Ocean Acidification Lesson Plan: Background

California Science Content Standards Potentially Met: 

Earth Sciences 7b: global carbon cycle: the different physical and chemical forms of carbon in the atmosphere, oceans, biomass, fossil fuels, and the movement of carbon among these reservoirs. 

Biology 6d: how water, carbon, and nitrogen cycle between abiotic resources and organic matter in the ecosystem and how oxygen cycles through photosynthesis and respiration. 

Biology 6e: a vital part of an ecosystem is the stability of its producers and decomposers.

Chemistry 5d: how to use the pH scale to characterize acid and base solutions. 

Chemistry 5g: buffers stabilize pH in acid-base reactions. 

Learning goals:

1. The ability to write and understand the chemical equations governing carbonate chemistry. 

2. An understanding of what pH is and how it is buffered in the ocean by carbonate chemistry.

3. That a wide variety of ocean life forms carbonate skeletons, and that these skeletons are more difficult to make and maintain in a low-pH environment. i.e. the broader ecological implications of ocean acidification.

4. The ability to do a titration, and understand what it accomplishes. 

5. The role of a buffer. 

Acceptable evidence of understanding:

1. The ability to write out the four chemical equations from CO2 +H2O  to carbonic acid, to bicarbonate, to carbonate, and the dissolution of calcite by acid. 

2. The ability to name each chemical species in those equations. 

3. The ability to describe how ocean acidification might affect a generic or specific ocean organism that relies on carbonate secretion as part of its life cycle.

4. To properly identify the cause of today's ocean acidification (fossil-fuel burning) and the magnitude of the decline in pH.

5. The knowledge of what a low or high pH literally means in terms of hydrogen ion Molarity. 

6. To describe how carbonate has buffered the fossil CO2 taken up by the ocean. 

7. Successful completion of two labs that necessitate use of titration.  

Expected student misconceptions: 

1. The ocean needs to be acidic to have a negative effect on ocean life. 

2. Ocean acidification is the main cause for coral's demise.

3. Ocean acidification is hurting the organic parts of critters.

4. Ocean acidification is caused by us dumping stuff into the ocean. 

Timeframe: 2-3 days

Vocabulary:

Calcium carbonate: CaCO3 – a mineral formed by biotic and abiotic processes that fizzes when exposed to acid as it decomposes into water and CO2. Examples of calcium carbonate include coral skeletons, chalk, and most seashells. 

Acidic: an environment below 7 on the pH scale (an excess of H+ atoms)

Basic: an environment above 7 on the pH scale (an excess of OH- molecules)

Molecule: two or more atoms bound together. 

Fossil carbon: carbon that was last in the atmosphere >150 years ago. 

Carbon sequestration: the permanent storage of carbon in a geologic reservoir. 

Lysocline: The depth in the ocean at which seawater is no longer 100% saturated with respect to calcium carbonate. Therefore, below this depth calcium carbonate will dissolve in ocean sediments, whereas above it there will be no dissolution. 

Carbonate Compensation Depth (CCD): The depth in the ocean at which the dissolution of calcium carbonate is equal to (compensated by) carbonate supply from above. Therefore, below this depth no calcium carbonate survives in ocean sediments. 

Background information:


Calcium carbonate is an important mineral in the world's ocean, and in global carbon cycling. The majority of marine organisms that form shells/skeletons make them out of calcium carbonate (CaCO3). This works, because the ocean is saturated with respect to carbonate (CO32-) several kilometers down in the ocean, and Ca2+ is abundant and distributed equally among ocean basins. This means that wherever the ocean is saturated with respect to carbonate, minerals made of calcium carbonate will not dissolve. As a consequence, vast swaths of the ocean floor are composed almost entirely of the calcium carbonate skeletons of phytoplankton, continental shelves are littered with clam and mussel shells, and it forms the foundation of the only structure built by a living organism (other than humans) visible from space: coral reefs. 


