answer: C3H6O)

2.
A compound consisting of 82.66% carbon and 17.34% hydrogen has a molecular mass of 58.1 u. Determine its molecular formula. (Answer: C4H10)

_________________________________________________________________________

3.6  Chemical Equations and What They Mean

Reaction: Ammonia gas reacts with oxygen gas to form nitrogen monoxide and water;

Unbalanced equation:  NH3(g)  +  O2(g)  (  NO(g)  +  H2O(g)
Balanced equation:
 4NH3(g)  + 5 O2(g)  (  4NO(g)  + 6H2O(g);

When substances react, old bonds are broken and new ones formed; atoms are reorganized in different ways. The equation must show that the total number of each type of atoms stays the same after the reaction.

A chemical equation provides two types of information: the nature of the reactants and products and the relative numbers of each type of atoms.

An equation must also indicate the physical states of the substances: (s) for solid, (l) for liquid, (g) for gas, and (aq) for aqueous solution.

3.7  Balancing Chemical Equations

In chemical reactions atoms are not created or destroyed, and this is indicated in the balanced equation. Balancing equation is done by introducing the smallest integer coefficients to one or more of the reactants and/or products involved in the reaction without changing their formula. Thus, the formula of each substance in an equation must be written correctly first before any attempt to balance the equation is made. 

The following steps may be helpful in balancing an equation. 

1.
Begin with the compound that contains the most atoms or types of atoms.

2.
Balance elements that appear only once on each side of the arrow.

3.
Next balance elements that appear more than once on either side.

4.
Balance free elements last.

5.
Finally, check that smallest whole number coefficients are used.

For example, the combustion of ethanol (C2H5OH) to form carbon dioxide and water vapor is represented by the following equation (not balanced):


  C2H5OH(l)  +  O2(g)  (   CO2(g)  +  H2O(g) 

Since carbon and hydrogen appear only once on each side of the equation, we balance these elements first by introducing coefficients 2 and 3 in front of CO2 and H2O, respectively.


C2H5OH(l)  +  O2(g)  (  2 CO2(g)  +  3H2O(g)
Next we balance the oxygen by introducing a coefficient 3 in front of O2:


 C2H5OH(l)  +  3 O2(g)  (  2 CO2(g)  +  3H2O(g)
A correct balanced equation should not contain fractions as coefficients. If a fraction appears after all atoms have been balanced, the entire equation is multiplied by a simplest factor that will eliminate the fraction. For example, when the following equation is balanced, a fraction of 2 appears in the coefficient of O2:


C8H18(l)  +  25/2 O2(g)  (  8CO2(g)  +  9H2O(g);


(8C, 18H, 25 O)
       (8C, 18H, 25 O)

To remove this fraction, we multiply the entire equation by 2, which yield the proper equation:


2 C8H18(l)  +  25 O2(g)  (  16 CO2(g)  +  18 H2O(g);

Exercise-3:  Balance the following equations using the simplest integer coefficient possible:

1.
C6H6(l) +   O2(g)  (    CO2(g) +   H2O(g);


2. 
(NH4)2Cr2O7(s)  (    Cr2O3(s) +    N2(g) +    H2O(g):

3.
C6H14(l)  +   O2(g)  (    CO2(g)  +   H2O(g)
4.
Mg3N2(s)  +   H2O(l)  (    Mg(OH)2(s)  +    NH3(g)
________________________________________________________________________

3.8  Stoichiometric Calculations: Amounts of Reactants and Products 

Balanced Equations in Reaction Stoichiometry 

Stoichiometry implies the quantitative relationships between substances in a chemical reaction. 

The coefficients in chemical equations represent numbers of molecules or moles of substances, not the mass of a substance. Yet, when actual reactions, the amounts of reactants and products are measured in units for mass. The number of moles of each substance must be calculated from its mass. 

Mole-to-Mole Relationships in Stoichiometric Calculations

The mole is the key to quantitative relationships between substances undergoing chemical reactions. 

Consider the equation:  N2(g)  +  3H2(g)  (  2NH3(g)
At molecular quantity, this equation implies that 1 N2 molecule will react with 3 H2 molecules to form 2 NH3 molecules. In molar quantity, it implies 1 mole of N2 react with 3 moles of H2 to yield 2 moles of NH3. If the amounts of nitrogen and hydrogen are given, we can calculate how much ammonia will be formed at the end of the reaction.  Likewise, knowing how much NH3 we want to produce, we can calculate the amount of each reactant that will be required. 

