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AP Chemistry Lab #1: Exploring Water Hardness 

 

Ask a Question: How can I design an experiment to separate and quantify the unknown concentration of Ca2+ 

ions as mg of CaCO3 per liter in a 50 mL sample of water?  

 

Have you ever had difficulty lathering soap or find that the scum in your shower constantly needs to be 

removed?  While this is not as common in Georgia, as other locations, these are signs of “hard water.” Soap 

doesn’t lather well in hard water because metal ions, such as Ca2+, form precipitates, creating “soap scum.”  

Because this happens, soap is a less effective cleanser in hard water.  While these metal ions are generally 

harmless, hard water has other disadvantages, such as “boiler scale.”  Boiler scale is a scaly buildup of the 

precipitate of calcium carbonate, CaCO3, which occurs when the calcium ions in hard water have precipitated 

with dissolved carbonate ions, CO3
2-.  Boiler scale can reduce the energy efficiency of water heaters and 

ultimately result in increasing layers of salt deposits. It is also why we use distilled water in our autoclaves and 

hot water baths. One way to control the formation of boiler scale is through water pretreatment, such as 

installing a water softener, again these are not very common where we live. Water softeners typically replace 

Ca2+ ions with soluble Na+ salts. Other water softeners cause the calcium carbonate to form before the water is 

circulated to the water heater. When the hard water within your home is 120-150 mg/L as CaCO3, it is 

recommended that a water softener is installed.  If the hardness falls between 60-120 mg/L as CaCO3, the 

hardness is considered to be moderate and acceptable to use without a water softener. Hard water may contain 

various metal ions, including Ca2+, Mg2+and Fe2+.   In order to fully determine the hardness of water, each ion 

must be isolated separately.  These ions or analytes can be isolated by precipitation reactions and collected 

through a process called gravimetric analysis, where the precipitate is isolated, purified, dried and massed.  

From the mass of the known composition of the precipitate, the amount of the analyte in the original solution 

can be calculated using stoichiometry.  The following reaction is an example of this process: 

 

Ca2+ (aq) + Na2CO3 (aq) → 2Na+ (aq) + CaCO3 (s) 

 

Once the salt is precipitated, it can be collected through filtration. All of the impurities should be removed from 

the precipitate through washing and drying. 

 

P1. Write the complete and net ionic equation for the reaction that occurred between the sodium carbonate 

and the water sample.  Remember your water sample contains calcium chloride. 

 

Materials Available: 
 50-mL samples of calcium chloride solutions (unknown concentrations) 

 50-mL samples of 0.50 M sodium carbonate solutions   

  250-mL beaker   glass stir rod  labeling tape 

  100-mL graduated cylinder  pipettes   ring stand  

  utility clamp     Buchner funnel  filter paper 

  Erlenmeyer vacuum flask with hose balance  distilled water bottle   
       

  
Research the question: Design your own experiment to collect evidence and data to answer the question. 

Create your own data table from the procedure you design. Answer the six questions below as you conduct the 

investigation: 

   
1. How many grams of precipitate were collected?  What was the precipitate? 

2. The sample of hard water (CaCl2) that you were given was concentrated 200 times in order to 

produce a more significant precipitate.  Therefore, your hard water sample is only 1/200 of the 

original sample of water.  Given this information, calculate the hardness, in mg/L as CaCO3 of the 

original water sample? 
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3. Based on the amount of CaCO3 produced, calculate the moles of calcium chloride in your original 

solution. 

4. Which was the limiting reactant in this experiment and why? 

5. If your hard water sample actually contained 2.00 grams of CaCl2, what was the theoretical yield of 

CaCO3 produced in this lab? 

6. Using calculation #5, calculate your % yield of CaCO3 produced in this experiment. 
  

 

Make your claim based on the data and evidence you collected.  
 

 

Summarize and Reflect: 

 

1.  Why was the precipitate heated twice in the drying oven? 

2.  If you forgot to wash the precipitate that was first collected with distilled water before drying it, 

would the mass of the precipitate be larger or smaller?  Explain. 

3.  Reflect on the methodology you used in your experimental design. 

4.  Were your results replicable? How could you decrease the uncertainty of your results? 

 

Post Lab Questions: These may also be incorporated into your summary and refplection. 

 

1.  Based on the results of this experiment, if 50.0 mL of 0.60 M Na2CO3 was used instead of 50.0 mL 

of 0.50 M Na2CO3 would the amount of precipitate produced be more, less, or the same as what was 

produced in this lab.  Explain. 

2.  If excess Na2SO4 (aq) is added to a 42.53 mL sample of Ba(NO3)2 (aq), what is the formula for the 

precipitate? 

3.  In question #2, if the precipitate that formed was 3.46 grams, what was the molarity of the 

Ba(NO3)2? 

4.  A 5.000-gram mixture contains strontium nitrate and potassium bromide.  Excess Pb(NO3) 2 (aq) is 

added to precipitate out 0.7822 grams of PbBr2 (s).  a) What is the % by mass of the potassium 

bromide in the original mixture? b) What is the percent by mass of the strontium nitrate in the 

original mixture? 

 

 

 

 

Please self-assess your report using the STEM Journal rubric. 

 

A.R.M.S. 

 

 


