Try: 

1. A compound was analyzed and found to contain 13.5 g Ca, 10.8 g O, and 0.675 g H.  What is the empirical formula of the compound? 

Answer 
Start with the number of grams of each element, given in the problem. 


Convert the mass of each element to moles using the molar mass from the periodic table. 
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Divide each mole value by the smallest number of moles calculated.  Round to the nearest whole number. 
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This is the mole ratio of the elements and is represented by subscripts in the empirical formula. 
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2. A 14.0 g sample of a compound that contains only carbon and hydrogen is completely burned.  The resulting products are 20.49 g of CO2 and 12.59 g of H2O.   If the molar mass of the compound is known to be 30 g/mol, then what is the empirical and molecular formula of the compound?

Step 1: Calculate the number of moles of CO2 that are formed. This is the same as the number of moles of C in the original compound.

CO2 molar mass = C + 2O = (12.01) + 2(16.00) = 44.01 g/mol

(20.49 g CO2)(1mol/44.01 g) = 0.4656 mol CO2 therefore 0.4656 mol C in the original compound.

Step 2: Calculate the number of moles of H2O that is formed. Since there are 2 H atoms per H2O molecule, this is 1/2 the amount of H in the original compound.

H2O molar mass = 2H + O = 2(1.01) + 16.00 = 18.02 g/mol

(12.59 g H2O)(1 mol/18.02 g) = 0.6987 mol H2O therefore twice as much H (1.397 mol) in the original compound.

Step 3: Substitute the moles into a trial formula C0.4656H1.397

Step 4: Divide by the smallest trial subscript, so that you can simplfy to a whole number ratio 

Therefore, CH3 is the empirical formula.

Step 5: Calculate a trial molar mass for the empirical formula

CH3 molar mass = 1C + 3H = (12.01) + 3(1.01) = 15.04 g/mol.

Step 6: Divide the actual molar mass of the compound by the trial molar mass, to find how many formula units there are in the real compound

(30 g/mol)/(15.04 g/mol) = 1.995 which is almost 2

So there are 2(CH3) units in the actual molecular formula, C2H6
3. NutraSweet is 57.14% C, 6.16% H, 9.52% N, and 27.18% O.  Calculate the empirical formula of NutraSweet and find the molecular formula.  (The molar mass of NutraSweet is 294.30 g/mol) 

Answer 
start with the number of grams of each element, given in the problem. 

 If percentages are given, assume that the total mass is 100 grams so that 
the mass of each element = the percent given.
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Convert the mass of each element to moles using the molar mass from the periodic table. 
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Divide each mole value by the smallest number of moles calculated.  Round to the nearest whole number. 

[image: image6.png]Given ¥ PT.{

57.14 g x lmolC _476  1o_ys

120)g,€f 0.68

6.16 gH x LmolH _610 1H—g07~0

1013}( 0.68

1molN _ 0.68

9.52
#20x 140)g,1<f 0.68
1molO _1.70

27.18
20 15096 0.68

—molN =1

mol0 =25




This is the mole ratio of the elements and is represented by subscripts in the empirical formula. 

  If the number is too far to round (x.1 ~ x.9), then multiply each solution by the same 
factor to get the lowest whole number multiple.
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Now, we can find the molecular formula by finding the mass of the empirical formula and setting up a ratio: 
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4. 31.0 g of rust (an iron oxide) are heated together with charcoal.  A pellet of iron with a mass of 21.6 g is formed.  What is the empirical formula for the rust?
You need to realize in the problem that the oxygen is not included in the final mass, since it formed carbon dioxide gas with the charcoal, and escaped into the air.   However, you can figure out how much oxygen there was using the law of conservation of mass.

Step 1: Calculate the mass of oxygen that was in the original compound.  Since the original compound contains both iron and oxygen, the difference in mass at the end is the mass of oxygen that is reacted: 31.0 g - 21.6 g = 9.4 g

Calculate the moles of oxygen atoms that were present.

(9.4 g O atoms)(1 mol/16.00 g) = 0.59 mol O atoms

Step 2: Calculate the moles of iron atoms that were present.

(21.6 g Fe atoms)(1 mol/55.85 g) = 0.387 mol Fe atoms

Step 3: Substitute these numbers into a trial formula: Fe0.387O0.59
Step 4: Divide by the smallest trial subscript, so that you can simplfy to a whole number ratio[image: image11.png]e
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You can't have a fractional ratio (1.52) in a chemical formula.  However, if you doubled this you'd have Fe2O3.04, which probably means that the formula rounds off to Fe2O3.

5. A 2.00 g sample of ammonia is mixed with 4.00 g of oxygen.  Which is the limiting reactant and how much excess reactant remains after the reaction has stopped? 

4 NH3(g) + 5 O2(g)[image: image12.png]


4 NO(g) + 6 H2O(g)
First, we need to create a balanced equation for the reaction:


4 NH3(g) + 5 O2(g)[image: image13.png]


4 NO(g) + 6 H2O(g)
Next we can use stoichiometry to calculate how much product is produced by each reactant.  NOTE:  It does not matter which product is chosen, but the same product must be used for both reactants so that the amounts can be compared.
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The reactant that produces the lesser amount of product in this case is the oxygen, which is thus the "limiting reactant." 