For example, if we want to know how many moles of H2 are needed to react with 5 moles of N2 and how many moles of NH3 will be formed, we can perform the calculation as follows:


Mol of H2 = 5 mol N2 x 3 mol H2   = 15 mol H2




   1 mol N2 


Mol of NH3 = 5 mol N2 x 2 mol NH3   = 10 mol NH3  





     1 mol N2 

The factor  (3 mol H2/1 mol N2) and (2 mol NH3/1 mol N2) are called the stoichiometric ratios, or stoichiometric factors. 

The following stoichiometric calculations apply to the above reaction:

1.  To calculate the mol of H2 needed and mol of NH3 expected from the given moles of N2:


a) ? mol of H2 =  Given mol of N2 x  (3 mol H2/1 mol N2)


b) ? mol of NH3 = Given mol of N2 x  (2 mol NH3/1 mol N2)

2.  To calculate the mol of N2 needed and mol of NH3 expected from the given moles of H2:


a) ? mol N2 =  Given mol of H2 x (1 mol N2/3 mol H2)


b) ? mol NH3 =  Given mol of H2 x (2 mol NH3/3 mole H2)

3.  To calculate the mol of H2 and N2 needed, respectively, from the given moles of NH3::


a) ? mol N2 = Given mol NH3 x (1 mol N2/2 mol NH3)


b) ? mol H2 = Given mol NH3 x (3 mol H2/2 mol NH3)

Exercise-4:

1.
According to the equation:   




2 C8H18(l) + 25 O2(g)  ( 16 CO2(g) + 18 H2O(g),


(a)  how many moles of CO2 are produced when 5.5 moles of octane (C8H18) are completely burned in air?  (b)  How many moles of water are also formed?  (c) How many moles of oxygen are reacted by 5.5 moles of octane?


(Answer: (a) 44 moles of CO2; (b) 50. moles of H2O)

2.
According to the equation:  




2 Na(s) + 3 N2(g)  (  2 NaN3(s),


(a) how many moles of NaN3 are formed when 2.30 moles of Na is reacted with an excess amount of N2 gas?  (b) How many moles of N2 are reacted by 2.30 moles of Na?  (c) How many moles of Na and N2, respectively, are needed to produce 2.5 moles of NaN3 ? 

(Answer: (a) 2.30 mol NaN3; (b) 3.45 mol N2; (c) 2.5 mol Na and 3.75 mol N2)

_________________________________________________________________________

Mass-to-Mole-to-Mole-to-Mass Relationships


When actual reactions are carried out, the quantities of substances are measured in mass units. We have to convert their masses into moles so that they can be directly related to each other using the coefficients in the balanced equation.

Again consider the reaction:
  N2(g)  +  3H2(g)  (  2NH3(g) 

Suppose that 454 g N2 is available and we want to know how many grams of H2 are needed to react completely with this amount of N2 and how many grams of NH3 will be produced.

To calculate the mass of H2 needed:


454 g N2 x  1 mol N2   x  3 mol H2   x  2.016 g H2  =  98.0 g H2 



       28.02 g
      1 mol N2
     1 mol H2 

To calculate the mass of NH3 formed:


454 g N2 x  1 mol N2   x  2 mol NH3  x  17.03 g NH3  = 552 g NH3 



        28.02 g
      1 mol N2
       1 mol NH3 

Useful Steps  in Calculating Masses of Reactants and Products in Chemical Reactions:

1.
Balance the equation if it is not already balanced;

2.
Convert the given mass of a reactant or product to moles of the substance;

3.
Use the balance equation to set up the appropriate mole ratios;

4.
Use appropriate mole ratios to calculate the moles of the desired reactant or product;

5.
Convert from moles back to grams of the desired substance.

In general, for a reaction:  aA  +  bB  (  cC,

1) Given grams of A, calculate grams of B:


Grams of A  x      1 mol A         x   b mol B  x  Molar mass of B  =  grams of B




 Molar mass of A
a mol A
1 mol B

2) Given grams of A, calculate grams of C:


Grams of A  x      1 mol A         x   c mol C  x  Molar mass of C  = grams of C




 Molar mass of A
a mol A
1 mol C

3) Given grams of B, calculate grams of A:


Grams of B  x      1 mol B         x   a mol A  x  Molar mass of A  =  grams of A




 Molar mass of B
b mol B
1 mol A

4) Given grams of B, calculate grams of C:


Grams of B  x      1 mol B         x   c mol C  x  Molar mass of C  = grams of C




 Molar mass of B
b mol B
1 mol C

5) Given grams of C, calculate grams of A:


Grams of C  x      1 mol C         x   a mol A  x  Molar mass of A



 Molar mass of C
c mol C
1 mol A

6) Given grams of C, calculate grams of B:


Grams of C  x      1 mol C         x   b mol B  x  Molar mass of B



 Molar mass of C
c mol C
1 mol B

Exercise-5:

1.
According to the equation:  N2(g)  +  3H2(g)  (  2NH3(g),


(a) how many grams of N2 are required to react completely with 45.5 g of H2?  (b) How many grams of ammonia are produced when 45.5 g of H2 are completely reacted with enough N2? (Answer: (a) 211 g N2; (b) 256 g NH3)

2.
Octane (C8H18), which is the major component in gasoline, burns in air according to the following equation:




2 C8H18(l)  +  25 O2(g)  (  16CO2(g)  +  18 H2O(g)

How many grams of CO2 are formed when 1.00 gallon of gasoline is completely burned in excess oxygen. Assume gasoline is pure octane and has a density of 0.70 g/mL. 

(1 gallon = 3,785.4 mL) (Answer: 8.2x 103 g CO2)

_________________________________________________________________________

3.9  Stoichiometric Calculations Involving a Limiting Reactant

Chemical reactions carried out in laboratories or manufacturing plants are not always carried out such that reactants are mixed in the exact stoichiometric quantities.  One of the reactants maybe present in a limited amount and get used up first. It is referred to as the limiting reagent.  When a reaction involves a limiting reagent, the amount of products formed is dependent on the quantity of the limiting reagent that is available. Consider the reaction:  



H2SO4(aq)  +  2NH3(g)  (  (NH4)2SO4(s)  

The amount of ammonium sulfate, (NH4)2SO4, produced will depend on whether H2SO4, or NH3 is the limiting reagent.  If H2SO4 is the limiting reagent, we will produce one mole of (NH4)2SO4 for every mole of H2SO4 reacted. If NH3 is the limiting reagent, we will produce one-half mole of (NH4)2SO4 for every mole of NH3 reacted.

When the amounts of both reactants are given, it is important that we know which of them is the limiting reagent, because it is the one that determine how much product will be formed. For example, when 5 moles each of H2SO4 and NH3 are used, the limiting reactant would be NH3, since 5 moles of NH3 would react with 2.5 moles of H2SO4, but 5 moles of H2SO4 would require 10 mole of NH3 (which is not available). 

If the masses of reactants are given, we will need to convert them into moles of the substances. This will allow us to find the mole ratio of the reactants and then determine the limiting reactant. For example, suppose that 35 g of H2SO4 and 15 g of NH3 are allowed to react. To determine the limiting reactant we calculate the mole of each reactant as follows:


mole of NH3  =  15 g NH3 x  1 mol NH3     =  0.88 mol NH3





17.03 g NH3


mole of H2SO4 =  35 g H2SO4 x  1 mol H2SO4     =  0.36 mol H2SO4  






      98.08 g H2SO4

mole ratio:  0.88 mol NH3     =  2.4 mol NH3  > 2/1 



       0.36 mol H2SO4
     1 mol H2SO4

Since the mole ratio of NH3 to H2SO4 is larger than the stoichiometric ratio according to the balanced equation, it means that there are more NH3 than is needed, which makes H2SO4 as the limiting reagent. The amount of ammonium sulfate, (NH4)2SO4 is calculated as follows:


0.36 mol H2SO4  x  1 mol (NH4)2SO4 x 132.1 g (NH4)2SO4  =  47 g (NH4)2SO4



        1 mol H2SO4  
    1 mol (NH4)2SO4
We can also calculate how much of the NH3 is reacted: 


 0.36 mol H2SO4  x   2 mol NH3    x 17.03 g NH3  =  12 g NH3



        1 mol H2SO4
  1 mol NH3
On the other hand, if a reaction mixture contains 45 g H2SO4 and 15 g NH3, their number of moles are:


        mole of NH3  = 15 g NH3  x  1 mol NH3    =  0.88 mol NH3





       17.03 g NH3  


mole of H2SO4 =  45 g H2SO4 x    1 mol H2SO4   =  0.46 mol H2SO4 






      98.08 g H2SO4  

The mole ratio = 0.88 mol NH3   = 1.9 /1  < 2/1, which makes NH3 as the limiting reagent



   0.46 mol H2SO4  

grams of (NH4)2SO4  = 0.88 mol NH3  x  1 mol (NH4)2SO4  x 132.1 g (NH4)2SO4   = 58 g 