Calcium carbonate has found its way into various human uses. Limestone and marble, important building materials throughout much of human history, are both made of calcium carbonate. Lime (CaO), which is used to make cement, is derived from limestone by cooking it to 825oC which drives off CO2. Though today it is manufactured, chalk used to be mined from places such as the white cliffs of Dover, England which are composed entirely of coccolithophorid skeletons, a type of phytoplankton. In fact, the Cretaceous, when dinosaurs roamed the Earth, gets its names from these cliffs. “Kreta” is Greek for “chalk”, and these cliffs were laid down in the time of the dinosaurs, 145-65 million years ago. 


Calcium carbonate is also responsible for controlling the amount of CO2 in the atmosphere on 100,000 year time scales. It is weathered by combination with acid. This acid is formed as CO2 mixes with water in raindrops, and falls to the Earth. The drops hit CaCO3, and react with it to form 2 HCO3- molecules (one from the CO2 + water, and one from the CaCO3 + one of the H+ ions from the water). This removes CO2 from the atmosphere, and eventually delivers it to the ocean. The rate of this carbonate weathering ultimately determines CO2 in the atmosphere (human activities excepted), and is controlled by the amount of calcium carbonate exposed or being subducted during any given time period. 


In the modern world, this reaction is very relevant to ocean acidification. Today's ocean is loaded with carbon in the form of carbonate, bicarbonate, and carbonic acid. In its slightly basic (pH ~8.1) state, bicarbonate is the favored chemical species (figure 1). Organisms such as coral and foraminifera take up the bicarbonate, raise the pH in a vacuole within the cell to favor the formation of carbonate (figure 1), then combine that carbonate with Ca2+ ions to directly form their shells. Photosynthesizers, with the help of the enzyme carbonic anhydrase, convert HCO3- into CO2 which they can then use to form sugars and to grow. 


However, in order to convert bicarbonate to carbonate, calcifiers must get rid of a proton. If the pH of the water is lower, this will become more difficult, since there will be more protons in the ambient seawater, and thus calcifiers will have to expend more energy to fight against the gradient. This is energy that could be spent on other vital functions, and thus the lower pH gets, the greater the disadvantages calcifiers will face. 


The carbonate and bicarbonate ions also buffer the ocean, helping to keep its pH high. Thanks to this buffering effect, about ½ of the carbon that has been released from fossil fuel burning since the industrial revolution has been absorbed by the ocean. The ocean sink for carbon is huge, but finite. As CO2 combines with water to form H2CO3 (carbonic acid), one of the H atoms breaks off and combines with a carbonate (CO32-) molecule to from two HCO3- (bicarbonate) molecules. The result is that there is one less CO2 molecule in the atmosphere, and there is one more H+ ion in the ocean, thus lowering ocean pH. This reduced carbonate concentration increases the solubility of calcium carbonate. This increased solubility makes it harder for animals to keep their shells from dissolving once they've been formed. This in turn could have several consequences for global carbon cycling, and for ecosystems. 


Ocean pH has decreased by about 0.1 pH units since the industrial revolution, which corresponds to a 30% increase in the amount of H+ ions in seawater. It is important to note that even at the warmest period in the last 65 million years of Earth's History (55 million years ago, the Paleocene-Eocene Thermal Maximum) when atmospheric CO2 was in the thousands of ppm (as opposed to 390 today), the ocean was still not acidic. The lowest oceanic pH was ~7.2, measured in deep and intermediate waters.

Figure: The balance of dissolved inorganic carbon chemical species (i.e. CO2, HCO3-, CO32-) as a function of pH. At any given time, the species of inorganic carbon in the oceans are in equilibrium with each other. For example, at the modern pH range, most of the inorganic carbon exists as bicarbonate (HCO3-). The next most abundant species is carbonate (CO32-) with approximately 1/10 as much as bicarbonate. CO2 is the least abundant with less than 1/100th as much as bicarbonate. However, if you shift the pH, the proportions change. At a pH of ~9, for instance, carbonate becomes more abundant than bicarbonate. At a pH a little less than 6, CO2 becomes more abundant than bicarbonate. The consequences of a lower/higher pH for marine organisms are discussed above. [image: image1.emf]http://dge.stanford.edu/labs/caldeiralab/Caldeira20downloads/RoyalSociety_OceanAcidification.pdf#page=51