Next, to find the amount of excess reactant, we must calculate how much of the non-limiting reactant (ammonia) actually did react with the limiting reactant (oxygen).
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We're not finished yet though.  1.70 g is the amount of ammonia that reacted, not what is left over.  To find the amount of excess reactant remaining, subtract the amount that reacted from the amount in the original sample.
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6. A sample contains 27.1 g of calcium oxide.  How many moles of calcium oxide are in the sample?

NOTE: Use the Periodic Table to find the molecular mass (grams per mole)
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7.  How many atoms are in 0.652 mol of iron? 

NOTE: A mole is by definition 6.0220 x 1023 particles which can generally be rounded to 6.02 x 1023.
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8. 
If 120. g of propane, C3H8, is burned in excess oxygen, how many grams of water are formed? 
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9. 90.0 g of FeCl3 reacts with 52.0 g of H2S.  What is the limiting reactant?  What is the mass of HCl produced?  What mass of excess reactant remains after the reaction?
NOTE: The limiting reactant is the reactant that limits the amount of product that can be formed and is completely consumed during the reaction.  The excess reactant is the reactant that is left over once the reaction has stopped due to the limiting reactant.  
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10. You are given the following reaction:

2 H2(g) + O2(g) → 2 H2O(l)

Calculate:

a. the stoichiometric ratio of moles H2 to moles O2
b. the actual moles H2 to moles O2 when 1.50 mol H2 is mixed with 1.00 mol O2
c. the limiting reactant (H2 or O2) for the mixture in (b)
d. the theoretical yield, in moles, of H2O for the mixture in (b) 

Solution

a. The stoichiometric ratio is given by using the coefficients of the balanced equation. The coefficients are the numbers listed before each formula. This equation is already balanced.

2 mol H2 / mol O2 

b. The actual ratio refers to the number of moles actually provided for the reaction. This may or may not be the same as the stoichiometric ratio. In this case, it is different:

1.50 mol H2 / 1.00 mol O2 = 1.50 mol H2 / mol O2 

c. Note that the actual ratio of smaller than the required or stoichiometric ratio, which means there is insufficient H2 to react with all of the O2 that has been provided. The 'insufficient' component (H2) is the limiting reactant. Another way to put it is to say that O2 is in excess. When the reaction has proceeded to completion, all of the H2 will have been consumed, leaving some O2 and the product, H2O. 

d. Theoretical yield is based on the calculation using the amount of limiting reactant, 1.50 mol H2. Given that 2 mol H2 forms 2 mol H2O, we get:

theoretical yield H2O = 1.50 mol H2 x 2 mol H2O / 2 mol H2

theoretical yield H2O = 1.50 mol H2O

Note that the only requirement for performing this calculation is knowing the amount of the limiting reactant and the ratio of the amount of limiting reactant to the amount of product. 

Answer

a. 2 mol H2 / mol O2
b. 1.50 mol H2 / mol O2
c. H2
d. 1.50 mol H2O
11. Consider the reaction of 80 g of copper with 50 g of molecular oxygen. 
(1) What is the limiting reagent? 
(2) What mass of product is formed? 
(3) What is the mass of excess reactant? 

To answer these questions we need the balanced chemical equation:
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1) Determine moles of each reactant:
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2) Choose one reactant (it does not matter which) and determine how many moles of the other reactant are necessary to completely react with it. Let's choose Cu: How many moles of O2 are necessary to completely react with 1.26 mol of Cu? This part of the calculation is done with the mol-mol conversion factors:
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3) Use this information to determine the limiting reagent: 

	The calculation above means that we need 0.63 mol of O2 to completely react with the copper. We have 1.56 mol of O2 and therefore more than enough oxygen. Thus oxygen is in excess and copper must be the limiting reagent.


4) Mass of product: Since the limiting reagent determins how much product is formed we use the moles of limiting reagent to determine the moles and mass of product:
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5) Excess mass of reactant: 

	!.56 moles of O2 was initially present and 0.63 moles were consumed in the reaction. Thus 1.56 - 0.63 = 0.93 mol of O2 was in excess. 0.93 mole of O2 is equal to 29.8 g of O2. In other words 29.8 g of O2 was in excess.


12. Consider the following reaction: 
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Suppose that a solution containing 3.50 grams of Na3PO4 is mixed with a solution containing 6.40 grams of Ba(NO3)2. How many grams of Ba3(PO4)2 can be formed? 

Solution

From the balanced equation, we have the following stoichiometric reaction 
[image: image26.emf]
Using the molar mass of each substance, we can calculate the number of moles of each reactant:
[image: image27.emf]
Thus, there are slightly more moles of Ba(NO3)2 than moles of Na3PO4 The coefficients in the balanced equation indicate, however, that the reaction requires 3 mol Ba(NO3)2 for each 2 mol Na3PO4

[That is, 1.5 times more moles of Ba(NO3)2 are needed than moles of Na3PO4.] Thus, there is insufficient Ba(NO3)2 to completely consume the Na3PO4 That means that Ba(NO3)2 is the limiting reagent. We therefore use the quantity of Ba(NO3)2 to calculate the quantity of product formed. We can begin this calculation with the grams of Ba(NO3)2 but we can save a step by starting with the moles of Ba(NO3)2 that were calculated previously in the exercise:
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