 
2 mol NH3  
     1 mol (NH4)2SO4
Alternatively, we can obtain the amount of product by performing two sets of stoichiometric calculations based on each reactant as the limiting reagent. For example, suppose that a mixture consists of 25 g of NH3 and 70. g of H2SO4. We calculate the amount of (NH4)2SO4  based on each reactant as the limiting reactant as follows:

1.  grams of (NH4)2SO4 = 25 g NH3 x  1 mol NH3   x  1 mol (NH4)2SO4  x 132.1 g (NH4)2SO4,





   17.03 g NH3
        2 mol NH3
    1 mol (NH4)2SO4
   


    = 97 g 

2.  grams (NH4)2SO4  = 70. g H2SO4 x  1 mol H2SO4   x  1 mol (NH4)2SO4  x 132.1 g (NH4)2SO4,



   

  98.08 g H2SO4       1 mol H2SO4
 1 mol (NH4)2SO4



 =  94 g

Since the calculation based on available H2SO4 yields less ammonium sulfate, it means that H2SO4 is the limiting reagent, and the maximum amount of (NH4)2SO4 expected is 94 g.

Summary of Steps involved in Solving Stoichiometry Problems

1.
Write the balanced equation for the reaction.

2.
If the masses of more than one reactant are given, convert them to moles using the molar masses of each substances; 

3.
Find the mole ratios and determine which reactant is the limiting reagent.

4.
Calculate the amount of products formed based on the limiting reagent as follows:

a.
Convert grams of limiting reactant to moles

b.
Calculate the mole of product by multiplying mole of limiting reagent with the stoichiometric ratio of the product to this reactant.

c.
Convert moles of product to mass by multiplying the mole with its molar mass.

d.
Round off answer to the correct number of significant figures, that is the one given for the limiting reactant.

Exercise-6:

1.
According to the reaction:    




N2(g)  +  3 H2(g)  (  2 NH3(g),


if 81.3 g N2 and 18.7 g H2 gases are reacted,  (a) determine which reactant is the limiting reagent?  (b) How many grams of NH3 are formed based on this limiting reagent ?  (c) How many grams of the excess reactant remains after the reaction?


(Answer: (a) limiting reactant is N2; (b) 98.8 g NH3 formed; (c) 1.2 g of H2 remains)

2.
Methanol is produced by the following reaction:  CO(g)  +  2 H2(g)  (  CH3OH(l)

In an experiment, 158 g of carbon monoxide is reacted with 25.0 g of hydrogen gas. (a) How many grams of methanol will be produced?  (b) Which reactant is in excess?


(Answer: (a) 181 g of methanol; (b) H2 is in excess (excess by 2.3 g)

_________________________________________________________________________

Actual, Theoretical, and Percent Yield

The theoretical yield is the amount of product calculated based on the balanced equation and the limiting reagent available.  In actual experiments, the amount of products obtained are often less than those calculated from the stoichiometric relationships.  This is because of several factors that affect reaction yields, such as: (i) reactions never go to completion; they reach a state of equilibrium; (ii) impure reactants were used; (iii) some of the products is lost during separation and purification, and (iv) side-reactions occur that result in a lower product yields.  

The amounts of products actually obtained from a reaction is called the actual yield.  The Percent Yield for a reaction calculated as follows:


  Percent Yield =    Actual Yield     x 100




     Theoretical Yield

Exercise-7:

1.
75.0 g aluminum oxide is reacted with excess sulfuric acid to produce aluminum phosphate, Al2(SO4)3, according to the following equation (not balanced),




Al2O3(s)  +  H2SO4(aq)  (  Al2(SO4)3 (s) +  H2O(l)

(a) What is the theoretical yield of Al2(SO4)3  in this reaction?  (b) If the experiment yields only 233 g of Al2(SO4)3, what is the percent yield of Al2(SO4)3?


(Answer: (a) theoretical yield = 252 g Al2(SO4)3; (b) percent yield = 92.6%)

2.
When 81.3 g N2 and 18.7 g H2 gases are reacted in a reaction vessel according to the following equation:




N2(g)  +  3H2(g)  (  2 NH3(g),


85.0 g of ammonia were obtained.  (a) Determine the percent yield for the reaction. (b) Which reactant is the limiting reagent? (c) How many grams of the excess reactant remains after the reaction? 

(Answer: (a) 86.0%; (b) N2 is limiting reactant; (c) 1.2 g H2 remains)

________________________________________________________________________
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